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Preface to the Seventh Eldition 


In this edition the style of the presenution and arrangement of differ¬ 
ent topics of sixth edition has been kept unchanged. 

Main Features: 

Main features of this new edition are; 

• In this edition a new chapter entitled as “Electrode Potential and 
Their Applications" (Chapter 22) has been added at the end of the 
book. This chapter has been introduced by many Indian Universi¬ 
ties in the syllabus of their B.Sc. (Honours) Course. The study of 
this chapter is very important since the knowledge of electrode 
potentials has been used to predict whether a given redox reaction 
will take place in the forward direction or not. 

• In Chapter 22 a large number of numerical problems, along with 
their solution, has also been given. Solving these problems involves 
the use and application of various concepts studied in this chapter. 

• The printing mistakes noted so far have been corrected. 
Acknowledgement: 

We express our sincere thanks to our studertts and fellow-teachers 
who have been sending us their valuable suggestions for the improvement of 
the book. We are extremely grateful to our respected Managing Director, 
Shri Ravindra Kumar Gupta, Shri R.S. Saxena (Advisor), Shri Navin Joshi, 
General Manager (Sales & Marketing), and Shri Dharmeiidra Jha (Asstt.! 
Editor), S. Chand & Company Ltd. for the valuable and active correlation 
they have extended during the publication of this new edition. 

Our thanks are also due to Shri Virender Singh, DTP operator who has 
taken pains in composing and designing the book according to our instruc¬ 
tions and to our complete satisfaction. He has thorough knowledge of com¬ 
posing chemistry books. 

A Request: 

- We humbly request our students and chemistry teachers to send us their 
constructive criticism and suggestions which we shall be using in the publi¬ 
cation of the next edition. 
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Preface to the First Editioo 

During .the last few years, the Bf«tr(fs of Studki in Chemistry 
of the various universities it> India hav4 been trying^to overhaul and 
Bwxlemise the syllabi at the under-graduute and post-graduate lievel. 
There has accordingly been a distinct, change in approach and coa- 
teut with the result that a shortage of suiiitbk texts written on these 
lines uhis being heeo]|y felt. The authors Seek justification in present¬ 
ing the present voiaihe in the sincere, a’ttenapts that they have made 
fo f«ir the gap. 

Considerable thought has been given to the sidection opf 
fdir discussion. As thb b<^k has been wriHen priinarHy for the u$eu>f 
9..Sc,. (Hoot:') and M.&. students, most of the top^s deal'widi the 
t|t»>VeticaJ aspect^ o| Inorganic Chemistry,. Great care has been taken 
to elucidate the .fu^menXi^ and the approach to discussion is 
luodern tttroMghowU Particutarahentionf-niay ^ made jn this connec- 
tton df the Chafiters on Stsucoire of ihe Atooit Chemical 'bonding, 
InW TragsUtioiretstnents and CoocdinatiQU.Chcoustryv 

A sp^aMeahhe of the hbok is that the text has been iRii$- 
trhwd wlUt • Urge number of line diagraius and the. data presents 
Jn rhefoitfi dThumetous tables for reference and comparison. 

Ih the preparation of the text, standard works and reviews by 
rehiMmed authors have been freely coKult^ and the referenhes 

t ew cbaptei^wisc at the end of the bodk will be found useful by 
.ne who wish to make % more detailed study of the topics 
dis^Hded. 

Ihe a^ion "^^sh to thank an those who bdped in the pre- 
pargiUni^tha tsiot ilhutradons.. Since drawbacks grid batter 
methetU <^ prsscntaJTOn aije als^ys there, suggestiemh . foe improve¬ 
ment aod OTtiem b# fratdully-receiv^ and acknowledged. 

I8jy Authors 
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(B) Miscdbuieoiw AbhreTistions and iuportaat Rchitioiis 
These are given chapter-wise as follows : 


Chapter 1. Stmctare of the Atom 


AbbrerialkMS: 


A 

cm"* 

Hz 

V (Nu, 

t 

A (Lambda, h«n) 


Plank’s constant 6-62 x 10'*’ ergs) 

Wavenumber 

herz, sec** 

Frequency (cm** or Hz) 

Velocity of light 
Wa^ length 


E 

Rh 

A* or A 

pm 

nm 

r. 

ri 

£, 

E, 

n 

I 


Wave number 
Energy 

Rydberg constant or Rydberg number for hydro¬ 
gen (= 109,679 cm"*) 

Angstrom unit (1 A® <= 10'* Cm) 
pkometer 
* nanometer 

Radius of the nth orbit of hydrogen atom 
Radius of the 1st orbit (called Bohr radim) 

Energy of an electron revolving in the nth orbit 
Energy of an electron revolvinjg in the Jst orbit. 
Principal quantum number 

Azimuthal quantum humbef (Also called erbitaf 
angular momentum quantum number) 


m 

s 

S 

L 

J 

tu or dt 
eg or dr 


Magnetic quantuih numbeC tm also denotes the 
massjof an electron) 

Spin quantum number (Also called spin angular 
momentum quantum number) 

Resultant spin angular momentum qxiantum 
number ^ 

Resultant orlutal angular momentum quant^ 
number | 

Resultant inner quantum number (also called 
angular momentum quantum number) 

A set of orbitals consistii^ of 4», dg, and d„ 
atomic orbitals ) (These Are called non-axial 
orbitals) 

A set of orbitals consisti^ of djfi_j;tnsAd^ 
atomic orbitals. (These are called axial orbitals). 
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-1 


, Relations ; 

(1) Einstein’s mass-energy relationship : E = me* 

(2) Plank’s equation : E =i hv 

(3) Rydberg’s formula :V = = Rnf——cm 

A \m* .n*j 

(4) Angular momentum of an electron, mvr == n ~ 

2-iz 

This equation represents the principle of quantisation of angular 
momentum of an e ectron with mass m and revolving in an orbit 
ot radius r with velocity v ^ ® 

(5) Radius of nth orbit, r„ = —.. 

A-K*me* 

(6) Radius of the first orbit of 
hydrogen aftom (called Bohr radius), r^ 

(or TH or a<,) = 0 53 A” 

(7) r„ and r^ are related as : 

/■« = (rixn?> A" = (0-53.xn*) A“ 


(8) Centrifugal force =-(--■ 


mi'* 


(9) Centripetal force = —— 

(10) Energy of an electron revolving in the nth orbit, 
_ 2^*me* 

^ -^ 

(12) Energy of an electron revolving in the first orbit, 
El s=* — 21'79 X10'“ ergs/atom 
a= —13-5 cF/atom 
=—313-6 kcal'mole 

<13) En a^nd Ei are related as . 

V j 

En —£,x— eK/atom 

== — 13-6 X eF/atom 


(14) (Rh) 

(15) 

(16) 


2-nU*m 


cat 


ii*c 

2r;*e*m 1 


= l(19,679.'cm-^ 


|Vm 1 1 \ 


2n*6*mf 1 


or 


or 
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4 = 109,679(4.-^) on-. 


— 1 

V 


(17) Principal quantum number, n = 1, 2, 3. . n 

Azimuthal quantum number, / = 0, 1,2,.(«—2), 

(n-1) 

Magnetic quantum number, m = 0, ±1, ±2, 

Spin quantum number, j = +i, —i 

(18) Multiplicity = 2S+1 = 2x^ +1 = « + l 

(19) Ground state term of an atom or an ion 

Multiplicity 

= Lj = 2S+IL, = •+1L, 

. ^ h 

(20) Heisenberg’s uncertainty relaUon : /^xx /\p 

or AEx AT 

(21) Schrodinger wave equation ; 

^51 . ^ . ^^+«^~-(E-P.E.) y - 0 

dx* ^ dy* ^ dz* ^ h* ^ 

d* d* , d* 

Laplacian operator, V* = d^'^dp^ 

Schrodinger wave equation for hydrogen atom : 

E +-2.) ■r = 0 

dx’ ^djx +<fe’ * h‘ \ X I 

(22) Order of energy of various atomic orbitals for poly- 
electron atoms {Aufbue Principle) 

—--Energy increasing- * 


li < 2 j < 31p <38 < <3p < 4s < 3d < 4p < 5s < 4d 
< 5p < 6 j < 4/ < 5d < 6p < 7r < 5/ < 6d < 7 j < 8j. 

(23) Order of filling of atomic orbitals with electrons : 

__Orbitals being filled---► 

li* (Hej), 2r* (Be^), 2p« (Ne.„), 39* (Mgir), 3p» (Ar^,). 4r* (Ca,o), 
3di«(Zn3o), 4/)*(Kr3,), 55* (Sr^), 4di'> (Clu^), 5p» (Xcs*), 7j* (Ba*,). 
5di (Lasr). 4/*‘ (Lu,i), Sd^ (Hf,* tc Hgso). 

Chapter 2. Extended or Long Form of Periodic Table 
n Number of the period 

TE’s Transitional Elements 

Z Atomic number. . 
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Gbiptcr 3. Periodic Properties 


Abbreviations: 

TK 

Radius of an atom A (called atomic radius) 

r*^ 

Radius of p. cation, e+ (called cationic radius) 

r,- 

Radius of an an^, or (called anionic radius) 

ea 

Approximately 

dx-B 

Internuclear distance between atoms A and B (called bond 


length) 

xa 

Electronegativity of atom A 

(Z*//)*+ 

Effective nuclear charge 4cting bn the cation, c+ 

C.N. 

Coordination Numbef 

Rr 

Radius ratio 

Ia Of 


(IP)a 

Ionisation potential (or ionisation energy) of atom A 

Ea or 


(EA)^ 

Electron affinity of atoms A 

Ea.. 

Energy of A—B bond 

Aa.b 

lonioresonance energy of A—B bond 

Kcal 

Kilo calories 

eF 

Electron volts 

MeV 

Million electron volts 

KJ mol-^ 

Kilojoulm per mole 

ccp 

Cubic close packed 

hep 

Hexagpnal close packed 

Relations 

\ 

(1) 

dx^A •= fA+fA 2rA 

(2^ 

Sebomaker and Stevenson equation ; 


dx-B •= fA+fB+O’Oy (JTa—Xb) 

(3) 

Radius ratio, R, = — 

'a 

(4) 

Pauling’s scale of electronegativity : 


xa-Xb= 0 - 268 j^ Ea-aXEb-b 


(5) % ionic character in A—B bond . 16 (jta—J tB)+3-5 
(xa-xb)* 
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Chapter 4. ChcadcaJ Booding 


Abbreriatloiis : 

(U)mx 
n 
b 

2+, t. 

A 


Lattice energy (also called crystal energy) of MX crystal 
Born exponent 
Repulsion coefficient 

Charges carried by cations and anions respectively 
Mandelung constant 

^ potential (also called charge density) of cation. 




M«+ 

Solid state 


(/) or (Uq) Liquid state 
(g) Gaseous state 

(ah formation of MX crystal 

(AH«ft Heat of sublimation of one mole of solid M 
(AH^ dissociation of one mole of Xi. 


Relations: 

(1) Born-Lande equation: U =■ 1 _ 

(2) Born-Haber cycle equation foi MX crystal: 

- ( A"- )„ +1 

+(f +(E Abe+( U)mx 

(3) Ionic potential (or charge density), 4 a on cati^ 

Radius of cation 

Chapter 5. Native of Covalent Bond and Shapes of Molecules. 
Ahhreviations : 

VBT Valence Bond Theory 

MOT Molecular Orbital Theory 

LCAO Linear Combination of Atomic Orbitals 

AO Atomic Orbital 

MO Molecular Orbital 

<i‘-MO Sigma c^ndi/jg molecular orbital 

c*-MO SigmaantMionding molecular orbital 

•»c*-MO Pt bonding molecular orbital 

it*-Mo at anti-oomlmg molecular orbital 

VSEPR ^leuceSheB'ElecUonRaDr Repulsion 
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bp Bonaing pair of electrons 

Ip Lone pair of electrons . 

B.P. Bond Order (Also called bond multiplicity) 

Ub Number of electrons in bonding molecular orbitals 

n. Number of electrons in antibonding molecular orbitals 

(2c—2e) bond Two-centre-two-cfectron bond 
(3c—2e) bond Three-centre-two-electron bond 


Relations : 

(1) Bond order, B.O. = i (W6—Wo) 

(2) Order of energy of molecular orbitals of a homo- 
nuclear diatomic molecule {A 2 type molecule) : 

---Energy increasing---- 

<^2.*' < ®2.* < -x" =- < c,” < = -»* < a»* 

(3) Order of the magnitude of the repukive force existing 
between electron p.airs : 

. (Zp-/p) > (Ip-bp) > (bp-hp) 

Chapter 6. >fodern Concepts of Acids and Bases 


(1) SHAB Principle of Soft and Hard Acids and Bases 

(2) Conjugate acid-base pair : 

Conjugate acid-base pair 


r- 

Acid I -H 
(e.g. HCl) (c. 


Bascg 
g. H*Oi 

U_ 


Acid, -t- Base] 
(H,0+) (Cl) 


Gonjugate acid-base pair 

(3) A sqlt contaiping (hard acid-\-hard base) or (soft flcid-\-soft base) 
IS. more stable than that containing (hard acid^soft bbse) or (soft 
acid^hard base) 


Chapter 8. Transition Elements (tf-Block Elements) 


Abbreriations 


TE’s 

I 

B 

H 

P 

X (Chi, *rf) 


Tran^tidn elements 

Magnetic moment per unjl^yoiume" 

Total tnagnetic induction’ 01 ; rtiagnetic‘flux 
Strength of a magnetic field 
Magnetic permeability 
VoThioe susceptibility 
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X, 

Xm 

Xp 

M {Mu, 

f^ef/ 

B.M. 

C 

N 

k 

T 

25+1 

g 

n 

S 

L 

J 

Relations : 
( 1 ) 

( 2 ) 

( 3 ) 


14) 

( 6 ) 

(7) 


Gram, specitic or weight siiscepffoiiiiy 
Molar susceptibility 
Paramagnetic susceptibility 
Magnetib moment in Bohr magnetons 
Effective magnetic moment 
Bohr magneton (1 BM) 

Curie’s or Weiss constant 

Avogadro’s number 
Boltzman constant 
Absolute temperature 
Weiss const^i\t 
Spin multiplicity^ 

Ltinde splitting factor 
Number of unpaired electrons 
Resultant spin a^ular momentum quantum number 

Resultant orbitinl angular momentum quantum 
number 

Resultant angular momentum ^quantum number (also 
ciWed resultant inner quantum number) ' 


3* } 


Magnetid permcabilily,*’;P = B/H 
Volume susceptibility, . x = I/H 
Total magnetic induction. 


B = H+4«I 
B , . I 

or -g- _ J*4,g- 

or I+4irX 

X 

Gram susceptibility, X^ = -^(d = density) 

Molar susceptibility, (M = molecular 

weight) 

Paramag)?©ffti suseeptibflity, 

X. = 


3ilT 


Curie’s, eqotttron.r 

coifft 

rorr 

M 


X T = C = 


~w 


or 
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Curie-Weiss equation : 
eorr 


"jwr 


x(T-e) = c 


Also fit,/ 




corr ^ ^ 


B.M. 


•9) 1 B.M. = = 9-27'< 10'*^ ergs/gauss 

(10) S = n/2 

(11) Spin multiplicity = 2S+1 *= 2 x-^ + 1 « n+1 

(12) Lande splitting factor, 

1 , J (J+l)+5('^+l)~L (L+1) 

2J(J+1) 

(13) Ground state term of an atom or ion 

= 2S+>L, = •+>L, 

(14) (a) When the spin-orbit (L—S) coupling of unpaired electrons 

is strong as in case of tripositive i^ of lanthanides (with 
the exception of Sm*+ and Eu*+ ions), effective magnetic 
moment, fie,, is given by : 

u... = x= g v^j B.M. 

(b) When spinhorbit (L—S) coupling is weak as ip case of 
some 'ons of the metals of first transition series, effective 
magnetic moment, ft,,, is given by ; 

fit,, =■ v^L(Iv-t-l)-t-4S(S-|-l) B.M. 

(c) For the ions which have S ground stale Wrms [e.g. Mn*+ 
(•S„,). Fe*t CS,,*). U*^ (*S,), Gd*+ (%„) and Lu*+ (iSo)], 
L = 0 and hence fit,, ’S given by : 

/**// “ Ms+L * a/Li (Lt4-1)-1-4S (S-1-1) B.M. 

= 1*510 = V0x(0-i- l.)+4S (S+l) 

V4S(S-fl) 4x-|(-j+ 1 ) 

= V n(n-l-2) B.M. 

« >*spin only “ B M- 1 (Spin.only ibrmula) 

m V»(u-1-1) B.M. J 
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Chapter 10. Actinides (5/-block elements) 


Molar susceptibility, Xm of an actinide ion is given by : 

where N — Avogadro’s number, g = Lande splitting fector, 3 «» 
Bohr magneton, J Total angular momentum of atom = | L+S | , 
M => Boltzman constant, T <», Absolute temperature and a = Small, 
temperature independent tdrm due to second order Zeeman effect. 

Chapter 11. Bisic Concepts of Coordinatloa Chei^try ^ 

C.N. Coordination number (or ligancy of the central 

metal cation) 

lUPAC International Union of Pure, and Applied Chemistry 

BAN concept Effective Atomic Number'^oncept (also called Noble 
Gas Rule) 


Chapter 12. Nature of Metal-Ligand Bonding in Complexes 


Abbreviations: 

VBT 

CFT 

LFT 

MOT 

ACFT 

ti 

M-+ 

L 

Ac or Dq 


Ai 


A«p 


s 

p. 

HS 

LS 

sym 

unsym 

CFSE 


Valence Bond Theory 

Crystal Field Theory 

Ligand Field Theory 

Molecular Orbital 

Adjusted Crystal Field Theory 

Number of unpaired electrons 

Experimental value of magnetic moment 

Centra] metal cation 

A monpdentate ligand 

Energy difference between Ug and e, sets of orbitals 
in octahedral complexes (Ao or Dq is called octa¬ 
hedral crystal field splitting energy or orbital separa¬ 
tion) 

Energy difference between and e sets of orbitals 
in tetrahedral Comdexes 

energy ditterence between the highest dj^_^ orbitai 
and lowest <4i, dyi pair of orbitals is square planar 
complexes 
Resultant spin 

Energy' required tc -pnir two electrons in the same 
orbital (called aytetage or"mearipairing energy) 

High snin 
Low spin 
symmetrical 
unsymihetrical 

Crystal Field Stabilisation Energy 


( X<X 


Relations ; 


(*) Splitting power of the following common ligands to 

split the rf-orbitals into t*, and e, sets increases from 
left to right 


ci- 


I- < Br- 
CO <; OH- < QOr- 
NH 3 ~ C 5 H 3 N < en 
< CHg- < CN-.CO. 


-Splitting power increasing-- 

SCN- -Ng- < (QHgO) gPSg- < F- < (NH,). 
HgO < NCS' ~ H- < NHgCHaCOg- <’ 


< SO,*- < NHgOH < 


NO,- < o-phen 


This series is called spectro-chemical series or Fajans-Tsuchida 

series 


(2) Resultant spin, 5 = 

(3) 10 Dq = ^0 

(S) CESE for an ion having / 2 /e,r configuration 

= [-0-4p+0-6 q) 

= [- 4 /)-h 69 ] Dq 

(5) Order of MO’s and AO’s of an octahedral complex 

of a cation from 3</-series 

(a) IVhen the ligands are strangler) 

-Energy increasing-- 

d.o < = er/ = a," < = 3e/^, = 3</,, < 

= a^ 2 * < c,* < e,* = Oy* = a,* 


{b) When the ligands are weak(er) 

- - -Energy increasing —> --- 

e/ < a,» = ay*> = a," < «- < = 3t/„ = Idt^ 

= = tT,2 •<d,* < ex* = Oy* = e,* 


Cbapier 13. Isomerism Among Inorganic Complexes 
(+) or </-form Dextro-rotatory form 

Levo (or Laevo) rotatory form 
Recemic form 


(—) or /-form 
dl or (±) forpi 
(AA) 


(AB) 


A symmetrical bidentate ligand having- two A 
atoms as. donor atoms 

An unsymmetrical bidentatp ligand having A and 
B as donor atoms 


Chapter 14. Stability of J^omplexes in Aqubous'Solution 

[M], fLf, "[MU] Concentration of L and ML respectively' 

Ki, K,, K„ ''Stepwise or-successive forihation (or stabifi^vl 
q^nstents * 
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P*. Pa..P. 

P» 

IK 

E. 

Oct 

squ. py. 
pent. bipy. 
tbp 

AG" 

R 

T 

AH'* 

AS“ 

A 

t 

I 


Relations : 


Overall (or cumulative) formation (or stability) 
constants ■ 

nth overall (or cumulative) formation (or sta¬ 
bility) constant 
Instability constant 
Activation energy 
Octahedral 
Square pyramidal 
Pentagonal bipyramidal 
Trigonal bipyramidal 
Standard free energy change. 

Gas constant 

Absolute temperature 

Enthalpy (or heat) change 

Entropy change 

Absorbance or optical density 

Mole extinction coefficient 

Length of the absorption cell 

Concentration qf the complex (ih molgs/litre) 


( 1 ) 


( 2 ) 


( 3 ) 


('H 

or 

(5) 


(6) 

( 7 ). 


The nth, stepwise stability constant, K, for the 
equilibrium : ML„.n-L ML, is given by : 

V ^ [ML,] 

-[NTb,.,] {L] 

The nth overall stability constant, p, for the equi¬ 
librium : M + /1 L ML,, is given by : 


P« 


(ML,] 

[M]iM- 


With few exceptions the values of-stepwise sta¬ 
bility constants are in the order : 


-Values decreasing---- 

Ki > K, > K, K„., > K„ 

P, and Kj, K 2 .K, are related as : 

p, = K,xKjX......xIC..,xK, 

logio pn = logio Ki-(-log ,3 .logjo logjo K„ 

Natural order (also called hving-WiUiain order) of 
stability of the high-spin comnlexcs of the ions 

foHowT- ^ ligand is as 


Mn*-t- - Fe*-^ < Co*+ < Ni*+ < Cu*+ < Zn*+ 

-RT/«p=^G-'=AH'-T . AS’’(AH» is negative) 
Absorbance. A. ot a complex = s / c (Beer's Law) 
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Chapter 15. Ligand Substiiufion Reactions in Octahedral Complexes 
Reaction energy 

X...Y...Z Transition state or activated complex 

Sn Nucleophilic or ligand substitution reactions 

Se Electrophilic or metal substitution reactions 

Substitution (S) nucleophilic {N) uni-molecular or 
first order (1) reactions (Also called <//5soc/ar/on 
mimolecular reactions) 

Sn* Substitution (S) nucleophilic (N) bituolecular or 

second order (2) reactions (Also ceAle4^9Sociation 
or bimolecalar displacement reactions'^ 

CB Conjugate base 

Values of some physical constants 

One Bohr magnetob- (IBM) 

= 9'27 X10'” ergs/gauss 

Planck’s constant ^gas constant per molecule) (A) 

' = 15-6256 X10'*’ergs-sec 

Kyqberg’s constant for hydrogen (Rh) 

= 109,679 cm-i 

jtloltzman constant (A) 

= 1-.38 X10'“ ergs/deg/mole 

Universal gas constant (R) 

= 1-9872 cal/deg/mole 
= 8 31434 Joule/dcg/mole 

Radius of: 

Hydrogen atom (Bohr radius) (r^ or rn or a,) 

» 0-5297A'’ 

= 0-5293 ,x 10'* cm ^ 

Proton ™ I0'“ cm (calculated) 

Electron = 10'“ cm (calculated) 

Rest mass of: 

neutron, *no ('"n) = 1-675 x 10'” kg 

»= 1-0087 amu 
= 939-6 MeV 
proton, or (m^ 

1-67x10'” kg 
= 1-0073 amu 
- 938-3 MeV 
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electron, %.i ipwii) » f‘11 X10"** Kg 
t» S-ggt * 1ft'* «»« 

^O-SllMeV 

Jm^iuiB nucltnt, *iiei 

g-od^s mu 

Cfaarge Cn : ^ 

elytron *= 4-80298 x 10 *® «« 

•* I'60210 X10 " coolombs 
proion »= l-OOllOx 10" coufoinbs 

Velodty ©f Hgte iti vacnam (c) 

>« 2-99322s K10" cm/sec 

Avogadro's number (N) 

e- 6-023 X 10“ |>er g-inote ©r g-atom 
t« 6023 X10“ pw Kg-motexyii Ifg-aiom 

1 Atomic mats unit {amn) 

- 106x10 “Kg 
^ 931 MeV 

Energy ©f tiNt elwtimt itaUm M etWl flS%b 

*» -ai‘»x40 “ et|^ W©m- 

mt 

•^313-6 Insit/iBole 
pHn) ** 3*14 

iMMgf. MW l'I Urt l ffRCflin 

I kcai/inole *• 3f0-00©mf* <wav«,wi«>sjxrt 

m- <H)^3 el^^artfcle 
6-941^x10^** er|s/motn 
•M 4‘ll40 Idulct/moi© 

1 cm** (wavc-iiumbar) 

2-6393 X10 ^kcatl/iAdk 
•a. 1*219X lO'* fel'/P«rticle 
=1 I'OtOxlft^-ergs^inoie 
aaa 11*363 Joules/n^tb 
1 cl'/particte i t3-<f60.kcalftnpte 
« 8065-7 
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1*602 X10'^* ergs/'mole 
= l*602xl0‘” Joules/mole 

1 eig/mole 

■-= 2-390x10-“ kcal/mole 
^ 5-0348 X10** cm"* 


= 6-242 X 10** cF/particIe 
» 10"’ Joules/mole 

1 louie/mole 

0-239 kcal/mole 
=»4) 0835 cm"* 

«=^-6-242 X10** cK/particIe 
=, l<r e^moie 

1 kj/mole 

= ^^-54 cm"* 


LeiuS^t Coinreirsiioii Factors 
1 angstrom (1A os lA, , 

' = 

1 toanometer (1 nm)^ JftA'* lO*’ cm 
1 picometer (1 pnf) ^ KJ-^* «= ID'W cm. 


Namrrifat •pce0xes 


(The jfrefixes in parentiiesel are lfe$»i}sed) 

Jhix\ <>r setoi; l-jBit)hp<>r nhi; If—sesqui; 2—Di or Bi 

; 3-tri or ter (/r«^ j 4-tetra or qvadri (tofroJtir) ; 5-penta or 
Qutnque (pentakh ); fi-hexa or sexa (hfxpkii ): 7-hipta orsepta ; 
8—ocla , 9—nona or emtea ; 10—decaor decena ; 11—undeca or 
henadeca ; 12—dodeca; etc. 


Prefixes for 


oi luiits 




Symbol 

fbetor 

Prefix 

SynAol 

IQit 

tetn 

T 

lO^t 

cetati 

c 

10* 

flxa 

G 

10-* 

mini 

m 

10* 

inega 

M 

10"« 

micro 

a ^ 

10* 

kilo 

'*■ 

itr* 

: nano 

- m 

lOf 

beotc 

* 

lOr**, 

^ pico . 

t. 

10* 

^frm 


10"» 

fepto’ 

! / 

10-* 

ded . 

4 

10"**, 

atto 

■ ' 
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Greek Alphabets 




A 

a 

Alpha 

N 

V 

Nu 

B 

» 

Beta 

S 

5 

Xi 

r 

Y 

Gamma 

o 

0 

Oipicron 

A 

9 

Delta 

n 

7C 

Pi 

E 

t 

Epsilon 

p 

P 

Rho 

z 

K 

Zeta 

s 

a 

Sigma 

H 

ri 

Eta 

T 

T 

Tau , 

e 

e 

Theta 

Y 

U 

Upsilon 

I 

1 

Iota 

<I> 

4>. 9 

Phi 

K 

k 

Kappa 

X 

X 

Chi 

A 

A 

Lambda 

'V 

+ 

Psi 

M 

/* 

Mu 

ft 

CJ 

Omega 
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Stnictlire of th® Atom 


quantum mechanical ANDWAYE 

^ , mechanical APPROACH 


PLANK’S QUANTUM TH«»V OF RADIATION AND EINSTHN’S 

extension. 


extension. .4, 

Pl ink in 1901 studied the energy 
from hot (h'tek) 

)ut forward a theory known _ absorbs the; 

c“d lua, 

and the frequency, 

E=/iv orF='-^( V V— 

{. . - ^ i- \ where c^velocity of radlkiipn (Cin/^) 

V ■ " ^ ' - ./* Km ^ 

A=watelen^h (in ciiis):tnd v -wKve number.^ 

,905 Emstci. «,codod 

that the energy, Each Ea^fhe called a 

but is also prop^afC^«« ^ a, ptuftklo 

^J.wlcf.'hJmas^Stc’^y'^l reUdma 

ship. 

at low th?vSle^SSet and infra^wd nvtm. 

of a number of fWcs in the visio ♦« « oarticriar frequency. 

Each, line of the spectrum correspond* to a P*r»c««‘f'H 
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Structure of the Atom 


wavelength, A i^d the wave number, v of each soectrai im#,/if 
Baliner «eries «.giveh by • spectral line of 


■T"*"(^-^) 


S I'St - 

fJ! H) ” lines-respectively in the hydrogen spectrum (See 


't*3 4..^ s. ^ 

013313 


6 7 B 


<■ 

°0C 

si 


< 4i 


1 


^■5 




!0 

VO 

>»• 

n> 


dTon^inuous 

speefram j 


Fig. M. Balmer serin of atomic hydrogen in the excited state. The dark 
lines show the bright emission lines of the spectrum. 

®*P?”™*ntal value^ Rh for the visible lines of hydroeen 
spectrum has been found to tc equal tc 109,678 cm *. ^ 

o. *7^^*'*, finlmer’s formula as given above served 

a^valuabie clue to Rj^berg who made a detailed study of the 
spec^m and gave m 1889 a general relationship f^^h^wive 

This formula, known as Rydberg’s 
formula, can be written in a simple form as : yaoerg s 




whw R«==Rydbeii^s constant and m and n are two integers Mlled 
wmer srries, m»2 and n for the successive six lines is 3, 4, 5 , 6, 7 
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The values of m for various series and those of m for th^S Stic* 
cessive lines in the same series axe given beiow in Table 1-1. 

Table 1-1 Values of ai and a for variout series 


Spectral Series 

Value aftn 

Value of n 

Spectral Region 

Lyman Series 

1 

2 . 3 . 4. 5 ... 

Ultra-violet re^on 

Balmer Series 

2 

Sp €••• 1 

Visible region 

Paschen Series 

3 

4. 3 . 6 . 7 ... 

Infra-red region 

Brackett Series 

4 

5 . 6 . 7 , 8 .- 

Infra-red region 

Pfund Series 

5 

6 , 7 . 8 ... • 

Infra-red region 


Thus by assigning suitable values to m and n as indicated in 
the Table we can calculi£te the value of the wave number, v and the 
wavelength, A of the spectral lines. 

Ritz Combination Principle. Hiis principle States that by combin¬ 
ing the two terms that occur in Jiydberg's or Balmer's formula, other 
relations can be obtained which will represent new lines and even new 
spectral series, e.g. series other than that of Baliber in the hydrogen 
spectriim were predicted even before they were actually discovered 
Paschen and Brackett. Considering the first two lines viz Hu and 
of tbe'BaJmer series, we can net the wave dumber of a new line 
as follows: 

) and ^ 

Thus v 0 - V,=""iri 

This equation gives the wave number, (vf—v«) of anew line 
which is actually the first line in a new series namely Paschen series 
appearing in the infra-red region. Similarly it can be shown that 
the wave number of the second line of the same series is equal to 

vy—va and so on. In the same, manner another series namely 
Brackett series discovered by Bracket can be obtained. 

BC»1R*S A-nXMIC MODEIr-QUAMTUbl bBCHANICAL CONCEPT 

Rutherford’s planet-like model of the atom was pontests# by 
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IMIyr in 1913 ea. two groitnte': 



(f) AccorUiitg to clussicttt niccha- 
0ici. whcnv'vcr a charged particle 
is l« aceeierdtiiai, it emits 

radiation and loses cpcipy. Ah 
electron revolving found the nucleus 
wcwld, thercfoie, be cemtimwily 
acoeiCfated towardr the centre 
of the orbk and consequently emit¬ 
ting radiation. The result of this 
wottJd be that the radius of ettrva- 
Ujre bf its path {i.e. cxfbit) would gO' 
'on decreasing and due to spiral 
lliptioni the electron wouM Anally 
fail int© the nucleus when all its'rotatioKal enefgy Itas been spent on 
the ettCtfomaghetic radiation and the atom would col lapse. XS'ee 
, I‘2). No such thing is, hcMvever, observed. 


Fig. t'Z An eiecuoa in the 
RudlWtiGa’d AKMic M^l 
spirals Hitd’ the ntictem ai it 
radiates .apei^ due to 
WCcelcratiOn. 


O'A If the electrons lose energy continuously, the observed 
atoui.ic spectra should be continuous, consisting of broad hands 
gieigttig one into the o|h/if. The observed atomic spectra, however, 
eoasisfs of welfdeAned lines of deAnite frequencies. 


To overcome tnese two ,objections and also to explain the 
aiMCtra of hydrogen atom he proposed a q^itum mechanical mode! 
of the atom based on (jutaniai iWrjr of Radiation. 

PbsMlateS 'df Qdhr’s Theory, (i) Each orbit round the nucleus 
^ associated with a deAnite amount of energy and the orbits arc, 
therefore, are called enerer levels or main energy shells. These 

abells are numbered as I, 2, 3,..starting from the nucleus and arc 

designated by capital! letters : K, L, M..respectively. The energy 

ixoci'ated with a certain energy level increases With the increase of its 

fUstance from the nucleus. Thus, if Ei, Ej, Ep.denote the energies 

associate with the energy levels numlwrcd as 1 (K-shell), 2 (L-shcll), 
3 (M-shell).. these arc in the order : 

Ei<E,<Es<. 

Thus an outer energy level has higher energy than an inner 
energy level. 


While revolving round the nucleus in a Axed orbil, the electron 
neither loses (i.c. emits) nor gains (absorbs) energy, i.e. its energy 
remains constant as long as it is revolving in a particular orbit. 
Under this condition the atom as a whole is said to be in a stationary 
amgy Mate or simply in statidaary state. 

Energy is, however, emitted or absorbed by an atom when an 
electron jumps from one engrgy level to the other. The amount of 
energy (A^E) .emitted or afaiiMbQd in this type of jump of the electron 
is given by Plank’s equation. Thus : 
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where v is the frequency of the energy (ladianon) emitted or 
absorbed. 

(«) Although there is an infinite mtmlier of circular, concentric 
orbits in which an electron be expected to move about the 
nucleus, the electron can more onljf m orbit in which the angular 
momentum of the electron (/mr) is i.e. the angular momen¬ 

tum of the electron is a whole nmiber mtAtiple ofltlJ-n. This is known 
as principle of quantisation of anguiae momentum accordirig to which i 

A % 

m%'r=n. 

2 w 

where /n==mass of the electron, e^tangerttial Velu^ty of elec¬ 
tron in its orbit. p=distancc between the e^tron and ihiclcus and 
/r-a whole number which has been caJted qaaatiin naild)^ 

by Bohr. It is the number of the orbit in which the electron is . 

revolving and can have the values 1 , 2 , .for the main energy 

levels numbered as I (K-shell), 2 (Lnibciil, T (M-shell),......starting 

from the nucleus. 

BOIIK’S THEORY FOR HYDROGEN ATQM 

By applying the concept of quantisation of energy and the laws 
of classical mechanics, Bohr in 1913 wtorked out a number of mathe¬ 
matical expressions such as those, of radius of nth orbit, energy of an 
electron in the /nh orbit etc. These expressions gave a-satisfactory 
explanation for the hydrogen spectrum etc. 

(I) Radius of the nth orbit (r«). Imagine nucleus of a hydrogen 
atom having one proton of charge 4 c The ele(^tron with charge 
equal and opposite to -\-e (i.e. with —e) revolves round this nucleus 
in an orbit of radius, r. Let v be the tangential velocity and m the 
mass of the rwolving electron. 

Evidently on the revolving electron two types of forces are 
acting : (i) Centrifugal force which is due to the. motion of the 
electron and tends to take the electron away frons its orbit. It is 
equal to 4 -m»’/r and acts outwards from^he fipcleus. (u) Centripetal 
force (also called electrostatic force of attraction) which exists 
between the revolving electron and the'nucleus and tends to pulf the 
electron towards the nucleus. It is given by Coulomb’s inverse 
square law and is, therefore, equal to —exe/r*= —e*/''*- jt acts 
5 .-^xvards the nucleus. 

In order that the electron may keep on revolving in its orbit, 
these two forces, which act in opposite directions must balance 
each other, i.e. 

e* ffiv* 

'w~~r 



From the principle of quandwation. w allied. 40 the revolving 
electron, we know that m»i>=,*A/2ii or t’*sp‘A^/4w*m*r*. Comparing 

this equation with the above eqvKMXofi'we get ; : ’ ^ . 
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"mr 47 c*»iV* 


n»A» 

or 

4ti^ 


n»A* 

or 



where r»=rajdius of the orbit. 

Sjjpice all the terras on the right hand side of the above 
equation, except n, are fixed, radiusorthe nth orbit is proportional 
to n* {i.e. tn « «*). 

On putting n— 1 in the above expression of r, we get the 
nidius of the first orbit of hydrogen atora which is represented as 
ri, rn or and is called B<Ar radios. Thus : 




On putting *=6-6256 X lO'” erg-sec, 

k=. 3-14, m=9 l09x 10'“ gm, 
e=4-8xl0*“ e.s.u. 

in the above expression for r^ we get the value of rj as : 

(6-625 X 10-«)»_ 

''‘“4x(314)*x(9ld9 X 10'“) X (4-8 x 10'“)* 


fi (rn or a,)«»0-53x lO'* cm=0-53 A 


Relation between r, and ri. On dividing the equations giving 
the values of and fi, we get 

r, n*A* 47(»i»ie* 

7r=4^^“Ai-- 


r„=riXii*=0-53xB* A 


Thus the values of r*, r,.(*W“A) in terras of ri are given as : 

r,=0-53x2*=212A, r,=0-53x3*=4-77 A, 

»’4=0-53x4*a=3-48 A, rj=. 

(2) Energy of tte dec^ in tbe nth orbit (E,). Energy (E,) of 
an electron moving in the nth orbit is the sum of its kinetic energy 
(K.E.) and potential energy (P.E). K.E. which is due to the motion ol 
the electron is equal ter f^/2 and P.E. which is because of the fact 
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****'” *^* ^**** *^^ **** *^***''^* nucleus is equal to 

Eaa.<j me* - y 

•t know that in order to keep the electron revolving in 

Its or^t the centnfug^ force (=+»icVr) and the centripetal force 
5 ) acting on the revolving electron must balance each other, 

t e. e*lr ~mv*lr or mv*=t*lr. On putting m»* equal to «*/»■' in the 
above expression of E*. we get 

P e* e* e* 

—r -2F 

Now put r=n*h*l4r:*me* in the above equation to get 

rx-sF- 


E.=_ 




From this equation of E, the following concibsions emerge : 

(i) Since all the quantities except n on the right hand side of 
toe. al>ove equation arc tx)nstant, E, will depend only onn. It 
means mat so long as the electron is moving in a particular orbit 
(i.e. n docs not change), its energy will remain constant. 

♦h , **«“ occurring in the above equation implies 

tnat tince n*. TOus rf the energies associated with Ist^ 2nd, 3«h. 

«th orbits are Ej, E^i, Ea,...E„ these will be in the order : 

E, < E, < E, < ... < E, 

Hw ooi^t of negative value of £; can be explained as follows: 
there it eo electron at infinity ftotn the potifiv^ ebaned ntidrat. 

In this case, there is no electrical attraction between the dectron and the 
nudw and the energy of the electron may be supposed to be zero. Now let 
the dectron move clow and closer to the nucleus. No sroiic needs jbe dene 
on the electron, since it can ibove by itself on account of electrical attraction 
and work is done by the electron itself as a resul: of which its energy faHa 
■o/' becoines negative. When one wants to remove the electron from the 
nv.'lt, energy known as ioalsatien energy must be supplied. 


_ Energy (Ei) of the electron moving in the 1st Bohr orbit is 
obtained by putting r= 1 in the energy expression of E,. Thus 


El-- 


~¥ 


Putting the values of n, m, e and h in the above expression of 
El we get the numerical value of Ei as : 

2 y (314)»x(9109x 10-“K4-8 x 
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—2 l-79y. 10"** ergs/a«om»> — 1 eVf^^m 
— —5f3-6 Kcat/mole 

(Note that 1 erg=6*24Wxl€^ eV, I rK= 23-06 Kcal> 
Rektieo betwcfi jE, aai E^. Evidently 
Ek 2«*me* A» 

Er“~J?i(F ^ IkW 


E»=E,x j «y/ato« 


Thus the valuer of E,. E,. E 4 , E. etc. (in eV) in terms of Ej are 
'jiven as : Et=«—13*6/2*=—3-4 eK/atom, 

E,= -13-6/3*=. ^1-51 rK/atoiii. 

E4=5—13*6/4»s«—0-85 eK/atom, 

E,= -13'6/5*=-0-54 eK/atojn. 

Frbm these values of Ej, E„ E, etc. the follo«%i^ points arc 
obvious : 

(j) The energy levels converge as n increases, f.«., the'difference 
in energy between two successive energy levels dctreases with the 
increase of-rt, e.g. E,—E, > E»—E«. This means that as the value of 
n goes on increasing, the energy values for the orbits become closer 
jto each other and as n aj^oaches infinity, the levels become closely 
packed and reach a series limit. 

(if) An electron in a hydrogen atom can have only certain 
definite energies and no energies in between are possibly e.g. hydro¬ 
gen electron cannot have an energy between—13-6 eK/atom (=Ei) 
and —3-4 eVfttom (=Et). 

(i7i) The lowest energy state corresponding tonael for an 
atom (or an ion or a molecule) is called the ground state. The first 
higher energy state {i.e. the state with n= 2 ) above the ground state 
(n==l state) is called the first ^excited state while the next higher 
state (i.e., state with n=3) is called the second excited state. 

(3) Frequency (v). Wave number (v) and wavelength (A) of the 
spectral lines of hydrogen atom. We have already slated that energy 
is emitted or absorbed by an atom only when an electron jumps from 
one energy level to the other. When an electron jumps from an 
outer energy level, «* of energy, to an inner energy level, «, of 
energy the Eny energy equal to f^i) is emitted (i.e. given out 
or radiated) which is equal to Av (Plank’s equation) where v is the 
frequency of the energy emitted (Note £*, > *» 4 ). Thus 

(A^)»* = hy 
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In this type of jump Is tHepres^ted as h, —♦ «» or 

^nt'—* jump the spectral line with the wavelength A given by 
the above equation is emitted from the light fklling on it and wc get 
cflrisdoa qiechsuL 


In the reverse jump (rqjresented as k, * », or -» £;,) 

ilr^which the el^troe passes frmD aa iaaer level to as outer level, 
energy equal to (£^—JS;^) tsahmr&ed, aad we get tdbmylieB jpee« 
trum. The wavelet^th tA the ^se^ral hae is given by the taam 
expression as given above. 


p 2n*e*m . „ 2R*e*#w 

Now since - ^ - ^ . 


the above equation reduces to : 


or 


or 


or 


or 


or 


or 


/ 2«V«\ . 

^ 2 «Vfli/ 1 I \ 



1 

1 \ 



-»,• ) 


„.{/) 




l 1 I ■- 


— j 2*Vfn/l 1\ 


since * 



where Rh is Rydberg’s constant and is equal to 2n*c*m//i*c. Its 
cakulated value, (Rnhai li that gfveti by ' 
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The above equation thus reduces to 



With the help of equations (0 and (iO we can calculate the 
frequency (v), wave number and wavelength (A) respectively of 
the lines ob^rved in the hydrogen spectrum, provided that we know 
the values of iii and Ri. llie values of ni and »» are fixed from the 
electronic transitions. 

ELECTRONIC TRANSITION AND ORIGIN OF 1HE SPECTRAL LINES 
OF HYDROGEN atom 

Although hydrogen atom contains only one electron, its spec¬ 
trum gives a large nuipber of lines. This is because any given sample 



1^1-3. Bnetgy level diagram for the observed hydrogea spsctrum. 

of hydrogen contains almost mfinae tnmtbar of Moma Under the 
normal conditions the electron of each hydrogen atom remaiiis in 
the ground state imar the aiieletts, in the enogy level with r— 1 
(K«die^. When enetgy is supplied to this amide of hydrin gas 
by passing an electric discM^ through the gas in the discharge 
tube, indivklual atoms absorb different amounts of energy. Some 
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atoms absorb suci^ amount of energy as to shift their electron to, 
say, the third energy level (/.e., M shell with n=3); while some others 
may absorb larger’amount of energy to shift thei? electron to the 
fourth («=4 level), fifth {n=^5 level), sixth (/i=6 level) and seventh 
‘ energy level (n=7 leveh. The electrons in higher energy levels are 
relatively unstable and nence drop back to the lower energy level and 
in this process of dropping back, energy is emhted in the form of line 
spectrum containing various lines of particular frequency and wave¬ 
length. With the help of these eleetronic transitions (i.e., the process 
of dropping back of electrons from the higher energy levels to the 
lower energy levels) we can fix the values of Wj and rij, e.g. BaJmer 
series which appears in the visible region arises when the electrons 
jump from the 3rd,’4th, 5th,......energy levels (which are higher 

energy levels) to the 2nd energy level (which is lower energy level) 
(see Fig. 1'3). Thus for this series n,=ip3, 4, 5,...and nx=2. ^Values 
of Rj and n» determined from the electronic transitions of the type 
mentioned above for all the five series with the region in which they 
appear are given in Table 1-2. 

Table 1-2. Electronic transhioBt and values of nj and iit for various 
spectral series of hydrogen spectrum 


Series of lines 

Electron 
jumps to an 
energy level 
with ni =■ 

Electron Jumps 
from energy 
level witkiH 

("r-l-7)— 

Spectral 

region 

Wavelength 

Lyman Series 

I 

2, 3, 4,.etc. 

ultraviolet 

Less than'4000A* 

Balmer Series 

2 

3,4, 3...- etc. 

visible 

between 4000A* 
andTOOOA* 

Pasdien Series 

3 


Near infra- 
red 

more than 
7000AV 

Brackett Series 

4 

5, 6,7..... etc. 

far infra¬ 
red 

more than 
7000A” 

Pfiind Seriet 

5 


faTinflFa. 

mora than 

TOOOA* 


The wavelengths or various spectra) lines can be calculated by 
making use of the following equation 

7=4 =109,679 f-l—A-^ 

A \ni* "s* / 

For exampTe, for the Lymaa. scries, we have 

111=91 uid ni=2, 3, 4.,.and bence 

(h When (/p—2^) 

= 4x109679 

4 










n 
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o. cm-»=l2l6A* 

(«) When «,*3, -|-=.l09^79 ^jJ—jJ-j cm * 

« *->^109679 

" ‘~«in5K75 •=«>2« A* 

</i7) The spectral tines of Lyman series converge to a limit at 
^(3:00. Thus 

ffa3s«e, 

^ 3.109679^1^-0 Jem ' 

-109679 CTO » 

The spectral lines of Lyman scries lie in the ultra-violet region 
of the spectrum. 

A values of the lines of qther series can similarly be calculated 
by adopting the above calculations. 

Facts ia favour of Brdv's Theory. The points in favour of the 
valtdfty of Bohr’s theory may be summarised as follows : 

lO The frequencies oX the spectral lines of the hydrogen 
spectruil]. as deteHnined experimentally, are in close agre^rat 
wiUi the frequencies of the same fines calculated with the helo df 
Bear’s theory. 

(f^ The value of Rydberg constant for hydrr^en, R,,^ cal¬ 
culated from Bc'lir’%lheory (R«« 109,679 cm'*) is in full agm^nt 
with experimental value (=*109,678 cm‘») obtained from spectro¬ 
scopic studies. 

(/if) The embsion and At^orption spectra hydrogen-iam 
atoms is explained nicely by Bohr’s concept of stationary states of 
eiebtrons. 

(fv) The radii and enefgie.s of the pcrmbsible orbits in J^dro- 
gen atom as calculated bn the tmiis Of Bofai^i theory are in jmod 
agreement with the,experimental values. 

IdmitatiOBs of iBohr’s Theory, (i) According to Bohr, the 

radiation results when ctectron lumps from one ehCigy orbit to 

another energy orbit, but how this raUiution occurs is not explained 

hv Rrihr - 


When 


in’ 
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{il) Bohr Theory had explained the existence of vai^QlM lines 
in H-spectrum, but it predicted thaf only a series of lines exist A* 
that time this was exactly what h^d bMn observed, l^wevcr, as 
better instruments and tediniques were developeiL jt was realised 
that the spectral line that had been bought to beja siii|te w was 
actually a-collcction of several liims very close k^fher (known as 
apectrum). Thus for example^ &e sin^ lj7h;SpecQril line of 
Ualmer series consists of many lines very' ejio^ to each Pther (;ee 
Fig. 14). 


Sfiectrumof H-af'om 
(Batmcr IS 85 ) 


Spectrum v^hen exami¬ 
ned bt/ instrument of 
high resoMng power 
(Fine Structure) 

Fig. 1-4. Splftting of the lines of hydrogen spectruiwsthen examined by 
iostruraents of high resolving power (fier striieture) 

Thus the appearance of the severa Mines implies thaf mere are 
several energy levels which are close together for each quantum 
number n. This would' require the existence of new ouaDtum 
numbers. 

(liO Whpreas BoAr’s theory has successfully explained the 
observed spectra for hydrogen atom and hydrogen like ions (eg. 
/fe+, £./*+, Be*-** etc.), it cannot explain the spectral teries fo - the 
atoms having ^'large number of electrons. 

(if) There was no satisfactory jugtiScatioa for the assumption 
that the electron can rotate only In those orbits in which the angular 
momentum of the electron (m v r) is a whole number multipu of 
' a/2ic, i.e. he could not give any explanation for using the pnnciple 
of quantisation of angular momentum and it was introduced by him 
arbitrarily. 

(v) Bohr assumes that an electron in‘an'atoni'lb Located at a 
definite distance from the nucleus and is revolving round it with 
definite velocity, /.«. it is associated with afixed viflue of uiomencum. 
This is against the HMsenberg’s Uneirttdnty PitaCiple according to 
which it is impossible to determine, simultaneously with certainty the 
position and ihi momentum of a particle. 

(ri) No exffauatioa for Zeemu Effect : If a substance which 
gives a Une emission qiectrun^ is placed in a magnetic field, the 
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lines the spectruin get split up into & number of closely spaced 
lines (Ftf. 1-5). 




f/ed 


Weak ma^neHc 
field 


Fis* 1S> * ZeemsD Effect for ■odium. Priocipel doublet in the presence 
of s weak magnetic teld. 

This phenomenon is known as Zeeman effect. Bohr’s theor)^ 
has no explanation for this effect. 

{vit). No ^tplanation of the Stark Effect: If a substance which 
gives a line emission spectrum is placed in an external electro¬ 
magnetic Add, its lines get split into a number of closely spaced 
lines. This phenomenon is known as Stark Effect. Bohr’s theory 
is not able to expULin this, observation as well. 


BOHR-SOMMEBI'tLD’S ATOMIC MODEL 

To account for the;!ae structure in the spectrum of hydrogen 
atom Sommerfeld; extended Bohr’s theory in 1915 and suggested 
that the moving electron might descri^, in addition to the circular 
orbits, elliptical orbits as well with the nucleus situated at one of the 
foci. 

It is well known that in g circle, the only coordinate tha t 
changes is the angle of revolution, <f, while the i^ial roordinate, 
rii.e. the radius) remains constant. In an elliptical orbit, however, 
both the polar coc^inates viz. radius vector, r (which is the distance 
of the electron from the nucleus situated at one of the foci) and the 
vectorial angle, ^ known as azimuthal an^ (which is the angle 
between the radius vector and the major axis of the ellipse) change. 
Accordingly, an electron moving in an elliptical orbit has two degrees 
of freedom, 4> <did r and corresponding to th^e two degrees of 
freedctm two quantum numbers would be required to represent the 
electronic motion. According to Sommerfeld, these two quantum 
numbers are : (/) Radial quantum number, itr and (if) Azimnthal 
qiantaai number, n, and these are related asm = nr+n^ where it 
is the total quantam number.n and ity are'related to the geometry of 
the dlipse as 

JL_ "r-t-Sy ^ lifWtgth of major a«l« (a) 

"v “ Let^h of ibe tataor axis (b) 

Jt may'be seen from the gbove expression that.: 

(i) When nv ^ n, a beeof>ies equal to b and the orbit becomes 
circular. Circular- orbit thus is a special case of ell^ti^ orbit. 
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(ii) When rtf <n, the orbit will remain elliptical. 

For a given value of n, the azimuthal quantum niimber, 
may have u values. Thus «»=!, 2, 3, .... (n—1), n, e.g, lbrn=3. 
/it=l, 2, 3. Corresponding to these values of n* we have three 
possible orbits : one circular (for which ’*=3) and two elliptical 
(n« = l and n^=2). These are shown diagraniatically in Fig. 1-6. 

Applying the principle of 
quantisation of momentum to the 
electron moving in an elliptical 
orbit. Sommerfeld deduced the 
energy of the electron in the hy¬ 
drogen atom as : 

p 2n*«*ni 

^ (nf+n,yh* 

Fig. 1-6. Three possible orbits 
for n=3 

Thus we And that the energy depends not only on the princi¬ 
pal quantum number, n but also to some extent on the azimuthal 
quantum number, Hf. The frequency of the radiation emitted as a 
result of transition of an electron from a level of energy £* to a level 
of energy Ei (E,>Ei) would, therefore, vary, depending on the 
various values of and as a result a group of closely spaced lines 
would appear instead of a single line in the spectrum of hydrogen 
atom or hydrogen like atoms. 

The concepts advanced by Sommerfeld evidently postulate the 
existence of sub-energy level for electrons in each of the principal 
energy levels of the atom. 

Weakness of SommerfcM’s model. Experimental observations 
and theoretical treatment based on wave mwhanics show that the 

different values of azimuthal quantum number are : 0, 1, 2, 3,. 

(n—2), (n—1) (total n values) and not i, 2, 3. —(«—l)f (total 
n values). The new quantum number beginning with zero and ending 
at («—1) has been represented by / in order to avoid the confuaon 
with »if. Thus / and hf are related as : /=n»—1 and l—O, 1, 2, 
.(«-2)(n-l). 

Sommerfeld’s theory can not give the correct number of lines 
observed in fine structure. Moreover, it gives no information about 
the relative intensities of the ‘•fine lines”. Further, the exact de^i- 
tion of position and momentum is contrary to the uncertainty 
principle. 

QUANTUM NUMBERS 

We have seen that Bohr’s Theory could not explain the exis¬ 
tence of fine structure in the if-spectrum. The appearance of several 
lines in the ^-spectrum, therefore, indicates t^hat only one quantum 
number, n, suggested by Bohr, is not su^ient for specifying the 
various lines. There is now dear evidence ip favour of the fact that 
four quantum numbers are needed to explaifl the various spectra. 
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These quantum numbers arc the identification nnmbers for an 
individual electron in an atom, since these fully describe the position 
and energy of an electron in an atom. 

1. Principal Quantum Numbers (n). This quantum number 
denotes the energy level or the principal shell to which an electron 
belongs. It is denoted by n. 

Permitted values of n. It can have only integral value from 1 
to oo, but 1 to 7 haVe so far been established. The letters K, L, M... 
are also used to designate the values of n. These letters stand to 
show the major energy level and correspond to n^ 1, 2. 3.respec¬ 

tively. 

Thus when n=l, 2, 3, 4..., the letter designations used are 
K, L, M, N, ... respectively. If for an electron ii=3, it resides in the 
71/-shell. n gives an idea of the size of the shell and is the same 

integral as suggested by Bohr in mvr=n. ~~- 

2t: ' 

2. Azimuthal Quantum Number (/). This quantum number is 
denoted by letter /. It is also called angular momentum quantum 
number, orbital quantum number and sometimes subsidiary quantum 
number. As alrt^y stated, this quantum number was introduced by 
Sommerfeld in his atomic model and gives the angular momentum 
of the electron in its “precessional’’ elliptical movement round the 
nucleus and accounts for the fine structure in the/i-spcctrum. It 
gives an idea of the Shape of the orbital. 

Permitted values of /for a given value of u. / can have any 
value from 0 to («—1) for a given value of n i.c. 

1=0, 1,2,. («- 2 ), («-l). 

The total number of different values of / is equal to n. Thus, 
if«=l,/=0 (Only one value), /t=2,/=0, 1 {Two values), n=3, 
/=0, 1, 2 (Three values), n=4, /=0, 1, 2, 3 (Four values). 

Total values of / for a given value of n gives the total number 
of sub-shells into which a main shell {e.g. K, L, M...) is divided, e g 
only one value of / (viz. l~0) for n= 1 (A-shcll) shows that there is 
only one energy state in A-shell which is rcpicscnted as (1 0) or Is 
state. In Ir designation the number 1 stands for the value of n and 
the latter j denotes /=0. Similarly/=0. 1 for n= 2 (/.-shell) indicates 
that L-shcH is divided into two sub-shells which are desienatcd as 
(2 0) or 2s and (2 1} or 2p. 

Different values of /=0, I, 2. 3,... are symbolised by the letters 
s,P,d,f .. These letters designate the old spectral terms : sharp, 
principal, diffuse and fundamental respectively. 

3. Explanation of Zeeman Effect and the Magnetic Quantum 
Numter (m). We have already seen that Bohr could not explain the 
splitting of a single spectral line into a number of closely spaced 
lines in presence of a magnetic field (Zeeman Effect) or in presence of 
electric field (Stark Ej^eef). According to Linde, the presence of more 
lines i;i the spectrum in a magnetic field or in an electric field indi- 
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cates that the energy levels are further sub-divided by the held and 
an additional quantum number, which he called im^nctic quantum 
umber, iw, is needed to specify these energy sub-levels. Linde 
postulated that the electron producing the original line has. in a 
magnetic field several possible space orientations for the same 
angular momentum vector (i.e., for the same value of /). Thus m is 
the quantum number corresponding to the component of the 
orbital angular momentum along a reference direction for a single 
electron. 

Permitted values of m. Total possible values of m depend on 
the values of /. m can have the following values for a given \aluc 
of/: 

m—0, -i:l, ±2, ±3, ...±/ giving a total number of values of 
m equal to (2/-t-l). Thus if /=0 (^-sub-shell), m=. 0 (one value only), 
/=1 (p-sub-shell),/M=0, il (total three values),/= 2 (</-sub-shcll), 
;ji=0, ±1, ±2 (total five values), /=3 (/-sub-shell), m^=0, ;';1, :!;2, 

3 (total seven values). 

Total values of m for a given value of / gives the total number 
of space orientations of s,p.(l,fe\c. sub-shells. In other words 
total number of values of m for a given value of / gives the 
total number of sub-sub-shell (orhitah) into which j, p, d, f sub¬ 
shells arc sub-divided, e.g. five values of m v/r., /»-=0, 1, ±2 for 

/^2 (d-sub-shcll) indicate that J-sub-shell is sub-divided into five 
sub-sub-shells (orbbals) which are dty, dy„ da, dx*,y^ and r/,*. All 
these five orbitals arc anergeticalfy identical (i.e., degenerate) in an 
atom except when it is placed in a steady magnetic field or is in 
combination with other atoms in a molecule. 

4. Spin Quantum Number {s). When spectral lines of H, Li, 
Na and K etc. were olwerved by means of the instruments of high 
resolving power, each line of the spectral series was found consisting 
of a pair of lines (known as doublets or double-line structure). Here 
it should be understood clearly that this doublet is different from 
fine structure which consists of closely-spaced fine lines (not widely- 
separated ones). 

To account for these doublets Uhlenbeck and Goud-Smith 
(1925) suggested that the electron, while moving round the nucleus in 
an orbit, also rotates (or spins) about Us own axis either in a clock¬ 
wise direction or in an anti-clockwise direction estA this spinning of 
the electron about its own axis adds to the angular momentum of 
the electron i.e., the angular momentum of the electron is not only 
due to the motion Of the electron round the nucleus but also due 
to the spinning of the electron. Accordingly, tlw angular momentum 
of the electron under this condition ia caJM spte aagnfaur momentum 

and is equal to ^^+ 17 - ^ the absolute value 

of spin quantum number i.e. without sign. 
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Permitted Tallies Of s. 5 can have two values viz 4-Wcoires- 
ponding to the spinninf of the electron in the dock-wise direction) 
a^ (corraponding to the qnnning In anti-clock-wise direction). 
Qeck-wise ^ anti-clock-.wise spinnings are represented as t and 
1 respwtively. ' 


Two electrons with the some sign of spin quantum numbers 
are said; to have ^«i/fe/ spins (shown as t t). while those having 
opjMSitr signs of spin quantum number) are said to have opposite 
spins or anti-par<^iel sj^ns (f |). Tw’o electrons having opposite 
'sjnns are Said to be paired up electrons. 

■ Relation between differeht quantum numbers viz. n, 1. m 
o^'ous ^ ^ following points one 


tO The main shells K, L| M, N etc. are divided into one (viz 
Is), two (2s, 2p). three (3s, 3p, 3d), four (4z, 4p, 4d. 4/) sub-shells 
etc. respectively. 


(li) (a) Only one value 
shows that z-sub-shell has 
all the main shells, thus K-shell 
viz 1 j. 


of Iff fv/z vi-0) for/-0 (z-sub^shell) 
no sub-sub-shell and is present in 
has only one sub-^ell 


(A) Three valws of « (vfz #fi=0, ±1) for (p-sub-shell) 
Aows that ;>-sub-shell which begins with i»-=2 (/.«. L main shell) 
IS divided into three sub-sub-shells which are 7p„ 2p„' and 
2p,. Thus L shell (fi=2) has four sub-sub-shells viz 2s, 2pj, 2p^ 
and 2pt. 

(c) Similarly M-main shell (fi=3) has nine sub-sub-shells viz 
3Zf 3pt, 3pg, 3pt, 3dgff, 3djft, 3dta, 3</**.y* and 3d^. . 

In general a main energy level with a given value of #1 has n* 
siib-sub-shells. 

(Hi) Since e^h sub-sub-diell can contain two electrons, the 
totiu number of electrons in a main shell is equal to in* Thus 
n^ximum number of electrons in K (n=l), L(ii=2). Mfii-3^efc 
shells is equal to 2 (-2x!•). 8 (»2x2»); 18 {=.2x^ ete ^ ^ 

if electoonsinj, />, d,/etc. sub-shells 

IS equal to 2(21+1). Consequently these sub-shells have 2,' 6. 10 14 
electrons respwtively. 

PAUUIS EXCLUSION PUNCItLE 

the disidteuion; of quantum numbers qmong the elections in a 
^ven ^ is geli^l^ PnuU*, Exdusionpn^e which states 

atom ter have all 

flic/Uiir fWMlliiM fwNioefZ tdet^tcaT: t^., in an mom, two electrons 
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can have maximum three quantum numbers (n, / and m) the same 
fmd the fourth (5) will definitely be having a different value. Thus 
if j =+J for one electron, s ^ould be equal to —i for the other 
electron. In other words the two electrons in the same orbital should 
have opposite spins (t j ). 

Uses of the principle 

The greatest use of the principle'is that it is helpful in dcleimin- 
ing the maximum number of electrons that a main energy level 
can have. Let us illustrate this point by considering K and L 
shells. 

(d) K-shall. For this shell #i==l. For «=l. /=.0 and/»f=0. 
Hence s can have a value either equal to + J or — J. The different 
values of n, /, m dnd s given above give the following two combina 
tions of the four quantum numbers, keeping in view the exclusion 
principle. Combination (/) if. for one electron and combination (ii) is 
for the other electron. 

(i) n=l,/=0, w=0, 

(Ist electron) 

(//) n=l, /a=0, fM=0, 

(2nd electron) 

These two combioations show that in K shell there is only one 
sub-shell corresponding to 1^0 value (r-sub-shell) and this shell 
contains only two electrons with opposite spins. 

(h) L-«hcU. For this shell/t=2. For nr=2 the different values 
of /, m and s give the following eight combinations of four quantum 
numbers. 

(/) ■••2, -l-i I Two eleeirons hi /—0 

V lub-diell (/.e. 2»-orl>ittl) 

(//) a—2,/—Opjii-O;*—♦ * 

(Itt) /—i, m-Q,+i 

1 , 

0>) 11-2,/-1,1*1-0,J—I 
■(’') 11—2, /—1, wi—+1,»—+J 
<v/) n—2, /•*.!, in—+1, —i 

(»/i) ji—2,1——1,1—-H 
' (W,7) »—2./—.1, m—1, »——i 

Eight, combinauons given above show that L ahell is divided 
into two sub-shells corresponding to /»0 (s suthSbell) and /=1 
{p sub-shell) and this shell cannot contain more than 8 elebtrons, 
i.e., its maximum capacity for keeping the electrons is eight. 



(Two electrons in /=0 sub-shell 
i.e., Ij-orbital). 



21 


Structure of the Atom 


russel-saonder s or L S 

TION OF THE GROUND STATE TERMS OF FREE ATOMS OR 
IONS. 

According to this coupling : 

(/) All the / vectors {1= orbital angular momentum quantum 
number) of the electrons couple together electrostatically to give the 
resultant vector L, called resultant orbital angular momentum quan- 
turn number. Different values of L define th^ state of Ih* fro® 
or ion as a whole while those of I define the state of the electrons 

only. 

L is always an integer, including zero, L may be 0, 1, 2, 
3,...ct<i. Different values of L are represented by capital letters as 
shown : 

Values of L—0 1 2 3 4 5 

Capital letters =S P D F O H 

L value for the electrons in any of the filled s, p, d etc. orbitds 
is zero, e.g., for the six electrons in a completely filled p orbital for 
which / = I, the value of L is zero as shown below ; 

+ 0+0 -1 — 1 =0, where +1, +1, 0, 0, -1 

Pi P» P* 

and - I represent the m values for the electrons numbered as (1). (4). 

On p, orbhal), (2), (5) (inp„ orbital), and (^), (6) (inp, orbital) (see 

Fig. 1-7). 


•orbital 

Py'Orbital 

p,-orbital 

m— +1 j 

m«=0 

m=— 1 1 

+i 

t 

»-+4 

t 

*“ + l 

t 

1 

(1) 

1 

(2) 

(3) 

1 

(4) 

1 

(5) 

1 

(6) 

1 

1 

m- + l 

i 

ffi^O 

4 

- -1 ! 

j=*—4 

i 

-1 

. ■ 


Pig. 1-7. DUfemU m and i values for the iix'dectfbhs in three p orbitals. 


in Table 1‘4. 
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iSrtto 1-4. CjlcidatfoBcfLvtlimfor il* cnn<<gur^H/>ff t 

I dgf I <#-• 1 ^ - -I* -- r —j 

(W-.+2) {M-+I) ' •• 


"aw 

{marnO} 



j rff* 

("«■•—1)1 (m«—2> 


RenUtaHt L and 
term eymbol 


- 3(F) 


(+ 2 ) +{+I) +( 0 ) 



+(0) 

- 

+(-l) 

+<0) 

+(-l) 

+(0) 

+(-l) 

+(0) 

+(~1) 

+(0+0) 

+(-l) 

+(0+0) 

+(-!-!) 


- 3(F) 


- 2(D) 



+(-2) 



- 3 (F) 


- 3 (P) 


- 2(D) 


rf“ (+2+2)|+(+l + l)[+(0-H0)j+(-l-l)+(-2-2)j - 0(S) 


(ij) Similarly all s vectv^.» (s-^spin angular momenitmi 
number) also combine to give the resultant spin anrular maim 
S. S i, en integer or halfint^er dlSftng^ 
number of elwtrons involved and the direction of^ snin vi>r«n» 
I ‘‘Uf the number of uSJJii eSrons 

S-.JI/2). S vdue for the electrons in any of the completely filled s b 
Jetc orbtttis IS zero. «.g. for a completely filled p^rbitS for whirfi’ 
/-= 1. S IS equal to zero as shown below : "'®'* 

«! I'i (3)vt6) 

»=+t * +1 ■~i=“0 (Also jeeFitt. I- 7 i 

shown^n mfc ^" 5 °" rf- configuration has been 

The quantity (2S4*1) is known as multipHciiv of L sm»» xfcu 
values of J for a given value of Lljocre 
sultant in^q^tum number obtained by coupling L and S v^mrS' 

(«) L and $ vectws couple together to give a resultan# 

renif/awr ^ner quantum iSliber or S 
memeutum g s M w tt w i number at the atom. The Drae««< Xr 
oouphag can be ayalwlieally lepresented as : ^ 

te+^+^+..)-r(/|4-/s+/B+...)-S+L»| 





































Table T'S; Determsoation of multiplicity. J values and ground stale terms for (f configuratioos. 
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Possible number of values ofj is (2S + 1) when L > S and 
(2L+1) when L < S. 

When L=0. J can have only one value viz, 1=8. J is positive 
and never negative. Different values of J vary in integral steps bet¬ 
ween (L+S) and (L—S), i.e. J can have the following values. 

J:=(L+S),(L+S-1), (L+S-2),..., 0.(L-S+1), (L-S) 

DilTcrcnt J values for d” oonfigu rat ions have been calculated 
on the basis of the above rules and tabulated in Table 1'5. 

To write the ground state terms of atoms or ions. The ground 
state term of an atom or ion is represented by : 

multiplicity 2S+1 n-|-I 

Ground state t^rm«= Lj= Lj=. Lj 

While writing the ground state terms the following rules must 
be observed : 

ii) The ground state tcrni will be that which has the highest 
value of spin multiplicity or. which has the maximum number of 
unpaired electrons, 

(it) If there are several terms with the same spin multiplicity 
possible for an atom or ion. the term haying the largest value of L 
will be the ground state term. 

{ii>) For a half-filled or less than half-filled shell, the ground 
state term is that which has the lowest value of J and for a more 
than half-filled shell, the ground state is that which has the highest 
value of J. 

On the basis of.ihesc rules the ground state terms for r/" con¬ 
figurations, have been idetermincd and are given in Table l-S. 

WAVE MECHANICAL CONCEPT OF THE ATOM 

Particle and trave nature (dual nature) of an electron. We have 
seen that Bohr in his.theory has assumed that an electron is a mater¬ 
ial panicle revolving round the nucleus in circular orbits. But 
dc-Broglie pointed’out in t92'^- that the electron, like light, behaves• 
both as a material particle and as a wave, i.e. the electron has a dual 
character. 


de-Broglie’s Equation. dc-Broglie 
derived.an expression for calculating the 
wavelength, A of the wave associated with 
the electron. 


Let an electron of mass m move 
with a velocity c round the nucleus and 
be associated with a wave of wave¬ 
length A {see Fig. 1-8). With the help of 
the equations viz E=Av (Planck’s equation) 
and E=.mc^ (Einstein’s mass-energy rela¬ 
tionship) (E=energy of the electron, 
A=Planck’s constant, frequency), it can 
be shown that 



mc4=hv 


...(/) 
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Naw since 
wayi» 
o> 


Wavclength(A) X frequency (») •Velocity of the 


Av=c 


o> 


Equation (/) reduces to 


c 

~T 


or 


or 


or 


me* 

h 

A=— 

me 


A= 


momentum of electron (p\ 

The above equation is called de>BrogIie*s equation a.nd Jhe 
wavelength A is called de-Broglie’s wavelength. From this equation 
it is evident tluit the momentum ip) of the tnoving electron is inversely 
proportional to the wavelength (A). 

Similarity between de-Broglie’s wave character of the electron 
and Bohr’s theory. 

Bohr’s quantum conditions which have been assumed by Bohr 
arbitrarily in his theory can be derived in a more natural way by 
considering the wave-like properties of the electron in an atom. 

According to de-Broglie the electron is not a solid parUcle 

revolving round the nucleus in a circular orbit, but it is a standing 

wave extending round the nucleus in a circular orbit. 

If r is the radius of circular orbit, then the circumference of 
this orbit is equal to 2rcr. Now if A=wave length and n =total 
number (which is a Whole number like 1,2,3......) of the wave 

lengths associated with the.electron wave extending round tne 
nucleus, the circumference is equal to n t. Thus: 

2nr iiA 


or 


or 


2 «r=n. 


mcr^n. 


h 

me 

A 

2n 


( V »=—) 
\ • me J 


or angular momentum (mcr)—n. 


h 

2n 


This equation which is based on the wave nature of the 
electron shows that the electron can move only in those orbits for 
which the angular momentum (mer) is an integral multiple oj h/^n. 
In other words the angular momentum is quantised. Thus we see tnat 

wave mechanical picture of the atom presented by de-Broglie leads 

naturally to Bohr’s postulate given above. 

Eimerimeatal verification af de-Broglie’s eqnation. Verification 
of the wave nature of the' electron has been obtained by Davison and 
Germcr’s experiments (1927). They succeeded in diffracting a beam 
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of electron by means of a nickel surface. The pattern of the 
eIe«ron diffraction obtained by them was found to be similar to that 
of X-ray diffraction. Not only this, the wavelength of the electrons 
was a^ found to be identical with that calculated by de-Broriie 
with the help of his equation. In this way, the dual nature of the 
electron and the quantitative nature of de-Broglie’s equation was 
established. 

HEISENBERG’S UNCERTAINTY PRINCIPLE 

The ^lual nature of the electron means that any precise 
measurement of its position would create some uncertainty in the 
measurement of its momentum and vice versa. This was pointed 
out by Werner Heisenberg in his Uncertainty Principles. Accordine 
to this principle : 

“// is impossible to determine exactly jboth the position and the 

momentum (Or velocity) of an electron or of any other movinz 

particle at the same tinie.“ 

It means that when an electron behaves as a particle, its 
position can be determined more or less exactly but at the same 
time there would be uncertainty about its moment um or velocity 
Similarly if the velocity or momentum can be determined precisely 
there would be uncertainty about its position. 

The uncertainty arises from the fact that when a measurement 
is carried out, the elMtron under investigation is to bo viewed with 
a sensitive instrument such as a microscope, and in this process the 
light particles interdict with the electron and alter its motion (/.c„ 
velocity). It is not possible, therefore, to say as to what the velocity 
of this electron is. . 

Mathmtkal expression. If and Ap are the uncertainties 
(i.«. errors) in the measurements of position and momentum respect¬ 
ively of a particle, then : 

A* X Ap > "5^ 

This expression is known as Uncertainty relation. 

From this relation it is evident that when A-* is small [i.e. the 
position of the electron is measured with accuracy), Ap will be large 
(i.e. the momentum will be measured with less accuracy) and vice 
versa. In other words it means that the certainty of determination 
of one property introduces uncertainty, fpr the determination of the 
other. 

If AjP is the uncertainty in energy of the particle and Af is 
the uncertainty in its time of passage past a particular point, then an 
equivalent relation illustrating the uncertainty principle would be : 

A^ X A^ > 

UNCERTAINTY PRINCIPLE AND BOHR’S THEORY—PROBABILITY 
AND CHARGE CLOUD CONCEPT 

Bohr had postulated that electrons move in well-defined orbits 
with fixed velocity (or energy). But, aeebr^ing to uncertainty 
principle, since an electron alro possesses wave-lilce nature, it is 
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impossible to measure simultaneously its position and momentum 
with accuracy. On the basis of this prihciple,. therefore, Bohr's 
picture of an electron in an atom which give* to the electron a fixed 
position in fixed orbit and fixed velocity is no longer correct, i.e. 
Bohr’s model of atom has no meaning, since it is not possible to 
know simultaneously the exact position and velocity of an electron. 
The best we can s^y is that we can only state or predict the probabi¬ 
lity of locating (or finding! an electron with a probable vebcity with 
particular energy in a given region of space at a given time. Thus 
the uncertainty principle which is based on the wave-nature of the 
electron only gives the probability of finding an electron in a given 
space in place of certainty. It is for this reason that the old classi¬ 
cal concept of Bohr has now been discarded in favour of the 
probability approach. 

The square of T (/.«. *F*) gives the probability of finding an 
electron of given energy in a given region roqnd the nucleus. It is 
thus possible to identify regions of space round the nucleus where 
there is higher probability of finding an electron having definite 
amount of energy. This space is called an atomic orbital. Thus : 

Atomic orbital is defined as a three-dimensional region (or 
space) round the nucleus where there is higher prohability of finding 
an electron of specific energy. 

Here it should be noted that an orbital is a three-dimensional 
region within which there is a higher probability that an electron 
having a certain energy will be found. On the other hand an orbit 
is two dimension. 

There is only one orbital in K shell with n=il. This orbital is 
called Ir orbital. In L shell with n = 2 there are four orbitals viz. 
one 2s and three 2p (designated as 2p*, 2py and 2/?,) orbitals. Three 
7p. orbitals represent different oricQtations in space. Total number 
of orbitals in main shells are given below ; 

IC Is, L. 2s j 2pxj 2pyy 2pi\ M — ► 3s, 2pzf 3dxyt 

2dyt, 3d„, 3d,*, 3dx*.y* ; N-r one 4s, three 4p, five 4d and seven 
4/ orbitals. 

Repr^entation of an orbital. Although it is difiicult to give a 
pictorial representation of an orbital, it is generally represented by 
a ^aded figure in which the intensity of shading (shown by dots) is 
proportional to the probability of finding the electron at that loca¬ 
tion; Fig. 1-9 illustrates the probability of finding the electron in 
Is orbital in hydrogen atonv ^t certain positions near the nucleus. 
In this figure the density of dots is proportional to the probability 
of. finding the electron at that location. It should be noted that 
this fi^re represents a two-dimensional cross-section of three- 
dimensional distribution of probability about the nucleus. 

Diagram such as that shown in Fig. 1-9 is sometimes called an 
electron cloud (or electronic charge cloud or cloud of negative charge). 
This electron cloud is always a diffuse cloud. The dots shown in 
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the figure do not represent the number of electrons, rather they re¬ 
present a number of probable instantaneous positions of a ^.ngle 
electron. In this figure the maximum buckening 
, of the cloud shown in the immediate vicinity of 

the nucleus indicates that election spen^ 
most of its ti^c in this region or in other words 
the electron probability density is maximum in the 
region just surrounding the nucleus. In case of 
hydrogen atom it has been shown that the 
probability of finding the electron is greatest at a 
distance of 0-53A from the nucleus. 



Fig. I’9. Represen- 
laiion of probability 
of finding an electron 
in Ir orbital of hy¬ 
drogen atom near 


SCHRODINGER WAVE EQUATION 


The fundamental wave equation describing 
the the behaviour of a small particle in terras of wave 

cou repr motion is ; 


in hydrugin atom 






or 


1 _ 1 
A* 

where l^amplitude of the wave, = displacement .in a given direc¬ 
tion and A== wavelength. .# 

• On combining this equation with de-Broglie's equation viz. 
X=h wc or —-npe^'h- (w.^mass of the particle. r=y(^city of the 

particle and /j-= Plank's constant), we get 
. « A* d*i)i 

Now Kinetic energy, K.E. of a particle with mass m and moving 
with velopify 9 is given by. K.E.— mc*/2 dr K.E.=m*c*/2ffi. Eliminat¬ 
ing rate* from tliis eqjKition and equation ( 1 ) wc get thc'value of K.E. 

" 8K><J;ra dx*' 

Now the total energy, E of the particle is the sum of K.E, and 
potential energyVP.^E„ i.e. E=K.E.-!-P.E. Thus 

A* d*^ 


E=-. 


8rr*$ra 




or 




T'his equai’dn i$ cail^ Schrodinger wave equation. This equation 
is in one dimension, x. If it is written for a particle whose mouon 
is described by three space coo/dmaies x, y and z, then- th** abov e 
equation becomes 

ie,p e i-o 
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The first three terms on the left hand side of the above equa¬ 
tion are represented by V*+ (pronounced as del-sMare sign). V* is 
known as operator. Thus the above equation can also be 

written as : 

(E-P-E) 4^=0 

d)^ 

Eigen-values and Eigen-functions. Being a differential equation 
of second order. Schrodinger equation has several solutions for 4- but 
many of these are imaginary and hence are not valid. Only those 
values of ij; are valid which satisfy the following conditions : 

The wave function must Be finite and continuous. 


where 


= 


(0 

(») 


The solution must be single valued /.f. at a given point 
there can never bis more than^dne value for the amplitude. 


'}'• 


(Iff) 


('■»’) 


andmust be continuous functions of at, 3 ', 
dx ’ dy dz 

and z respectively. 

The solutions must be normalised i.e. they must satisfy the 
relation 

j <|i*dr=0 
0 

where drisu small volume element. 


dill 


Values of which satisfy the above conditions and hen^e valid 
are called Eigen-fuactions and the values of E correspondif^ to these 
valid values of (Le. eigen-functions) are called l^cn-valnes. The 
eigen-function for an electron is called an atomic" orbital. As the ^ 
eigen-values {i.e. E values) c 6 rresi»nd very nearly to the energy levels 
associated with different Bohr orbits, the occurrence of definite energy 
levels in an atom follows directly-ftom the wave' mechanical 
concepts. 

S^niflcaace of and - The wave funetjon t|/ by itself has no 
physical signi&»nce. IJowever, its square {le. 4 '*) measures the 
probability of finding ah electr<»i of given energy from place to place 
in a given region round the nucleus, sin« the.. prob^Mity of finding 
an electron in argiven region is proportional to 4»*- The probability 
at any point'must be a real quantity. Now, the wave function ^ of 
an electron is very often an imaginary quantity. TTius if <|»=o+fh 
( an imaginary quantity) where /= —1 and a and b are.real func¬ 

tions of the coordinates, then the probability's equal to 4 ;*=(a+ffc)* 
cso*-I- 2 / 06 - 1 - 6 * which is an imaginary quantity. But, since as men¬ 
tioned above, the probability must be a real <|iiantity, it must more 
correctly be ^ual to 44 * a^ud not 41 * «4ce«' 4>* tlK oomptex conju. 
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gate of 9 (/.«., 16 , since 4r—a+i 6 ). Under this condition the 

product will be a real quantity as shown : 

=»(«+/&) (a—ib) 

=a*+4* (which is a real quantity) 

If <|; turns out to be a real function initially, then its complex 
conjugation will also be Thus under this condition the probability 
will be equal to 4 »*, since due to the fact that d» and its 

conjugate complex, ij;*, are the same. 

Thus if the probability function is represented by p, then 
P='W'* (where 41 is imaginary) 

or P = 4'* (where ij; is real) 

Wave mechimics of hydrogen-atom (Sclirbdingcr wave equation 
for hydrogen-atom) and Quantum Numbers. In case of hydrogen- 
atom, since a single electron of charge—e is revolving round the 
nucleus of charge -fe, potential energy, P.E. is equal to —^/r. Thus 
on putting P.E.=—e*/r in Schrodinger wave equation we get 


This equation is the Sdirodinger wave equation of hydrogen 


Transformation of equation («) from the cartesian to spherical 
coordinates. In equation {«), we have used a cartesian system of 
coordinates and have taken the nucleus as the origin und thus the 
position of the electron has been defined by the coordinates x y 
and z. In order tp make the mathematical handling of Equatioii 
(/i) much simpler, the cartesian coordinates x, y, z are replaced bv 
spherical polar coordinates y, 0, ^ 

The relation between the two systems is shown in Fig. MO. 



Rf. I'10. Relatioa between the cartesian coordinates (x, y, z) 
and spherical polar coordinates (y. 0 . v) ' 
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The use of polar coordinates is analogous td the method used 
lo specify the position on the earth’s surface when the position of a 
point is defined by the radius of the earth and by two angles ; the 
latitude and longitude. 

The value of 0 at any point P (electron) is. theft, described in 
terms of polar coordinates A, and In Fig. 1-10 : 

(/) r is the radial distance (called radius vefctor or radial line) 
point P (electron) from the origin 6 (nucleus), 

/■= ■ 

(j7) d is the angle between the radius yector, OF and +e-a\is 
(i.e. OZ-axis) which is the axis of the sphere. This angle is called 
zenith angle and is given by 


(Hi) Drop a perpendicular PP' from P on the xy-plane such 
that OP' makes an angle <f> with +x-axis (/.e. OA'-axis), measured in 
the direction shown. This angle is called azimuthal angle or longi¬ 
tudinal angle and is given by 

^=tan'i ~ 


P'A and P'B arc the normals drawn irom P’ on OX- and OX- 
axes respectively. 


From Fig. MO, it may be seen that: 
x=r sin 0 cos ^ 

y=r sin 8 sin ^ 

z=r cos 8 



On the surface of a sphere whose centre is O, lines of constant 
ze^lii angle 8 are like parallels of latitude on a globe (but we note 
that the value of 0 of a point is not the same as its latitude ; ^==90“ 
a.', equator, for instance, but the latitude of equa.(or is 0°), and the 
lines of constant azimuthal angle ^ are like\mertdians of longitude 
(here the definitions coincide if the axis of globe is taken t>' the 
+ Z-axis and the-f-^T-axis is at.>=0“) 


On transforming Equation (i7) wijth. the help of relations {///), 



Swaration of Variables; In cqdauon (fv) the wave function t(», 
is a function of three var^l^les, r, 8, i and <|»' cM t*»ere^ be sepa¬ 
rated into the product of three functions JR (r), © (8) aiid «> (^I-Here 
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by iWrtftWiisil (4 iWC mean that the function R depends on r only and 
isInde^ftsteht Sf ® and Thus 

Of ! a igaif B, ^)=/? (r) . 0 (tf) . O (^) ...(v) 

Equation (v) can be written in the simplified form as : 

'H boi-jnoaoD ,0 ; 

<p'=^R . 0 . O' ...(VJ) 

Of' ! iaitd^onespondingly 

dr Sr 


Cl/. 


I. 


de 


=«. o 




iiOiJ 
nt t.‘j 


d4> 

^Substituting 


<!> 


80 

W 

80 

8> J 


...[vii) 


equations (vi) and (vii) in equation (iv) and 


r* sin* e 


mpitiplying throughout by q we gel 


sin 


i-^e 


R 


dr 


' 1 dR 
dr 


.'IX) bfl.: 


+ 


sin 9 

e 

8Tt*m 


d_ 

d6 


■ ad& 


J_ 

<l> 




h* 


(^+ 7 ) 


dr 

r* sin* S—O ...(v///) 


Now equation (viii) can easily be separated into three different 
equations: One depending on r only, the other depending on e only 
and the third depending on 4> only. The process (which involves 
advanced mathematics and is, therefore, not being discussed here) of 
Separating equation (viii) into three equations involves three cons 
t^s, n, / and m which are the quantum numbers. The equation 
depending on r only gives the principal quantum number, n, that 
dnfending on 9 .uves the azimuthal quantum number, /. and that 
d^nding on ^ gives the magnetic quantum number, m. r dependent 
'^&k^on also gives the expresuon for the energy of different orbitals 
-This expression is 

^ , 27t*me* 

—=«zi- -iix) 




nW 


Evidently this expression is identical with Bohr’s equation of 
•tiL^hiqih which he derived on the basis of classical mechanics. For 
H-afrtm the energies calculated by both the methods (i.e. classical 
niecha.««» “Cthod ased by Bohr and wave mechanical method used 
by Sebtodmger).agree With, experimental values. For more compli¬ 
cated atoms, flOMityer, wave mechanical method is superior. 

((V The separation of equation (viii) into three equations also shows 
that the three cofistints, n, J, m are related in such a way that («+/> 
and (2/+n are both integral; / <iii^l) and m have v^ues -/ to 
These donsjderations immediately show that n and / must be 
afclfigerS (or / ma^ be zero) and that /-egn have imegrd values : 0, 1, 
2 (bL.1 ) 'In other words, the three constant n, I and m are the 
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three quantum numbers and the relation betwce^|th^i-^a^ia^|[i^^ 

the solution of Schrodinger wave equation is 

which has been deduced by means of spectroscof ic measurements. 

Here it should be understood clearly tb^t 
ber, s, does not appear in the solution of w^yip, 
therefore, to be added. ; 

PROBABILITY DISTRIBUTION CURVES / 

In ah atomic orbital there is a probability^ )©f 
tron in a particular region at a given r^ial di$ta#<5ej?Si4 
lar direction from the nucleus. This gives rise,tQ tWSPojtyBS? 
bability of finding the electrons : ' ;\ r: ,»'> bfii; 0 - i jt, 

(1) Radial probability distribution curves of electr^JoTh^ 
curves give the probability of finding the electron'.rf dBeaiifit rt^Uu 
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distances, r from the nucleus and are obtained by plotting the radial 
distribution function, 

D=47rf*[i?„j(r)]*==4nr*t|;r> 

against the electrPn-nuclear distance, r. These curves for 1 j, 2s, Zs, 
2p, ip, arid 3</-electrons in H-atom are shown in Fig. 1-11. 

Curve for Is-electron. From the curve for Ij-electron it is 
evident that the valueof D is zero at r=0. Now D increases as r 
incre^es from Zero, passes through a maximum (i.e. peak) at 
r=0-53 A° which is equal to the radius of Bohr’s first orbit,/• and 
finally falls to zero as r tends to infinity. Thus for ly-electron D=0 
at r=?0 and oo, and Z) = maximum at r=0-53A‘’=ri (radius of Bohr’j 
first orbit). 

That D is maximum at r=0;53A“ makes a difference between 
Bohr’s theory and wave mechanical treatment of hydrogen atom. 
According to Bohr’s theory, in hydrogen atom the electron under 
ordinary ^conditions {i.e., in ground state) always stays at a distance 
of 0-53A‘’ from the nucleus, while according to wave-mechanical 
treatment, the electron may exist at any distance from the nucleus but 
the maximum probability of locating it lies at a distance of 0 53 A° 
from the nucleus. In other words the radius of maximum probabilitv 
of Is-electron is 0 53 A°. 

Curve for 2s-electron. For 2y-electron the value of D is zero at 
r=0. Now the value of D increases as t.he value of r increases, passes 
through a low maximum at r=0-53A®=ri and falls to zero at 
r=2xO-53 A‘’=2rj. The value of D increases as r increases from 2ri 
and passes through second higher maximum at r= 5 xO-53A“=5r, 
and finally approaches zero as r tends to infinity. Thus for 2j-elec- 
tron (f) D=0 at r=0, 2x0-53 A® (=2r,) and tx> (r7) lower tnaxi- 
mum lies at r=0-53 A°=ri {Hi) higher maximum lies at r=5 xO-53 A® 
= 5ri. 

The variation of D with r for 2s-electron as summarised above 
shows that there is a greater probability of finding the electron 
farther away from the nucleus (higher maximum at r=5r,) but there 
is also some chance of finding the electron very close to the nucleus 
(lower maximum at r=ri)- At an intermediate distance (=2r,) 
there is a surface at which the probability of finding the electron is 
zero {i.e. at r==2ri, D=0). Thus the charge-cloud representation of 
25-electron consists of a sphere surrounded by a second spherical 
shell. 

Surfaces at which the probability of finding the electron goes 
to zero are called nodes. For any orbital having principal quantum 
number, n there are always (n — I) nodes (neglected the node of 
infinity). This nodal character of probability distributions is con¬ 
sistent with the assumption that the motion of the electron has 
wave-like character. 

It Can be seen from the plot? that the maximum probability 
for 2p electron is slightly less than that for the 25-electron. Also 
the small additional peak (lower maximum) for 25-electron indi¬ 
cates that 25-electron penetrates a little closer to. the nucleus than a 
2p electron. Hence a 25-electron is attracted more strongly by the 
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nucleus than a 2p electron. This, -in other words m^s that, a 
2i-electron is more stable than a ^-electron, 2£-electron hsa 
lower energy than 2p-electron (2s < 2p), although both the electrons 
are of the same main energy level. 

(2) Angular probability distribution curves (^pes or bo^aiy 
surfaces of orbitals). These curves give the probability of finding an 
electron in any given direction from the nucleus Without reference to 
its distance from the nucleus. 

f-orbitals. We have seen that for s-orbitals /=0. For/==0, 
m=0 which indicates that s-orbitals have only one orientation. Smw 
for all s-orbitals there is only one orientation, these are sphericity 
symmetrical, i.c., electron density in s orbitals is imt concemrwea 
along any particular direction. TTicrc is an equal chance of nnai g 
the electron density in any direction with respect to the nucleus 
(sceFig. 1-12). 



j P» P“ . 

Fia. 112- Shapes or boundary surfaces of s 
yz, xz and xy are the nodal planes of P# and Pt orbitals. 

n-wbitals. For p-orbitals/=1. For /=!, n»=0, :tl. Three 
valued of m for/= 1 show that p-orbitaJs have three oner.iations, 

1 e there are three p-orbitals which are nained as p, and F*. Ae 
suisjripts X./^d /referri^^ to the coordinate «cs along which 
their lobes of maximum electron density lie. 

the absence of magnetic field these three p-orbit^s are 

on their omnUtion ojm^^ a number of 

doMly-spaced lines in presence of a magnetic field (fine structure). 

The p-orbitals are of dumb-bell shape. Since 

.,Ja t a-ses are Deruendicular to each other, the three 

'“*■ other. Each of the three 

^'nSitals bS fwo touching each other at the origin and these 

^inhes are completely symmetrical about one ^ the three axes, eg., 
lobes P nrhital are symmetrical about the x-axis. This 

ISS tr"usofa,..o,hitaUxte„dt o«- 

m other woros alone the x-ax>s. The same case 

^ards and away from^the nucleus ^ p orbital may 

'beTepa?lted by a p^anl that contains the nucleus and is perpW 
cSllXthe wrres^ndingaxis. Such plane is^Ueti a nc^»I^- 

There 1 ° no likeUhSad of finding the eloctron density on this plane. 
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electroo deosity. It can be seen that each 
of the three p^rbitals has oae sudi no^ idane, e.g., for p.-orbitaI 
plMc IS the nodal plane. In Fig. 1*12 the planes for «> arh 
orbital are also mentioned. 

These orbitals arise when «=3 (M-shell). ie 
*®. “““ energy level. When/=2 

(d-orbital), i»i=0,^±l, j-2 indicating that d-orbit^s have five 
orientations, i.e., there are yive d-orbitals which are named as d 
^ d,*./. All these five orbitals, in the absence‘of 

mastic field, are equivalent in energy and are, therefore, said to 
M five-fold degenerate. Each of these spears as a four suasaees 
fastened to a common point in space. The following additional 
features of these orbitals may be noted : 

namely i4», d„ and d„ have their hbes 
lyi^ symmetncally between the coordinate axes indicated in the 
subscript to d, e.g. the lobes of orbital are lying between the x-and 
y-axes. This set of three orbitals is known as d, or set. 

oi,> (j*) d,* orbitals h&ve their lobes along the axes (i.e 

along the axial directions), e.^.,the lobes of d,*.* orbital lie alW 

n "" those of d,* orbital lie along the z-axis 

This set IS known as d, or e, set. 

the flxifl/rer while the r„ set is the non-axial 
‘r® ‘’'^hitals of c, set lie along the axes and 
Rr U3)^* orbitals of set lie in space between the axes (see 
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ENk^Y LEVEL DIAGRAMS 

The energy of an electron is determined by the values of n and 
/ quantum levels. When we discuss the order of energy of orbitals, 
the following two case arise. • 

(a) Enwgy level diagnua of one-electron atom. Hydrogen has 
only one electron which is present in the lowest energy level for 
which n=l (Is^ electron). When hydrogen atom absorbs energy, 
electron may jump to higher main energy levels (e.g. K, L, M...etc.) 
or to higher orbit^s (e.g. 2 j, 2p.,.etc). The spectral study of hydro¬ 
gen atom has shown that its s{^tral lines correspond to the major 
energy levels only. Thus the energy of an electron present in a 
given principal energy level is the same irrespective of the orbital 
of the same main energy level to which it may belong. This in other 
words means that the energies of s, p, d, f orbitals of the same 
main energy level are identical, e.g. the order of energy of various 
orbitals in hydrogen atom is as follows : 

1j < 2s=2p <'3s=3p=^id < 4s=4p=4d=i/ <. 

This order has been shown inFig, 1T4 and is called energy 
level diagram for hydrogen atom. 





Z3QQQQ 






Oil 


Fig, 1-14. JEnergy level diagram of hydrogen atom. 

This discussion makes it obvious that for an irttHn having only 
one electron the energy of a level is determined by the value of n 
only. The value of / merely determines the shape of the orbital. 

{b) Energy level diagrun for foly-electroD In case of a 

p^-electron atom the energies of various orWtals belonging to 
diiferent main energy levels have been found in the foilowinc in¬ 
creasing order. 

-Energy fameuug-- » 

Ij < 2 j < ^ < 3y < 3p < 4y < 3d < 4p < 5y < 4</ < 5p 
< 6 j < 4/ < 5d <6p... 

This order is shown in energy level diagram given in Fig. 115. 
This order shows that the energies qf |he orbitals of the same main 
energy levels (/.«. having the same va^.of n) increase as the values 
of-f increase, e.g. 
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orbitals of nth main energy level •. ns np nd nf 

Values of / for s, p, d and/ orbitals : 0 I 2 3 

Order of energy : ns < np < nd < nf 

The order shown above is because of the fact that as the 
value of / increases, the orbital penetration near the nucleus decre¬ 
ases and the shielding due to inner electrons becomes more effective. 
In other words an electron with larger value of / feels less nuclear 
charge. 



0 

Fig. 115. Energy level diagram of poly-electron atoms. 

Here it should be noted that the order of energy of orbitals 
shown above implies well for the elements of low atomic numbers 
only. With the increase* in atomic number the relative energies of 
many of the levels change slightly. 

For the elements with atomic number less than 20, the energy 
of 3d-orbital is higher than that of 4s-orbital (4 j < 3d), but this 
order for the elements with atomic number greater than 20 is 
reversed (i.e. 3d < 4s). Similar changes occur in the relative 
energies of 4/ and S</-orbitals before and after the atomic number 
57. 

RULES FOR FILLING THE ORBITALS WITH ELECTRONS’AND ELEC¬ 
TRONIC CONPIGORATICW OF EIXMENTS-' - - 

The filling up of orbitals with electrons takes place according 
to certain rules which are given below : 
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(/) The maximum number of electrons in a main shell is equal 
to 2«* where n is the shell number. 

(//) The maximum number of electrons in a sub-shell (or an 
orbital as it is called) like s, p, d or/is equal to 2 (2/-f-l) 
where /=0, 1, 2 or 3 for s, p, d and f orbitals respectively. 
Thus s, and/orbitals can have a maximum of 2, 6, 10 
and 14 electrons respectively. 

(//7) Aufbau Principle. Aufbau is a German expression which 
means binding up or construction. It is pronounced 
as of bow : According to tMs principle the orbitals are filled 
up in the order of increasing energy, i.e. the orbital with the 
lowest energy is filled up first while that with the highest 
energy is filled up in the The energy of various orbitals 
• increases in the order given below : 

-- Energy Increases -- 

1j < 2j < 2p < 3 j < 3p < 4r < Srf < 4p < 5s < 4rf < 5p < 6 j 
< 4f < 5d < 6p < 7s < 5f < 6d < 7p < Ss < ... 

The order shown above is the order in which the orbitals are 
filled with electrons. This order can also be represented diagram- 
matically Fig. 1-15). This diagram is generally called electron 
configuration diagram. In this diagram we find that the order of 
filling is in vertical manner from top to bottom and then from left to 
right. 

As a working rule a new electron enters the orI>ital for which 
•ii'c ** minimum, e.g. if we consider 3d and 4s orbitals, the electron 
Will first enter 4s orbital in preference to 3d orbital. This is because 
of the fact that the value of (n+A for 4s orbital is less (=4-l-0==4) 
than that for 3d orbital (3-f-2=5). 

In case of orbitals for which {n-yl) values are the same, the 
new electron enters the orbital for which n is minimum, e.g. if there 


(it) Pf>dC££D FROM LEFT TO RIGHT 



Fig. 1 16. Electron configuration diagram showing Aufbau 
principle to fill up orbitals with electrons. 
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is a choice for the electron to enter 3</ and Ap orbital for both of 
which (.’i-l-/) values are the same (=3+2=5, 4+1=5), the electron 
will prefer to go to 3d-orbital, since n is lower for this orbital. 

The order of filling of orbitals with electrons as given, above 
shows that after 6i orbital the next electron must enter 4/ orbitals 
but actually what happens is that after the completion of 6s orbital, 
one electron goes to 54 orbitals (instead of 4/ orbitals) and after a 
single electron has been added to 54 orbitals, the filling of 4/orbitals 
starts-and this fillinit continues until 4/ orbitals are completely filled 
(4/“). Now 54 orbitals which are already singly filled (5</') again 
start to nil up and are completely filled. This is because AJ aii4 54 
orbitals have almost the same energy. 

Similarly one or more electrons enter the 64 orbitals before any 
electron occupies 5/ orbitals. This is also because of the fact tl}at 
5/ and 64 orbitals are close to each other in energy. Thus the 
orbitals must be filled in the following order. 

Orbitals being Filled- > 

1j», Is*. 2p*, 3j*, 3/?«, As*, 3d«, Ap4, 5^*, 4rfi«, 5p*, 6s*. 54*, Af**, 

54* <• 6p*, 7s*, 64* " *, 5f**, 64* " *<>, 7p*, Ss*. 

(iV) Spins of electrons. Each of the sub-orbitals (e.g. s, />,, py, 
Pt, 4xy, ...) can hol4 only two electrons an4 these two elec¬ 
trons must have opposite spins in accor4ance with Pauling's 
exclusion principle. Electrons entering singly tend to have 
the same spins to obey the exclusion principle. 

(v) The electronic configuration of an atom is written in terms 
of nl* notation where n is the main energy shell number 
and has the values 1, 2, 3..., / is one of the sub-shells (or 
orbitals) such as s, p, 4,f... and x gives the total number 
of electrons present in sub shell defined by n and / values. 

(vi) Hond’s rule of maximum multiplicity. On the basis of 
magnetic measurements which are helpful in determining 
the electronic configuration of elements, Hund’s put 
forward an empirical rule known after this name as 
Jiund’s rule of maximum multiplicity. According to this 
rule electrons enter the sub-orbitals (e.g., s, p*, p„, p*, 

in such a way as to give the maximum number of unpaired 
electrons an4 these unpaire4 electrons have the same 4irec- 
tions of spins Thus, when several sub-orbitals of equal 
energy (degenerate orbitals) are available, electrons prefer 
to occupy separate orbitals rather than get paired in the 
same orbital. This, in other words, means that pairing 
begins with the introduction of second electron in s orbital, 
the fo rth in p-orbital, the sixth in if-orbital and eighth in 
the/.ibital. 

(v// s Sub-orbitals (e.g. s, pi, Py, Pt, 4xy, ...) Itend to become 
completely-filled or half filled, since such orbitals are 
more stable than any other orbital. 
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The complete electronic configuration of the elements from 
hydrogen (atomic number, Z=l) to Ku ^Z=104) have been deter¬ 
mined with the help of the above rules and are given in Table 1-6. 

A study of the Table shows that the actual [i.e. experimental) 
configurations as given in the Table of some transition elements 
(d-block elements) are different from their expected configurations as 
shown below ; 


Series 

Eiement with 
atomic number 

Expected vaience 
shell configuration 1 

Actual valence 
shell configuration 

id-series 

Crj 4 


iPAs^ 


Cui* 


3</i04i» 

Ad-series 

Nb.i 

AtPSs^ 

4</*5j1 


M 04 , 

APis^ 

4<i*6ji 


RU 44 

1 APSs^ 

AtPSs^ 


Rh44 

APSs* 

AtPSs^ 


P<f4. 

APSs* 

AdPiP 


Ag«T 

Ad^s* ■ 

4d«5s» 

id-series 

PtT. 

Ap*ip€s* 

4/M5<P6j* 


Aut, 

-P*StP6s* 



Obviously the actual configurations are obtained by shifting 
one or two electrons front ns to (n—1> </-orbitals. Such type of 
shifting in case of some elements like Cr, Cu, Mo, Pd, Ag and Au 
can be explained on the basis of the concept that half-filled or 
completely-filled (n —1) </-orbitals are more stable than </*, eP and tP 
orbitals. Anomalous configurations of other elements like Nb, Ru, 
Rh and Pt are explained on the basis of nuclearTelectronic and inter- 
electronic forces the discission of which is beyond the scope of tiis 
book. 
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Table 1-6- Ground State Electronic Configurations of the Elements 
























Structure of the Atom 


43 



ri n 













































Structure of the Atom 


References 

1. Arthur Beiser, Concepts rf Modern Physics, McGraw-Hi!l ‘Koga* 
kusha, Ltd., Tokyo, 1963. 

2. P.A. Cotton and G. Wilkinson. Advanced Inorganic Chemistry, 
Wiley—Interscience. New York. 1962. 

3. M.C. Day, Ji. and J. Selbin, Theoretical Inorganic Chemistry, 

Reinhold. New York, 1962. 

4. R.E. DcSglas and D .H. Mcdanieil. Concepts and Model of Inorganic 
Chemistry, Blaisdcll Publishing Company, Waltham, Mass, U.S.A., 
1965. 

5. R.B. Hesl <9 and P.L. Robinson. Inorganic Chemistry, Elsevier Pub* 
iishing Company, Amsterdam, 1967 (Third Completely revised 
edition). 

6. R.M. Hochstresser, The Behaviour of Electrons in Atoms, Benjamin, 
New York, 1964. 

7. J.W. Linoett, iVave Mechanics and Valency, Wiley, London, 1960. 

8. Milton Orchin and H.H. Jaffe, Symmetry, Orbitals and Spectra 
(SOS) Wiby—Interscience, New York. 

9. F.K. Richtniyar. E.H. Kennerd and T. Lanristoi, Introduction to 
Modern Physics, 5th Ed., McGraw-Hill, Inc., New York, 1936. 

10. iI.E. White, Introduction to Atomic Spectra, McGraw-Hill, New 
York, 1934. 

11. W. Heither, Elementary Wave Mechanics, Clarendon Press, Oxford, 
1945. 

12. CW.N. Cnmper, Wave Mechanics for Chemists, Heinemann, London, 
1966. 

13. Y.K. Syrkin and M.E. Dyakkiu. Structure cf Molecules and the 
Chemical Bond, Dover PuWications, Inc., New York, 1964. 

14. G. Hcrzberg, Atomic Spectra and Atomic' Structure, 2nd^tition, 
Dover Publications, New York, 1944. 



2 


Extended or Long Form of 
Periodic Table 


MENDELEEF’S PERIODIC LAW AND MENDELEEF S PERIODIC TABLE 

It was in 1861 that Mendcleef for the first time attempted to 
classify the elements in some order ihat could explain their properties. 
He gave a law known as Mendelcef’s Periodic Law which states that 
the physical and chemical properties of the elements are a periodic 
function of their atomic weights. He arranged the elements in the in¬ 
creasing order of their atomic weights in the form of a table known 
as Meadeleef’s Periodic Table dividing the elements into groups 
(vertical columns) and periods (horizontal rows). 

The post-Mendeleef developments, however, brought out a 
number of defects and anomalies in this Table. The anomaly was 
the position of three pairs of elements ; tellurium and iodine, argon 
and potassium a^nd nickel and cobalt which was not in ac. 'rdance 
with their chemical behaviour. The accommodation of r.irc e.tnhs 
and isotopes on the basis of their rising atomic weights also posed a 
problem. 

MODERN PERIODIC LAW 

The work of Mosley (1911) proved beyond doubt that the pro¬ 
perties of the elements are well explained and most of the anomalies 
and defects of Mendeleef’s Periodic Table disappear if the basis of 
classification of the elements is changed from atomic weights to 
atomic numbers. This formulates the modern periodic law as : the 
physical and chemical properties of elements are a periodic function of 
their atomic number. 

EXTENDED OR LONG FORM OF PERIODIC TABLE 

In order to remove the defects of Mendeleef’s periodic table a 
number of tables have been suggested for the classification of 
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elements. All these tables classify the elements on the basis of modern 
periodic law, i.e. the elements are arranged in the increasing order 
of their atomic numbers. Out of such various tables the one 
facing this page is most widely used and is called Long Form of 
Periodic Table. It is also referred to as Bohr’s Table, since it appa¬ 
rently follow^ the Bohr scheme of the arrangement of elements into 
four types based on their electronic configurations. However, the 
credit cannot be assigned to any single person for the development 
of this widely used periodic table. 

Mechanically this table is derived from the original Mendeleef’s 
table by merely extending each of the long periods and separating 
the sub-groups by breaking its short periods. Hence the name extend¬ 
ed form of periodic table. 

Different Portions of the Long Form of periodic table. The long 
form of the periodic table has the following portions ; 

1. The Left Portion. This portion has the elements of groups 
lA and HA. These elements are extremely electropositive in 
character. 

2. The Right Portion. This portion consists of the elements of 
groups IHA, IVA, VA, VIA, VlIA and zero. This portion has metals, 
all metal!o ds such as Ge, As, Se, Sb, Te, non-metals and noble gases. 
The hoble gases are present to the extreme right and the extremely 
electronegative elements (ie., VIIA group elements—halogens) are 
situated on the left of the inert gas group. The typical non-metals 
lie on the diagonal drawn from C» to Rn,, through Pu, 8654 and Ij,. 
(The numbers indicate the atomic numbers of the elements). 

3. The Middle Portion. This portion consists of the elements 
of groups IIIB, IVB, VB, VIB, VIIB, VllI, IB and IIB. Elements 
present in this portion can be classified into two groups : 

(/) Transitional Elements. These elements are divided into four 
series : 

(a) First transition series. This scries has 10 elements from 
Sc 2 i to Zn 3 o. 

{b) Second transition series. This series has also 10 elements 
from Ysg-to Cd 4 g. 

(c) Third transition series. The total number of elements in 
this series is also ten. These elements are Lag? and from 
Hf„ to Hgg,. 

id) Fourth tran-diion series. At present this series has only 3 
elements which are ACg», Kujoi and Hajgg. 

(ii) Inner Transition Elements. These inner transition elements 
have been grouped into two groups :— 

(n) Lanthanides. These are 14 in all from Ccgg to Lu,i- These 
elements are present in IIIB group of the periodic table. 
For convenience, all these elements have been placed at a 
separate place at the bottom of the periodic table. 
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(b) Actinides. These are also 14 in all from Th^ to Lwioa 
These elements are also the members of IIIB group. For- 
convenience these elements are also givsn a separate place 
at the bottom of the periodic table. 

Study of Periods and Groups 

Periods. These are the horizontal rows. Lorg form of the 
periodic table consists of 7 periods 

(f) First Period (n=-l). /i= 1 indicates that there is only one 
main energy level for the elements of this period. This 
period has two elements viz. H| and tlCf 

(ii) Second Period {n=l')'. There are two shells in the elements 
of this period. It has 8 elements viz. Li, to Nei#. 

{Hi) Third period (n = 3). This period also has 8 elements : Nan 
to Ar„. Second and third periods are called short periods. 

(iv) Fourth Period (n=4). This period has 18 elements (Kj* to 
Kr,,). 

(v) Fifth Period {n=5). This period also has 18 elements (Rb 37 
to Xeji). 

(v/) Sixth Period (« = 6). This period has 32 elements. Fourth, 
fifth and sixth periods are called long periods. 

{vii) Seventh Period. (n=l). This is an incomplete period which 
at present has 19 elements which are from Fr,, to ftaios- 
All these elements are radioactive. Out of these the 
elements namely Fr,,, Ra,,, Ac,,, Th,,. Pam and U,, are 
naturally occurring radioactive elements while the 
remaining elements {i.e., Npw to Hai#,) are man-made 
(ie., artificially prepared) radioactive elements and are 
called transuranium elements. 

Groups. The vertical columns are called groups. These are 16 
in all as shown below ; 

(i) I A, IIA, III A, IVA, VA, VIA and VIIA groups (7 groups). 
The elements of these 7 groups are called normal elements. 

(«) IB, IIB, IIIA, IVB, VB, VIB and VIIB groups (7 groups). 

{Hi) VIII group. This group has three columns. 

IB, IIB, IVB, VB, VIB, VIIB and VIII groups have purely 
transitional elements whil-^ in IIIB group some elements 
are transition elements and the remaining are inner 
transitional elements. 

(/v> Zero Group. This group has inert gas elements. 

In this way, we find that the total number of vertical columns is 
18 while the number of groups is only 16. 
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Why is long form of periodic table more clear than the Mende- 
leef’s peiiodic table ? (/) The arrangement of the elements is based 
on a more fundamental basis, viz., atomic number. 

(//) In this periodic table the position of an element is related 
to the electronic configuration of its atoms. 

(Hi) There is' a gradual change in properties of the elements 
with the increase in their atomic numbers. 

(iv) Position of transition elements. The significance of the 
transition elements is that these elements have properties 
intermediate between those of s- and p-block elements. 
In this table the transition elements have, therefore, been 
placed in the middle of the periodic table. 

(v) Inner transition elerr.ents. These are the elements that inter¬ 
rupt the transition elements. The interruption by 14 ele¬ 
ments (known as lantlvinides) first occurs in the sixth period 
between groups IIIB and IVB (between Laj, and Hf 72 ). 
Similarly, the interruption of other 14 elements (known as 
actinides) occurs in the seventh period between the same 
groups (i.e. between Ac^a and Kui^). 

In this table the lanthanides and actinides hove been given a 
separate place at the bottom of the periodic table. 

(vi) Due to the separation of the two sub groups, dissimilar 
elements (e.g., alkali metals and coinage metals) do not fall 
together. 

(vii) Separation of metals from non-metals. In this table a com¬ 
plete separation between metals and non-metals has been 
achieved. The elements on the left hand side of the perio¬ 
dic table i.e., the elements of groups lA, IIA, IIIB, IVB, 
VB, VIB, VIIB, VIII, IB, and IIB are metals while the ele¬ 
ments present on the right hand side of the periodic table 
i.e., the elements of groups IIIA, IVA, VA, VIA, VIIA are 
metals, non-metals and metalloids. 

The thick line shown in the periodic table approximately 
separates the metallic from the non-mctallic elements. 

The metallic properties are most pronounced in those elements 
which afe present in tve lower left corner of the periodic table and 
the nom-metallic properties are pronounced in the upper right corner 
of the table (excepting the noble gases). 

(viil) This arrangement of the elements is easy to remember and 
to reproduce. 

(ix) The division of the Long Form of periodic table into four 
block elentents. The greatest advantage of this periodic 
table is that this can be divided into four block-elements 
namely s-, p-, d- and/-block elements. In i-block, p-block, 
(/-block and /- block there are 2, 6, 10 and 14 elements in 
each period respectively. 

The division of the Long Form of periodic table into four blocks 
is shown in Fig. 2-1. 
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Defects of Long form of Periodic Table 

(/) The Position of Hydrogen. The problem of the position of 
the hydrogen in this periodic table has not been solved 
completely. Although electronic configuration of hydrogen 
is the same as the valence shell configuration of the alkali 
metals in the sense that both have only one electron 

(H-► IsS alkali metals-► ns*), their properties are 

not similar. 

(a) Position of He. Chemically helium is an inert gas but since 
the remaining members of the inert gas group possess the 

electronic configurations ns^p* against that of He- * Is*, 

a different place should be given to helium. 

Also, helium and alkaline earth metals have,similar electronic 
configurations and as such helium should be placed in the group of 
alkaline earth metals. But this cannot be done because the properties 
of He are altogether different from those of alkahne earth metals. 

Thus it is concluded from (/) and (//) that hydrogen and helium 
should be placed in separate groups in the periodic fable. 

(Hi) Position of Lanthanides and Actinides. This periodic table 
is unable to include these groups of elements in its main 
body. 

(jv) This periodic table does not reflect the exact distribution of 
electrons among all the elements. 


ELECTRONIC CONFIGURATION OF THE ELEMENTS AND THE BUILD- 
UP OF THE PERIODIC TABLE 

The electronic configurations of the atoms of the elements in the 
ground state (as given in Table 1-6 page 42) are determined with the 
help of Aufbau Principle, Hund’s rule and Paulie’s Exclusion Principle 
dewribed already in chapter on Structure of the Atom. While 
building up the periodic table from hydrogen onwards it is 
imagined that the next higher atom has essentially the same inner 
configuration as the preceding one and thus electronic configuration 
of the next element is determined by adding one electron to the inner 
configuration of the preceding atom as shown below. In the following 
discussion the numbers indicated as the subscript to the symbol of the 
elements are the atomic numbers of the elements concerned. 

Period 1 (n = l). The single electron in Hi-atom enters the 
Ij-orbital, giving li* electronic configuration to //-atom. Second 
electron in i/e-atom also enters Is-orbital to give Is* configuration 
to //e-atom. Thus at He, K shell is completely filled. 


Period 2 (n=2). At Li’s the filling up of 2s-orbital starts and 
is complete a’ Be*. Similarly at Bt, 2p-orbitals start filling and these 
are completely filled at Nei^ which is the end of second period. The 
complete configuration of Ne,, viz. Is* 2s*p* or [He] 2sY shows 
at tiw end of 2nd period^ and L shells are completely filled. 
dently 2 j- and 2 / 7 -orbitals are filled at the end of this period. 


that 
Evi- 
In the 
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configuration viz. [ Le 2s*p^, [He] indicates the configuration of He 
atom (vjz. ij®) and hat the configuration ofNchas essentially the 
inner configuration )f]!e. 

Period 3 (n*= j). In this period 3s- and 3p-orbitals are being 
(Kcupied and are completely filled at Ari* whose complete configura¬ 
tion is, therefore, iS‘, 2s*p*, 3s*p* or [Ne]3s*p* which shows that at 
Ar M-shell whose iHiximum capacity to contain the electrons is 18 
is not completely fith d, since 3i/-orbitals of M-shell are still vacant. 
K and L shells are, h iwever, complete at the end of this period. 

Period 4 (n=4). Since 4s-orbital is of lower energy than 'id- 
orbital, it will be f iled first. Thus the configurations of K,» and 
Cajo are [Ar] 45 ' and [Ar] 45 * respectively. 

In the next element, Scj,, the additional electron enters id- 
orbital and this urc cess ends at Znjo where 3<f-orbital is completely 
filled. Thus the -c nfigurations of Sc,, and Znjo are [Ar] 3 <I' 45 * and 
[Ar] 3 d'® 45 * re .p» ctively. There are certain irregularities in the 
filling of 3if-Ievel, t.g., Cr,^ and Cuj# have the valence shell configu¬ 
rations, hd^ 45 ' aic 3d'® 4?' and not the expected ones 3d' 45 * and 
3d® 45 *. This is dne to the fact that the half-filled in Crji) and 
completely-filled (d*® in Cujs) electronic configurations appear to 
have extra stabi ty. The series often elements namely Sc.. i to Zn^# 
is called first transition series. 

At Gasj, 4 / 7 -orbital starts to fill up and is completely filled at 
Kr,,. Evidently 45 -, 3d- and 4 / 7 -orbitaIs are completely filled at 
the end of this period. 

Period 5 (« =5). We have seen that at Kr^, 4 / 7 -orbital is c 6 m- 
plete. The next electron enters 55 -orbital in Rbi^ and this orbital 
IS complete at Thus these elements have their valence shell 

configurations as 55 ' and 55 * respectively. 

At Tss the 4d -orbital starts to fill up and is completely filled 
at Cdgg. Thus the valence shell configurations of and Cd^ are 
4d' 55 * and 4d'® 55 * respectively. In this series of 10 elements (Fa* 
to Cdgg) also the unpairing of 55 -electrons takes place to give the 
stable half-filled 4d* (3/o-»4d^ 55 *) and completely filled 4d'® (Ag-r- 
4d'» Sr') configurations. A series of ten elements,! Tg* to Cd**) cons¬ 
titutes a second transition series. 

At In 49 5/’-orbital starts to fill up and is completely filled at 

]Heg4a 


Period 6 ( 77 = 6 ). The next electron enters 65 -orbital at Csgs 
srdatBagg it is complete. Thus these elements have [Xe] 65 ' and 
and [Xe] 65 * electronic configurations respectively. 

Now the Older in which different orbitals are filled with elec¬ 
trons sugeeste that after 65 -orbital has been completely filled at Bagg, 
the additional electron must enter 4/-orbital at Lag,, but what 
happens is that aher the completion of 65 -orbital, one electron goes 
to Sd-orbital (instead of 4/-orbital) and after a single electron has 
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been added to 5d-orbital at La„ to get its electronic configuration 
as fXel 6 j* the filling of 4/^rbital starts and this filling conti 
“S s.;i.rA„ .1 »4dl V-orbiu. <>“ « 

Lu,. The cause of this abnormal behaviour is that 4/- and 
orbitals are very close to. each other in energy. 

we have a series of 14 elements (Ce„ to Lu„) m which the additional 
electron enters 4/-orbital. These 14 elements are called lanthanides. 
In this series of 14 elements the filling up 

regular at certain places, since, for example, 4/’ (Gaw) and 
(TAjo) configurations seem to be of added stability. 

Now at Hf„, 4d-orbital, which has already been singly occu^ed 
at Las 7 , again starts to fill up and is completely filled at Hggo- The 
elements from La,, to //g,o (10+14 = 24 elements constitute a 
thir i transition seaies. 

6p-orbital is filled from 74, to Rn,,. Evidently at the end of 
this period 6s., 4/-, 5d- and 6p-orbitals are completely filled. 


Period 7 (n = 7). After 6p-orbital, 7j-orbital starts to fill up 
at Frar and it is complete at Ra^t,. In the next element namely 
the additional electron goes to (xf-orbital (not in 5/-orbital). After 
Acgf the electrons start to fill up SZ-orbital which is complete at 
Lwios- Ih this period as well a series of 14 elements (Thg^ to Fti'ioa) 
appears. The elements of this series are called actinides. The 
elements from Ac,a to Lw^o, constitute/owr/A transition series. 


Valence-shell configurations (ground state configurations) of 
atoms of all the elements of periodic table are given in Table fac¬ 
ing page 50. 


TYPES OF ELEMENTS ON THE B.\SIS OF THEIR ELECTRONIC 
CONFIGURATIONS 

(1) Differentiating Electron Classification. This classification 
divides the elements into four types viz. s-, p-, d and/- block elements 
depending on the nature of the atomic orbital into which the last 
electron (called the differentiating electron) enters. 

(A s-block Elements. In these elements the differentiating 
electron enters the /iJ-orbital which is being progressiv^y filled. 
The elements of groups IA (H, Li, Na, K., R.b, Cs and Fr) and 
II A (Be, Mg, Ca, Sr, Ba, Ra) belong to this block. The valence- 
shell configuration of these elements varies from ns^ to nj® where 
n— number of the valence-shell or number of the period in which the 
element is present. The members of this block thus lie on the 
extreme leftpf the periodic table. 


(//) p-block Elements. The elements in which p-orbitals are being 
orogressively filled are called p-block. The elements of the groups ; 
III A (B, Al, Ga, In, Tl), IV A (C, Si, Ge, Sn.Pb), V A (N, P, As, Sb, 
Bi), VT A (O, S, Se, Tc, Po), VII A (F, Cl, Br, I, At) and zero (Ne. 
Ar,' Kr, Xe, Rn. Note the exception of He whose configuration 


the members of this block. In the atoms of these 
el-.-ments the differentiating electron (also known as additional cr 


is 1 5^1 are 
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(/Y/) <Y-block Elements (Transition Elenlen>«^ i 

elements. periodic table i.e. between j-and /i-block 

The valence-shell configuration of these elementc r-an k<. 
represented as (n —lW>-'o m S'12 1 can be 

senes. It has also ten elements viz Y,o Zr Nlh ' Mr. t n 

thhJdr Penod";iem"enS"’ln SreW 'e^^^ 

the additional e ectron goes to 4i/.orbitals. (r, V^rYe/ These 
are also ten elements; La„, Hf„ Ta W p/ Ac 

(6th period elements) Her^'uie^Stra^e’lectmn 

5^-fbitals. (d) 6 d-series(incomp/eL seHes) M vrlscnt 

this series has three elements viz Ar if n u ' —u 

the elements of 7th period (incomplete period). It is hoped that the 

Pf Ihis" erTef “inThe member 

?ies 6d!"rbLls electron occu- 


(tv) /-block Elements (Inner-transition elements! Th*. «u,v, . 
m which .he extra eleclron enters the (n-2)/“rS s oHhe t 5 Sk 
main shell are called/.block elements. The atom! of Ihae ekiiiSX 

Sme, Eu„ Gd„, Tb«. Dy„. Ho„, Er„, Tm„, yC Lu, 
elements 4/ orbitals are being progressively filled (b\ 5/' 
Mc/im</« or Actinones). This series also has 14 eIements\/>‘ Th“ 
rag,, Ugj, Npg,, Pu,4, Am,5, Cm^. Bk,,, Cf«, Es„ Fm iJa 

fti belnrpr" r«: 

shown^rT” "• » 
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Fig. 21. Classification of the elements into 5-,/>-i and/-block 

elements. 

(2) Bohr’s Classification. In this classification proposed by 
Bohr the elements are grouped into four classes depending on the 
number of incomplete shells of electrons in the atom. 

(/) Inert gases. In the atoms of these elements the s~ and p- 
sub-shells of the outermost shell are completely filled. Thus the valence- 
shell configuration of these elements is ns*p* with the exception of He 
which has configuration. 

On account of the highly stable ns-pfi configuration in the 
valence shell these gases have very little tendency to form chemical 
compounds with other elements. 

(//) Representaitire or Normal Elements. In the atoms of these 
elements the oMrcrmojf shell i.e. nth shell only is incompletely filled 
while all the underlying levels are filled to their capacity. 

These consist of some metals, all non-metals and metalloids 
and may be divided into two types : 

(а) s-block elements. The outermost shell configurations of 
these elements vary from ns^ to ns*. The members of j-block elements 
lie on the extreme left of the periodic table. These include alkali- 
metals (group lA) and alkaline earth metals (group IIA). These are 
13 in ail. 

Since the addition of extra electron in the atoms of these 
elements is taking place in ^-orbital, these are called j-block 
elements. 

(б) p block. elements. The atoms of these elements have their 
outermost shell configuration represented by tc ::s*p*. 

These elements lie between the transitional elements and inert 
gas elements and are 25 in all. 
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Since in these elements, the additional electron enters p orbitals, 
these are called /7-block elements and on this basis, inert gas elements 
are also p-block elements. Evidently these are present at the 
extreme right of periodic table, if inert gas elements are also included 
in these. 

{Hi) Transition Elements {d-block elements). In these, the 
outermost two shells are incomplete. These are placed in the middle of 
periodic table, between s- and p-block elements. 

Atoms of these elements have (n—1)' ^ ns o^ "*■ * genera) 
configuration. Evidently it is the rf-orbital of the penultimate shell 
[f.e. {n—\)th shell] that is partly filled or in which the addition of the 
extra electrons takes place, ft is due to this reason that these are 
called </-block elements. 

Four transition series appear among the transition elements 
corresponding to the filling of 2d-, 4d-, 5d- and 6 d-orbitals of {n — \)th 
shell. 

(a) Sd-series. This series has ten elements : Sc^^ to Zn^^. In 
these extra electron enters 3</-orbitals. 

{b) 4d-series. These are also ten elements : 7,, to Cdts^. In 
these additional electron enters 4<f-orbitals of {n—\)th shell. 

(c) Sd-series. These are also ten elements : La„ , Hfn to Hg^^. 
Here electron enters 5d-orbital. 

{d) 6d-series (incomplete). It has three members at’present. 
These are Acm, and Ha^s. It is hoped that the elements with 
atomic numbers from 106 to 112 would be the members of this series. 

(jv) Inner Transition Elements (/-block elements). The atoms 
of these elements have outer three shells incomplete. These three 
incomplete shells are (z) outermost nr-orbital (z7) (n—1) c/-orbital and 
{iti) (tj— 2 )/orbital. 

The atoms of these elements have their general electronic con¬ 
figurations as {n—2)p . (i»—l)d® ^ i of» . ;i 5 *. 

Strictly speaking, these elements are transition elements, 
although they may be so distinguished electronically from regular 
transition elements as to be literally members of transition series 
within transition series. Hence the term inner transition. 

If we accept the valence shell configurations of the inner tran¬ 
sition elements as given above Lasy (4/® 65 ®) would be excluded 

from this series. However, similarities in chemical and physical 
characteristics existing between La and the inner transition series 
commonly justify the inclusion of La in the inner transitional 
elements. 

These are of two types ; (a) 4f-series. These are fourteen 
in all (Cess to Lbn) and are called I^thanides or Lathanones in ' hich 
the 4/-orbital is being filled, {b) 5f-series. These are also fourteen in 
all (Thso to Lwiosl’and are called Actinides or Actinones. In these the 
5/-orbitaI is being filled. 
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the properties of an element are assS to depL 1 
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ties. The differentiating electron configuration is cmainirmL; 
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ATOMIC AND IONIC RADII 

The term atomic or ionic radius is generally used for distance 
between the nucleus and the outermost shell pf electrons of the 
atomic or ionic particle. Since it k impossible to isolate an indivi¬ 
dual atom or an ion, it is not possible to measure the atomic or 
ionic radius. These quantities are, however, generally derived in an 
indirect manner from the measured distance between the nuclei of 
two bonded atoms in a gaseous molecule or between the nuclei of 
two ions in crystals (or solids). In the former case, these distances 
are called internuclear distances (or hand lengths or bond distances) 
and in the latter case these are called interionic distances. 

The internuclear distances (in covalent substances) and inter¬ 
ionic distances (in ionic substances) are generalfy determined by 
X-ray diffraction, electron diffraction, NMR spectroscopy techniques 


etc. 


Classification of atomic radii. Atomic radii are sub-divided 
into three classes ; (a) Covalent radii as in non-metals and in covalent 
molecules in general (6) Metallic (or crystal) radii as in metals, 
alloys or inter-metallic compounds, and (c) Van der Waals radii. 


(a) Covalent Radius. U is defined as half of the distance bet¬ 
ween the nuclei of two like atoms bonded together by a single 'covalent 
bond Thus covalent radii are essentially single bond covalent radii 


(SBCR). 

Consider a homo-nuclear diatomic molecule Aj having two 
like atoms vir. A and A bonded together by a covalent bond. If in 
this molecule the two like atoms are regarded as effective spheres in 
close contact with each other, then according to the definition of 
covalent radius as given above, the distance between the nuclei of 
these two atoms (i.e., bond length or internuclear distance ^a—a) 
should be equal to the sum of single-bond covalent radii of both the 


atoms. 
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Thus : Periodic Properties 



dA _A=rA-frA 

...(1) 

or 

> 

1 

> 

...(2) 

where 

rA=single-bond covalent radius of atom A. 


If in a hetero-nuclear diatomic molecule AB the two atoms A 
and B are bonded together by purely covalent bond, then the inter- 
nuclear distance (/.e., bond length) is equal to the sum of ta 
and rB. In other words, if the electronegativity of atom A (;ca) is 
equal to that of B (xb), then dA _b is equal to rA-f ra, i.e.. 


^A_B — rA “1- ^B, 


when 


JfA = AfB 


If XA is not equal to ora, experimental value of </a.b is less than 
that obtained by the sum of ta and tb as is evident from the follow¬ 
ing examples ; 

(0 (rfc-i)exp=214A“ 

(</c-i)cal=^c+ri=0-77+l-33=2-10 A" 

00 (‘/s-Br)exp=2-27 A“ 

(cfs-Br)cal=^s+rB,= 102-l-0-14=2-16 A 

The deviation is due to a number of factors such as (a) electro¬ 
negativity difference between the bonded atoms A and B (or in other 
words due to the increasing ionicity of the A—B bond and (b) multi¬ 
plicity of the bond between A and B. 

In order to compensate for the ionic character of A—B bond, 
Schomaker and Stevenson '(1941) have suggested that, in general’, 
the interatomic distance dA.s for a bond A—B, should be taken as 
the sum of covalent radii, ta and ro, for the atoms A and B, coupled 
with a correction term equal to —0 09 (xf;— xb), where (xa—Xb) 
is the difference in the absolute values of electronegativity of A and 
B. Thus ; 

— B=»rA+^B— 009(xa— xb) ...(3) 

Incase of some bonds (eg. Si-C bond) the application of 
Eqn (3) reduces the discrepancy between (rfA.B)«aJ and (dA b)o». 
while m case of some other bonds (e.g., C—Cl bond), the discre¬ 
pancy increases. 

A more general equation for calculating </a_ b has been given 

by Pauling. This equation is ; 

dA _8='rA-bf8—C(xrA— jtb) 


...(4) 
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where C is called Schomaker and Stevenson co^cient and ha-s differ¬ 
ent values (in A) for atoms A and B. 

Single-bond covalent radii or simply covalent radii as these 
are called of s~ and p-block elements are given in Table 3-1. 

Table 31. Covalent Radii {single-bond covalent radii) 
for 5- and p-block Elements (A) 


j-block elements _p-bock elements 


lA 

HA 

HI A 

IV A 

1 

VIA 

VHA 

Zero 


Be 0-90 

B 0-82 

C 0-77 


O 0-73 

F 072 

He 0.93 

Ne 0-71 

Na 1-54 

Mg 1-36 

At 1-18 

Si Ml 

P 116 

S I 02 

Cl 0 99 

Ar 0 98 

K203 

Ca 1-74 

Oa 1-26 

Ge 1-22 

As 1-20 

Sc M6 

Br 1-14 

Kr 1 12 

Rb 216 

Sr 1-91 

In 1-44 

Sn 1-41 

Sb 1 40 

Te 1-36 

I 1-33 

Xe 1-31 

Cs 2 35 

Ba 1-98 

T1 1-48 

Pb 1-47 

Bi 1-46 

Po 1 46 

At (1-45) 

Rn — 

Fr - 

Ra - 








Types of Covalent radii. Covalent .adii may be single-bond, 
double-bond and triple-bond covalent radii which involve single, 
double and triple bond respectively. The double-bond and triple- 
botd covalent radii are called mutiple-covalent radii. 

Double and triple bond covalent radii (in A) of some common 
elements are given Wow: B=0'76, 068 (Group III A); C=0'67, 
0-60 -Si = 1 07, 1 00;Ge = M2 ; Sn = l-30(GrouplVA) ; N=0 60, 
0 - 55 :P=I OO, 0 93; As = l ll ; Sb=l 31 (Group VA); 0=0-57, 
0-56(01"^); S =?0-97, 0-94 ; Se= 107; Te = 1 -27 (Group VIA). Some 
elements do not have triple bond covalent radii. 

{b) Metallic Radios (Crystal radios). This is us(?d for metal 
atoms which are assumed to be closely packed spheres in the metallic 
crystal. The metal atoms are supposed to touch one another in the 
crystal and the crystal radius is defined has one-half of the distance 
between the nuclei of two adjacent metal atoms in the metallic close- 
packed crystal lattice in whichjmetal exhibits a coordination number of 
12, e.g., the inter-nuclear distance between two adjacent sodium 

atoms in a crystal of sodium metal is 3-80 A only, the atomic 

radius (or metallic r»dius) of Na metal=3*80/2f» 1-90 A. Metallic 
radii are about 10 to 15% higher than the single-bond covalent radii. 
Metallic ra^ii of s- and p-block elements are given in Table 3-2. 
Tliese values aro for coordination number of 12. 
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Table 3 2. Metallic radii of and p-block elements (in A). These values 
__are for coordination number of 12. 


e/emem p-block elements 


lA 

n A 

ill A 

IV A 

VA 

VIA 

H - 



• 







Li 1 55 

Be 112 

b' 

098 

C 

091 

N 

0 92 

O 

__ 

Na 1 90 

Mg 1 60 

Al 

I 43 

Si 

1*32 

P 

1-28 

S 

1-21 

K 2 35 

Ca I 97 

Ga 

141 

Ge 

1-37 

As 

1-39 

Se 

1-40 

Rb 2-48 

Sr 2 15 

In 

1-66 

Sn 

1-62 

Sb 

1-59 

Te 

1-60 

Cs 2-67 

Ba 2-22 

TI 

1 71 

Pb 

1-75 

Bi 

1 70 

Po 

1-76 


Since the metallic bond which controls the proximity of the 
metal atoms to one another in the meUliic crystal is not localised 
bond between the bonded atoms, as is covalent bond, the bonded 
metal atoms in the metallic crystal lattice arc not drawn close to 
each other as they are in a covalent bond. 

The metallic radii are smaller than the Van der Waals radii since 
the bonding forces in the metallic crystal lattice are much stronger than 
the Van der Waals forces. * 

(r) Van der Waals Radius or Collision Radius. In the solid 
state, the non-metallic elements usually > exist as aggregations of 
molecules. The bonding mthtn a non-metal molecule is largely 
covalent ir, cha racter, and yet the individual molecules are tteld to 
each other by wl.at are usually called Van der Waals forces. Half the 
distance betw .en two atoms within two molecules so located may 
be called Van dcr Waals radius i.e.. Van der Waals radius is half of 
the distance between the nuclei of two non-bonded neighbouring atoms 
of two adjacent molecules. 

Thus radii are non-bonded. When two molecules approach 
each other without forming a chemical bond, there will be a slight 
attraction between them due to a mutual distortion of their electron 
clouds ; this force is called Van dcr Waals forct. These forces are 
absent when we have the substance in gaseous condition, but they 
draw together the molecules of a liquid and hold molecules in their 
places in a crystal lattice at low temperature. 

In the crystalline form of benzene hexachloride (CjHeCI,)# the 
molecules arc arranged so that the shortest distance between chlorine 

nuclei on different molecules is 3-6 A. Thus in this molecule the 
Van der WmIs radius of chlorine is 3-6/2-= 1-8A (half of the inter¬ 
atomic distance). In CdCIi the shortest distance between chlorine 
atoms not bonded to the same'mutual cadmium atom is 3-76 A. 
Here the Van der Waals radius of chlorine is 3'76/2a«l-88 A which 
is one^alf of the inter>atomic distaoce. 
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Values of Van der Waals radii of some elements are given in 
Table 3-3. 


Table 3-3- Van der Waals radii* of some elements (ia*A) 


1 

y A 

' VIA 

i 

i 

VIIA 

Zero 



H 1-2 

He 1-20 

N 1-5 

, O 1 40 

F 1-36 

Ne 1 60 

P 1-9 

1 S 1-85 

Cl 1-80 

Ar 1 91 

As 2 0 

1 Se 2-0 

Br 1-95 

Kr 2 0 

Sb 2-2 

1 Te 2-20 

12 15 

Xe 2-20 


*The values of Van der Waals radii are obtained from X-ray study of 
the elements in solid state. 

Comparison between Van der Waals and Covalent Radii. This 
comparison can be made by considering chlorine atom. Consider two 
molecules of chlorine viz. Cl 2 (l) and Cl 2 ( 2 ) in close contact with each 
other (no bond formation) (see Fig. 3-1). Let X and Y be the two 
nuclei of the two chlorine atoms of Cl2(2) molecule and X' and Y’ be 
those of the two chlorine atoms of Cl 2 (l) molecule. The half of the 
distance between the nuclei Y and X' of the two non-bonded neigh¬ 
bouring chlorine atoms of adjacent molecules C! 2 (l) and Cl 2 ( 2 ) is 
Van dar Waals radius of chlorine atom while half of the distance 
between the two nuclei X and Y in the same molecule Cl2(2) is the 
covalent radius of chlorine atom. In case of chlorine Van der Waals 
radius = 3-60/2 =1-8A while covalent radius = 1-99/2=0-99A. Thus 
covalent radius is smaller than the Van der Waals radius. 


^an der Waals distonce,YX = 3-60 A 

Y X 

I I van der Wools radius* 

I 2 

Cl,(2) Molecule 3 60 . 

-5-= 18 A 



''CUD Molecule 

I - 1 » J- XY 

I l**i Covalent rodiu$=-5- 


l’9Q * 

^=0 99 A 


I 


[ Infernuclear distance,XY=1-99A 


Fig. 3-1. Comparison between covalent and Van der Waals radius 
in chlorine atom. Cl 2 (l) and Cls(2) are two chlorine molecules 
in close contact with each other (no bond formation). 
X and Y are the two nuclei of the two chlorine atoms of 
Ct(2) molecule while X' and Y' arc those of ClsCl) 
molecule. 


Here it may be noted that noble gases do not form covalent 
bonds. Thus in crystals of noble gases no chemical forces operate 
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betwMO tbe atoms. It is only the Van der Waals forces that sire attrac¬ 
tive forces prevaiimg in these atmns. Thus for noble gases in the solid 
state the crystalradii{i^. atomic radii) are actually Van der Waals radii. 

Deterarination ionic of Radii 

As already stated covalent radii can be evaluated by an indirect 
method- The distance between the nuclei of the two bondetd atoms 
ii.e. inter-jiuclear or inter-atomic distance or bond length or bond- dis¬ 
tance) in covalent molecule in determined by X-ray, electro'n and 
neutron diffraction and spectroscopy. - The half of this inter-nuclear 
distance gives the vaiue of covalent radius. Here it has been assumed 
that both the atoms behave as effective spheres which are in contact 
with each other in the solid state. 

IONIC RAIHI 

Ionic radius may be defined as the distance between the nucleus of 
an ion and the point upto which the nucleus has influence on its electron 
cloud. The values of ionic radii of s- and n-block elements are given 
in Table 3-4. 

Table 3-4. Ionic {crystal) radii in A for coordination number 
six of s- and p-block elements 
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DetCTMiairtloa of loaic Radii 

The determination of ionic radii is more diflScult than that of 
covalent radii, since like atoms do not form ionic bond with each 
other. The size of an ion (/.e. ionic radius) can be determined only 
when that of some other ion is also known. 

The following methods have been used for the determination 
of ionic radii. 

(i) Lande’s Method. If in an ionic crystal the anion is very 
large compared to the cation, there is anion-^nion contact in the 
crystal lattice, e.g. since in Li+I' ionic crystal Li-*- ion is very small 
compared to I" ion (Li-*-—0-60A, I-=2-16A), I* ions are in contact 
wjfth each other (see Fig. 3*2). Tbe edge length AB of Li-*-!" unit cell 
na4 been found experimentally equal to 6-OOA. The diagonal CB of 
theAsquare face is thus given by ; 

CBa=(6)*+(6)2 = 72A 

or CB=V‘72A 

Now since the anions are in contact with each other, the 
diagonal, CB is equal to four times the radius of I'ion, . Thus : 

CB«= V7l =4 r, 
or ri_=i~v'72=212A 


la tbe crystal pf K+r, the cations and anions arc of compara- 
■ole size qpd' hence there is cation>aniOn contact (see Fig. 3-3). 



Fig- 3"2. A portion of crys» Pig- 3*3. A portion of K+I- crystal showing contact 
tal structure of Li+l ■ show- between K+ and f- ions 

ing contact between I- ions. 

Note— 

(i> CD-DF- FP .EB .rr- 
.(ii' Diagonal. cB=4ri- 
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Experimental value of tbe internuclear distance In K+I“ crystal 
■^K+—1- 3-52A which is equal to the sum of . and r. ' Thus : 
(^l_ =*2'12A as calculated above) 

= ^K++ V 

or 3-52=rjj^+212 

or ^ ri^+=3-52-212=.l'40A 

{it) Pauling’s method. Pauling has calculated the ionic radii of 
ions of such ionic crystals which have iso-electronic ions. (The ions 
which have the same number of electrons are called iso-electronic ions). 

Pauling s method is based- on the following assumptions : 

(a) The cation, c+ and the anion, a of the ionic crystal c+a- 
are assumed to be in close contact with each other, i.e xthe inter-ionic 
distance, dg+_g-. between c+ and a~ ions in c*a' crystal is equal to the 
sum of their ionic radii. Thus 

^ e ''—•••(0 
where and are the ionic radii of the cation, c+ and of 
anion, a' respectively. 

{b) If the ions viz. c^ and a' of the crystal are iso-electronic 
their ionic radii are inversely proportional to the efleetive nuclear 
charges acting on these ions. Thus : 

rc+ 

V ” (^r//)«+ 

• where and (Zr//)^- are the effective nuclear charges acting on 

tba^ation, c+ and on the anion, a' resp^ively. 

The effective nuclear charge Z,„ acting pn an ion is the actual 
nuclear charge, Z {i.e. atomic number) minus a factor, a. This factor 
takes into account the screening effects of electrons in the inner 
eneigy levels and is called screening eonstant. Thus (Z,„)^+and 

(Z.//),^ are given by : , 

(Z»//)^ = Z^+—) 

(Z*//)|,-=*Z^— Og- j 

With the help of these reUtiondtequatioi^^Ji reduces to : 
rc+ _ Zg — 

ra- Zg+-Og+ —0") 

By solring equations (/) and (///) the values of r^ ana r^ can be 
found,providcd that values ofZ^-, a^^-fb^’and 
knpwhi 

?^*”*****- iis apply this method for thib detemunation of 
the radii of Na+ and F" ions in Na* P~ cryitaL 
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With the heip of qiectral data Slater has ^wn that a for an ion 
having Ne-type configuration (i.e. Is^, configuration) is 4.5. Since 
bodi the ions in NA^F" crystal have Ne-type config;iiration, = ap 

= 4.5. for Na+ P" ionic crystal, = 11 and Zp- = 9. 

Thus equation (iiO given above can be written as : 
rc+_ 9-4:^ 4-5 


Tfl- 


ll_4-5~ 6-5 


Experimentally it has been found that the inter-ionic distance, 
V- between Na+ and F' ions in Na+F' crystal is 2-31A“ i.e. 

rtii++rf-=dff^+^f-=2l3 -(B) 


and 


On solving equations (A) and (B) we get 
rfj^+=0‘95 A“ 

< ^ rp.=l-36A“. 


CRVSTAL COORDINATION NUMBER 

In ionic crystal positive ions are surrounded by negative ions 
and vf« versa. The number of ions of opposite ch^ surroundit^ 
Sionin the crystal lattice is called the crystri eoortfMtIon number 

Of simply coordiwitlOO numbw* and is represented by C.N. 

In of ionic crystals of AB type (e.g. NaCl, ZnS) in which 
the number of each kind of ions is the ^e. tte coordination num- 
Sr ofthe positive ion is the same as that of the nej^ve ion, in 
SLcr the C.N. of Na+ and Cl ions is six. Th^ in- NaCI 

crystal eachNa+ ion is surrounded by eqyidi?)ant six Cl ions and 

rir^rW>«iehCri<MiMSiirroifflded by equidistant MX Na+ ions. On 
in case of ionic crysttls of ABi or A,B type (e.g. 

' r^FNa.Sl^ which the number of each kind is not the same, the 

tivA inn e B in CaF. the numbm: of F ions is doable that of Ca*+ 
ions ThM the coordination nun^r ofF' ion is dottle 

ion. X-ray itxOy has shown that coordinaUon numbers of Ca»t 
ynd F* ions aie 8 and 4 respectively. 

RADIUS 10310 

The radius riuio (R^) is definedTB the ratio of the 
radiusof tationCr^H-) ^***** ®^*"®®^^)*® ;^ ionic Orystal c+a . 

Thus: 

r® 

Vaplicathw. With the help of radius Otio'lt is possible to pre¬ 
dict thewtion/anion coordination number in ady ionic iprystal. Thus 
radiffs ratio can be used to. predict .the stopeme; the arrangen^t 
Sr diWSat ions) of the ioniCj Tcrysof. m effiect of 
ratio in det e n pining thneoeflination nfunber and .shape of ionic 
cryst^s is known as nflns Atio effect. 



Obviously as the cation becomes larger with respect to the 
anion/.«. Rr increases, more number of anions cm fit wound the 
cation i.e. the C.N. of cation will increase. Thjis C.N. of which will 
give the most stable structure to any pair of iopsi c+ and a is 
dependent on the radius ratio, Rr=»rc+/v value. 

The relationship between the various structures and radius 
ratio,are shown in Table 3‘5. 


Table 3*5. The limiting raduts ratio . (Rr^r^+lr^j 
values for various Coordination numbers {ccp=cubic 
close packing, hcp=hexagonal clOK pack uig) 


Umting value of 

r.. 

1 

Coordina~‘ 
lion num¬ 
ber 

Geometry {l.e. shape) of the ionic crystal 
(with examples) ^ 

0 to 01S5 

2 

Linear 

0 155 to 0*225 

3 

Trigonal planar (Boron oxide) 

0*255 to 0.414 

4 

Tetrahedral (ZnS) 

0 414 to 0-732 

4 

Square planar 

0*414 to 0*732 

6 

Octahedral ( NaCl) 

0-732 to 1*000 

8 

Body-centred cubic or twisted cub*'i (CsCI) 

1 

.» 

12 

1 

Qose packing (metals) (cep and hep) 


The following examples of ionic crystals of AB type (e.g. !NaCl, 
CsCl etc.) illustrate how the radius ratio concept can be usrf to 
predict the shape (i.e. the arrangement of different ions) of ionic 
crystal. 


Sbdtum chloride structure. The radius ratio for, NaCl 
=0*59/l*8I=0*524 which lies between 0*914 and 0*752 
(see Table). TTyis the co-ordination number should be 4 of 6 and 
the shape of NaCl ionic crystal should, therefore, be either sqwe 
planar or octahedral. X-ray study of NaCl- crystal h^ shovim that 

thecrystalhasoctahedralstrncture, i.e. cachNa*** ion « surroutod^ 

by six equidistant Cl' ions placed at the corners of a rjgujawwtahW- 
ron and similarly each Cl” ion is sorrounded by _six eqptqistant Na 
ions. la other words the stoichiometry of Na+Cl js 1 : 1 and coordi¬ 
nation number is 6:6.- 


((/). Cesium chloride strtfcture. In this ionic* crystal tfieraditts * 
6^/1-81 ,=0:93-which lies betwecn|0'732 and I'OOO. Thus a 
coordination of 8 aiid a cubic structure is suggest^ for this ; J)mc 
crystal i.e. each Cs*** ion is surrounded by eight Cl ions as its nein^ 
neighbours and similarly each Cl” ion is surrounded-iy ei^t 0+ 
ions. Thus the stoichiometry of Cs**'Cr is 1 ; 1 and the coordination 
number is 8 : 8. 
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FACTORS INFLUENCING THE MAGNITUDE OF IONIC RADII 

The following factors are important: 

(0 Coordination nmnber. With the increase of coordination 
number, the inter-ionic distance and hence the ionic radius atso in¬ 
creases, eg. the radius of Cl' ion in CsCI crystal (8 : 8 coordination) 
is somewhat higher than- that of Cl' ion in NaCl crystal (6 : 6 co¬ 
ordination). This is because of the fact that in CsCl crystal each ion 
is surrounded by a greater number of ions as compared with NaCl 
crystal and this results in less attraction between different ions of 
CsCl crystal and consequently greater is the radius of Cl' ion. 

In case of three common structures of AB type ionic crystals 
{e.g. ZnS, NaCl and CsCl)t NaCl (6 : 6 coordination number) is gene¬ 
rally taken as standard and the values of ionic radii in CsCl (8 : 8 co¬ 
ordination number) and ZnS (4 :4 coordination number) are express¬ 
ed with respect to those in NaCl. Thus, if the radii of NaCl are 
taken equal to 1, the relative fadii of ZnS are found to be 0-95 
5% lower than that ih ^NaQ) and those in CsCl are J-03 (r.e. 3% 
higher). This is shown below ; 


Structure type 

ZnS 

NaCl 

CsCl 

Coordination numbers : 

4:4 

6:6 

8:8 

Relative radii : 

<W5 

1 00 

1-03 


00 Radios Ratio (R;). The rad)us ratio R„ which is given 
by: R,?=re+/r,. also influences the magnitude of ionic radii. As the 
value of R, decreases towards limited value for an ion-anion contact, 
the repulsion between anions will progressively increase and thus tend 
to distend 4ie structure to increase the apparent radii of the compo¬ 
nent ions. 

(iH) CoTal«t eteracterin die ionic bond Covalent character 
ih the ionic bond existing between the cation and anion forming the 
lonk crystal decreases the measured inter-ionic distance and hence 
the ionic radius is decreased. 

netRlDiC VARUTIONS OP ATOMIC AND IONIC RADII 

Attraic or ionic radius jsa periodic function of the atomic 
tHanbet, te. It changes with the chaiige of atomic number in the 
gdreMic table ^ shown below : 

(a) In.a.perfod. Atomic and, ionic radii both decrease from left 
to-nght across xiperiod in the periodic table when we consider only 
normafaemmts-e.g. in the elements of 2nd period the covalent radii 
decrease aaiTve ihove.from Li to F as shown below : 

ElemeBts of 2nd period: Li Be B C N O F 

Covalent radii (A*) : 1’23 0-90 0-«2 0*77 0-75 0-73 0-72 

—————Values decreasing—^— ■ - > 
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Thbs in any periiod the alkaJi mhtals (that are present at the 
extreme left of the periodic table) have the largest size while the 
. halogens (that are present at the extreme ri^t, excluding the zero 
group elements) have the smallest size. 

Ej^lanation. We know that as we proceed from left to right 
in a period, the electrons are added to the orbitals of the aamf main 
energy level. Addition of' dififerentiating electrons to the Qain 
energy level puts the ejfictrons, on the average, no farther from the 
nucleus and hence cannojfr-^dd'to the size. But with the addition of 
each electron, the nuclear charge {t.e. atonouc numlxr) increases by 
one. The increased nuclear charge attracts the electrons more strongly 
close to the nucleus and thus decreases the size of the atoms. 

(b) In a group. On moving down a group of regular elements 

both atomic and ionic radii increase with increasing atomic number, e.g 
in the elements of IIA Group both covalent and ionic radii of Min¬ 
ions increase when we pass from Be to Ba. 


Elements of IIA Group : 

Be 

Mg 

Ca 

Sr 

Ba 

Covalent radii (A) ; 

0-90 

1-36 

174 

191 

1-98 

Ionic radii of M*+ cations (A) ; 

0-31 

065 

0*99 

M3 

1-35 


-Values iacreasing- " i y 

r ^^P**™**®"* When we proceed from top to bottom in a group, 
the following two opposite forces act simultaneously. 

(0 On proceeding downwards in a group the electrons are 
added to higher main energy levels which are, on the average, ferther 
from the nucleus. This effect decreases the electrostatic attraction 
between the nucleus and the valence-shell electrons and this decreased 
electrostatic attraction increases the atomic and ipnic radii. 

(ii) The nuclear charge (i.e. atomic number) increases as we 
proceed from top to bottom. This increase in niuiil^r chaise dec¬ 
reases the atomic and ionic radii. 

The net effect of these two opposite forces is that the decreased 
electrostatic attraction which is caused by the effect of extra shell 
being added in the configuration of the elements outwei ghs the effect 
caused by the increase in the nuclear charge, i.e. it is only the effect 
of the decrease in electrostatic attraction, ffrat predominates, llnis 
atomic and ionic-radii goon increasing as the nuclear charge m 
creases in proceeding downwards in a grqup. ^ 

Size of iso-electronic species. As already stated iso-electronic 
species (which may be atoms or ions) are those wMeh nove the same 
number of electrons. For such species, the size decreases with'an in¬ 
crease in atomic number. This fart is evident fron-'Table 3-6 in which 
the atomic and ionic radii of some Iso-electronic species widi Ne- 
type configuration (Is*, 2r*/>*) are given. 
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Expluation. As the atomic number, Z (i.e. nuclear charge) 
increases, the increasing nuclear charge acts on the same number of 
electrons in each member of the aeries and consequently the radius 
decreases. 


The successive decrease in the values of radii can also be ex- 
plaiued by saying that since on moving from C*' to Cl’+ in the series, 
the value of Z/e ratio (Z=Atomic number, e=No. of electrons in the 
atom 0? ion) increases, the values of radii decrease (see Table 3-6). 

t 

Table Variation of radii of^ iso-electronic ions and atoms 
with Nfi-type configuration namely Is*, 2Pp* 


Ion or 
Atom 

Atomic number 

Z {nuclear charge) 

No- of electrons 
in the ion or 
atom is) 

y 

Z/« ratio , 

-if- 

Atomic 1 
Radii 

c«- 

6 


10 r 

j 

6:10=0-6 


260 

N*- 

7 


10 ! 

0-7 

1 

1-71 

o*- 

8 


10 

0-8 


1-40 

F- 

9 


10 

0-9 j 

l; 

1 36 

Ne* 

10 Z 

10 

lOi 

• 

3 

i 

M2 

Ns+ 

11 • 

1 ! 

10 

11! 

J 

1 

0^5 

Mg*+ 

12 

« 

i 

10 

1-2 ■■ 


(Hi3 

Al*+ 

13 


10^ 

1-3 


0-30 

Si«+ 

14 


10 

1-4 


041 

!»♦ 

13 


10 

1-3 


034 

SM' 

16 

t 

10 

1-6^ 

p 

0-29 


17 


10 

1-7 


0-26 


Size of catfcHis of the sane eleaeat bat with diflc^ 
states. Hu size of the cations of the same ele^t m different ox^ 
tion states decreases with the increase in oxi^tion state, e.g. Fe* 
ion is larger than Fe«- ion in size (Fe*+=0-76A, Fe»=0-64A). 

The decrease in size with the increase in oxidation 
state is explained on the basis of Z/« cpnwpt. Z/e ^^o for F^ ion 
is less than that for Fe*+ ion. Z/e ratio -for Fe^ ion= 26/24, Z/e for 
Fe*+ ion=26/23. 


Size of an and a catimi compared to its permit atom. The 
size of an anion is greater while that of the cation is smaller than that 
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of its parent atom, e.g. F"(=r36A)>F(=0'72A); Cl (=:l’8lA)> 
a(-0-99A) ; Na+(=0-95A)<Na(=l-90A) ; Ca*+(«0-99A)< 

Ca(=l-97A). 

y.y piMi! ation. Let us consider the radii of Na, Na+, Cl and Cl . 
The reason c »f the fact that Na+ ion is smaller than Na atom is that 

Na+ ion has 10 electrons (Na+- *ls\ 2s*p*) while Na atom has U 

electrons (N a—‘I v*. The nuclear charge (charge on the 

nucleus) in < sach case is the satne, i.e. equal to +11 (atomic number 
of Na). Th is nuclear charge of +11 can pull 10 electrons of Na+ ion 
inward moi e effectively than it can pull a greater number of 11 elec¬ 
trons of N; i atom. Thus Na-^ ion is smaller than Na atom. 

The r eason why CP ion is bigger than Cl atom can also be explained 

on a s imilar basis. The CP ion has 18 electrons (Cl - > 

Is^, 2 jV while Cl atom has only 17 electrons (Cl- > 

Is^, 2s^p t®, 3s^p^). The nuclear charge in each case is +17 which cannot 
pull 18 e .lectrons of CP ion as effectively as it can pull 17 electrons of Cl 
atom in\ vard. Thus CP ion is bigger than Cl atom. 

Th e same arguments can be applied for other positively and negatively 
charged , ions. 

V/ 'hy a cation is smaller and an anion is bigger than its parent atom 
can als o be explained on the basis of Z/e ratio concept. Since Na atom has 
lower ZJe ratio (= ll/ll) than Na"^ ion ( = 11/10), Na atom is smaller than 
Na'*’ i< on. Similarly CP ion (Z/e ratjp = 17/18) is bigger than Cl atom (ZJe 
ratio = 17/17). 

lOh IISATION POTENTI.VC OR IONISATION r.NERGY 

The electrons are raised to higher. energy levels by ^Korption 
of,'energy from an external source. If this process is continu^, a 
sta ge comes when the electron goes completely out of the influence 
of the nucleus and a positive ion is produced. 

The amount of energy required to remove the most loosely bound 
dectron (i.e., the outermost electron) from an isolated gaseous atom 
of an element in its lowest energy state (i.e., ground stale) to produce 
a cation is known as ionisation potential or ionisation energy of that 
element. It is generally represented as I or IP and is measured in 
electron volts (eV) or Kilo calories (K. calories) per gm atom. Thus 
ionisation potential can be defined by the process. 

M(g) -1- Enwgy supplied (Ionisation energy'. I) -» M+(g)+e' 

Isolated gaseous Cation 

atom 

The process by which the element loses an electron (/.«., 
ionises) to convert itself into a cation is called its tonbatioa. This 
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process is an endo thermic process, since energy is supplied to effect 
it 

The values of ionisation potential of s- and p-block elements 
are given in Table 3*7. 


Table 3-7- Ionisation potentials (in eV) of s-and p-block elements- 


sddode 

Elements p~bloek Elements 


B 


in A 

IV A 

V A 

VI A 

VIIA 

Zero 

H 







He 

l'-5 







24-5 

U 

Be 

Be 

C 

N 

0 

F 

Ne 

5-4 


«-3 

11-2 

14-5 

136 

17-4 

21-6 

Na 


A1 

Si 1 

t 

P 

, S 

Cl 

Ar 

51 


6-0 

8-1 

114) 

104 

134) 

15-8 

K 


Ca 

Oe 

At 

Se 

' Br 

Kr 

4-3 


64) 

7-8 

9-8 

9-8 

11 8 

144) 

Rb 


lo 

So 

Sb 

Te 

I 

Xe 

4-2 

3-7 

5-7 

7-3 

8-6 

90 


121 

Cs 

Ba 

Tl 

Pb 

Bi 

Po 


Rn 

3-9 

5-2 

6-1 

7-4 

ri 

8-4 

■H 

10-7 


SacccHhe ioiilaatioB poteatiala. The electrons are removed in 
stages one by one from an atom. The amountof energy required to 
remove the f m electron from a ^seous atom is called its flnt io^ 
katioB potential. The energy required to remove the second electron 
from the cation is called second ionisation potential. Similarly we 
have tlilrdrfoarth...ionisation potentials. Thus: 

M(^) + Ii-► M+(g) + e" 

M+(g) + 1,-* M*+(g; + e- 

M*+(g) + 1, -► Mw-(g) + e- 

The values of eight successive ionisation potentials of some 
elem-^nts are given in Table 3-8. These values show that these 
increase in the order ; 

II < Is < Is < I4 <.. 

The sufcessive increase in their values is due to the fact that 
it is relatively more difficult to remove an electron from a cation 
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Table 3'S. Values of Ii, If~Ia of some elements (in eV) 


Elements 

with 

atomic 

numbers 

Electronic 

Configura¬ 

tion 

Successive ionisation potentials (eV) 

h 


/, 

U 

U 

/, 

h 

h 

Hi 

1,» 

13-6 

, 







He, 

1 j* 

24-6 

34-4 







Li, 

Ij*. 2*1 

5-4 

75-6 

122-4 






Be, 

1**, 2s* 

1 9-3 

18-2 I 

153-9 

217-7 





B, 

I Is*, 2s*p* 

8-3 

25-1 

37-9 

259-3 

340-1 




Q 

1**, 2s*p* 

11-3 

24-4 

47-9 

64-5 

39-2 

1 489-8 



N, 

1**, 2s*pi* 

14-5 

29-6 

47-4 

77-5 

97-9 

551-9 

666-8 

1 

o. 

Ij*. 2s*p* 

13-6 

351 

54-9 

77-4 

113-9 

138-1 

739-1 

871-1 

F, 

Is*. 2s*p* 

174 

35-0 

62-6 

87-2 

114-2 

157-1 

185-1 

9536 

Neio 

1s*.2s*ifi 

21-6 

■411 

640 

97-2 

126-4 

157-? 

— 

— 


having higher positive charge than from a cation havine lower 
positive charge or from a neutral atom. 


Factors affecting the magnitude of ionisation potential and its 
pm-Mic variations. The magnitude of ionisation potential denends 
on the following factors : 


(i) Charge on the nucleus (i.e., nuclear charge) and variation in 
'a period. The greater the charge on toe nucleus of ar atom the 
more difficult it would be to remove an electron from the atom and 
hence greater would be the value of ionisation potential. 

Thus the value of ionisation potential generally increases in 
cving from left to right in a period, since the nuclear charge of the 
dements (i.e., atomic number) also increases in the same direction 

eg; 


Elements of 2nd period 
Nuclear charge 
lonisationjpOtential (eV) 


: Li Be B C N O F Ne 

: +3 +4 +5 -(-6 -t-7 +8 --9 -10 

: 5-4 9-3 8-3 11-3 14-5 13-6 21-6 


The increase in the magnitude of ionisation potential is due to 
the fact that with the increase in nuclear charge the electrostatic 
attraction between the outermost electrons and the nucleus increases 
and hence it becomes comparatively more difficult to remove an 
electron. 




((/)- Tb^xtenl to wlu^ toe most loosely bound electron pene¬ 
trates, toe cloiuTof e|itobonR''«|iarge encompassed by toe iiuier electro¬ 
nic shells. For 3 ^en ^lue.of n the degree of penetration of elec¬ 
trons Will decrease in the order : s > p > d >f, i.e. on average an 
s efectron will approagh the nucleus more closely than a />-electron, 
a p^electron rao^- closely than d and d more closely than /. TTias 
other factors being equal, an ^-electron will be haider to remove 
than a /7-electron, a'p- electron harder to remove than a d electron 
and so on. The ionisation potentials will decrease in this order. 
Let us • illustrate this point by considering the following 
examples : 


(a) The ionisation potential Corresponding to the removal of 
2p* electron of boron (B -> 2rV*) >s 8-3 ePwhile those cor^tsponding 
to the removal of two 2.r electrons are 25-1 and 37-9 eV. 

(h) Let us consider two different elements of the same period 
for which the value of principal quantum numwr (/i) is the same. 
Ionisation energy of boron (B->■ 2j*pM is lower than that-oLbcryl-. 
Hum (Be 2 j*) [B =8-3 eV, Bc=»9-3 eV), since in,case of boron we 
have to remove a 2p* electron to get B+(B(2 jV>^)B+{ 2»*)-}-e.;] 
while in case of Be we have to remove a-2.?’ electron of the 
same main energy level to have Be+ ion. [Be{2j*)«—» Be+ 
(2r>)-l-e-]. 


{in) Completely-filled .and half-filled orbitals. According to 
Hund’s rule atoms having half-filled or completrfy-filled orbitals are 
comparatively more stable arid hence more energy i.s needed to 
remove an electron from such atoms. The ionisation potential of 
such atoms is, therefore, relatively higher thah expected nbrmally from 
their position in the periodic table. 

Example. A few irre^larities that are seen in the inoeasing 
values of ionisation potential along a period can be explained on 
the basis of the concept of half-fUM and completely filled orbitals, 
e.g. Be and N in the second period and Mg and P in the third period 
have slightly higher values of ionisation, potentials than those nor¬ 
mally expected. This is explained on the basis of extra stabih'ty of 
the completely-filled 2r-orbital in Be(Be -*■ 2r*) and 3s-orbitai in 
Mg(Mg 3s*) and of half-filled 2;p-orbital in N (N -»• 2s*p*) a^ 
3p-orbitaI in P(P -► 3j*p*). 


(I'v) The shiddfaig elect i.e^ a ar e e ning elect of the Inner 
electrons on toe valence-elections and vaiiatfon In a gioav, A study 
of Fig. 3-4 shows that a valence-electron in a multi-electron--atom is 
attracted by the nucleus and rqTeTled by the electrons of inner- 
shells. 
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fnner sMt ekctroas 



Fi«. 3‘4. Effect of inner-electron shells on a 
valence shell electron in a multi-electron 
atom—shielding enect- 

The combined effect of this attractive and repulsive fo^ 
the valence-electron is that the valence-elei^n exigences less attractiOT 
from the nucleus. This is known as screening effect. Thus 
of elections is the inner-shell, lesser is the attractove force holding the va¬ 
lence-electron tot he nucleus and consequently the lower will be the value 
of ionisation potential. 

As we move aown a group, the numhsr of inner-shells Increases 
and hence the ionisation potential tends to decrease, e.g., 

'Elements of 11 A group 
No. of innenahells 
loniMtion potential (elO 

fvl Atomic radius and variation in a group. ifi/A the increase^ 
atomic radius, the ionisation potential decreases, pis is because of the 
fa?that in case of larger atoms the attraction between the nucleus 
aiS outer-most electron is less and hence it is easier t^rempw an 
electron from a larger atom than from a smaller one. Thm^H wot- 
iht from top to bottom in a group the ionisation potenftar of the 
ekments decreases with the increase of their atomic radii, e.g., 

EkmenUoflA gfoup 
Covalent radii 
lonimtion potential (eK) 


Be 

Mg 

Ca 

Sr 

Ba 

1 

2 

3 

4 

5 

9-3 

7-6 

61 

Decreasing 

5*7 

5-2 


Li 

Na 

K 

Rb . 

Cs 

1-55 

1-90 

2-35 

2-4S ■ 

2-67 

5*3 

5*1 

4-3 

4*2 

3*9 


Decreasing 


fvn Principal qnantnm ranbcr (n) and variation In a group. 

Principal quantum number (n) determines the location of a^ electron 
from the nucleus. Farther away the electron frpm the nucleus, more 
would it be bound to it and more easy it would be to 

Wo5«“«««U Ufk.r 

demount of energy retpdred to remote the electron t.e., its ionisation 
potential will be lower. 
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Thus on moving from top to bottom in a group, as the \<alue of n 
jor the valence-electron increases, ionisation potential decreases as 
evident from the following examples. 


T • /I Values of first and second ionisation potentials of 
Li (Li • * Ij , 2y‘) are 5*4 eFand 75-6 tV. respectively. 5-3 eK is 

the energy required to remove Ts^-electron With /i=2 and 75 6 tV is 
that needed for the removal of lj*-electron with m=I. Quite evidently 
since n for 2j»-electron is greater than that for I j>-elcctron, first ioni¬ 
sation potential of Li afom is smaller than the second one. 

(b) First ionisation potentials for Ne (Ne-- 2s*p*) and 

' * 3s*p4) are 21'6 cV and 15-8 eV respecfively. These 

values correspond to the removal of 2p'-electron in Ne atom and 3p*- 
electron in Ar atom. Obviously, since n for Nc(=2) is smaller than 


"Exception to the vertical tread of ionisation potential. 

exception to the vertical trend of ionisation poten- 
$ai.'Ihis exception occurs in case of those elements whose atomic 
numbers are greater than 72. Thus the ionisation potentials of the 
elements from Ta,, to Pb„ are greater than those of the elements of 
the same sub-group above thpm as shown below : (First ionisation 
potential values are given in ei^ron volts, eV). 


VB 

yiB 

1 vn j 

vni 

i'b 

1 I/B 

III A 

tVA 

Nbu 

Mott 

Tc*s 

Ru## 

Rh« 

Pd#. 

Ae«7 j 

1 

to## 

SD|# 

6-8 

7-1 

7-2 

7-3 

7-4 

8-3 

75 j 

8-9 j 

5-7 , 

7-3 

Ta?* 

W?4 

Re?#. 

0*n 

IrTT 

Pt?* 

Au?# j 

Hg.# 

Tla 

Pb*t 

7-7 

7-8 

7-8 

8-7 

9-2 

9-0 

9-2 j 

10-4 

6-1 

_idLl. 

7-4 


The reason for the abnormal behaviour (i.e. an increase in the 

value of I, from Nb ^ Ta, Mo W .Sn Pb) shown by the 

ciements froin T£f 73 :o Pbgt is due to the lanthanide toniraction as a 
result of which there occurs an increase in the nuclear charge with¬ 
out a corrcspofiding increase in size through the rare earths In 
fact, Tthe size actually decreases in this region. 


APPUCATTCmS OP T»«-CONC^ OF IONISATION POTENTIAL 

'ITie eoncept of ionisation potential can be used to draw a 
number of important conclusions. Some of the applications of the 
concept of idnisatibn potential are given below : 
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(/): To explain the trend from metallic to non-metallic character 
of elements from left to right in a period. At the left of a period in 
periodic table (P.T.), we have the elements with low ionisation 
potential values. These elements, therefore, react by losing elec¬ 
trons and thus form ionic bonds. These elements are, therefore, 
typical metals. 

As we proceed to the right of P. T., the ionisation potential 
values increase and consequently the tendency of the elements to 
lose the electrons decreases i.e. the tendency to form the ionic bonds 
decreases, but at the same time, the tendency to form the covalent 
bonds increases. Near the end ^ a period, since the elements have 
high values of ionisation potential, these tend to take up electrons 
and thus form negative ions. Thus these elements are typical non- 
metals. 

Similarly, the trend from non-metallic to metallic character of 
elements in a group of p-block elements can well be explained on the 
basis of ionisation potential data. 

(ii) To determine the number of Valence Electrons in an atom. 
The knowledge of ionisation potentials can also be used to find out 
the number of valence electrons in an atom. For example in case of 
Li the values of Ij and It are 5*4 eV and 75’6.eV,, These values show 
that one electron can much more readily be Removed than the other. 
Thus there is only one-electron in the valence shell of Li atom. 

Similarly, since there is a marked increase in the (/) Ij and 4 
values of Be (/() L and L values of B (Hi) L and L values of C 
(/v) It and It values of N (v) L and L values of O and (v/) I, and Ig 
values of F, there are (/) 2 valence electrons in Be atom, (ii) 3 -valacice 
electrons in B atom, (Hi) 4 valence electrons in C atom, (/V) S valence 
electrons in N atom, (v) 6 valence elect’-ons in O atom, 'and (vi) 7 
valence electrons in F atom. 

(Hi) Relative Reactivity of Elements. Elements having high 
values of ionisation potentials are less reactive (e.g. inert gases), 
while those having low values are very reactive (e.g. Alkali ;metals 
and Alkaline earth metals). 

Exceptions. This rule is applicable only td those elements 
which have dominant electro-positive character (i.e. alkali metals and 
alkaline earth metals) and not to those which are highly electro¬ 
negative, e.g., ionisation potential of F is 17-42 eV, which is very 
high and. therefore, shows that F should be inert, but F is actually 
very reactive. 

(fv) Reducii^ powm of an element. - Lower the value of iolksa- 
tion potential of an element, the greater is its reducing power, 
easily removed electron from the element would be accepted.bjcthie 
oxidising agent thereby, lowering its oxidation state. 
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A* --^-► A^ • —(1> 

(reducing (oxidation of A*) 
agent) 

4 - «-obtained from (I!/ 

go _ __ B- —(2) 

(oxidfeing (reduction of B*) 

agent) 


(v) Basic character of dements. 
potentiaJ of an clement, the greater 
the element concerned. 


Lower the value of ionisation 
will be the basic character of 


ELECTRON AFFINITV OR AFFINITY ENERGY 

In ionisation potential we express the energy supplie^to the 
atom to remove successively one, two or more electrons, and Thereby 
oroduce cations. In the concept of electron affinity we refer to a 
reverse process. Thus we have an energy associated with the addi¬ 
tion of an electron (or even more electrons in succession) to a neu¬ 
tral atom. 


The amount of energy released when an electron is added to an 
isolated neutral gaseouiT atom in its lowest energy slate (i e. ground 
state) to produce an anion is calleH its electron affinity or affinity 
energy. It is ccnerally represented as EA or E and is measured in 
electron volts (eV) or Kilocalories (Kcalories) per gm atom. Thus 
electron affiriky can be defined by the equation : 

A(g) -f e'(g) _► A'(g) -I- Energy released (Electron 

Neutral gaseous Anion affinity B) 

atom 

The above process by which the neutral gaseous atom adds an 
electron is an exo thermic process, since energy is released in it. 
Since electron affinity represents the energy released, it is represented 
With a negative sign placed before it. Elcptron affinity just defined is 
actually first electron affinity (E,), since it corresponds to the addition 
of one electron only. In the process of adding an electron to an 
anion, A'(g) against the electrostatic repulsion between the electron 
being added and the negaUve charge on A'(g) ion, energy instead of 
being releas^ is supplied to A"(g) to form A*-(g). ^ 

A(g) -f e~(g) -- A'(g)-f Energy released (El) 

A‘(g)-i-e‘(g) -f Energy supplied -» A*'(g) 

Energy supplied in the process to convert A (g) to A*-(g) is 
called seem electron affinf^, E, of A. Since E, is the energy 
ateorbed, it is given a positive sign. 

Values of Ei of many elements and Ej of some elements are 
given in Table 3.9. 
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Table 3*9- Electron afiBnities (in cV) of some elements. Values given 
in brackets are second electron affinity values. 


lA 

IIA 1 

1 

m A 

IV A 

B 

VI A 

VU A 

.Zero 

H 







He 

-0*75 


i 





04) 

Li 

Be 

B 

C 

N 

O 


Ne 

-0-61 

00 

—030 

—125 

-1-20 

—1-48 

(+7-3) 


00 

Na 

Mg 

A1 

Si 


S 


Ar 

-082 

0-0 

-0-52 

—1-39 


-2-0 

(+3-4) 

Bifl 

0-0 

K 






Br 

Kr 

—069 






—35 

00 







I 

Xe 





■ 

1 

—3-2 

0-0 


Factors iaflucncing the magaitiide of electron AfBnity. The 
magnitude of E is influenced by a number of factors such as (i) Ato¬ 
mic size : (ii) Effective nuclear charge ; and (Hi) Screening effect by 
inner electrons. 

In general E value decreases with the increasing atomic radius 
and increases with the decreased screening effect by the inner 
electrons. 

Besides these factors E value also depends on the type of 
orbital into which the electron is added. Other factors re maining 
constant, E value is the greatest for an electron entering an 5-orbital 
and decreases for p-, d-, and/-orbitals. 

PERIODIC VARIATIONS 

(a) In a group. In moving down a group electron affinity values 
generally decrease, e.g. Eq > This is due to the steady 

increase in the atomic radius of the elements. 

Excepdons. There are, however, some exceptions to this general 
rule as is evident from the following examples ; 

(i) Although the elements of second period of the periodic table 
are relatively smaller in size than those of the third period, yet E 
values of elements of second period are smaller than the E values of 
third period elements. This unexpected behaviour is explained by 
saying that the much smaller sizes of the second period elements mve 
a very much higher value of charge denrities (which is equmto 
]e*/|nr^ for the respective negative ions. A hi^ value of electros 
density is opposed by the inter-electronfc repulsion forces. 
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(//) 130^ 3.9 clearly shows that > Eq (Ef = -J.7 eV, 

Ec, - -3.8^^. The lower value of E for F is probably due to the 

electron-electron repulsion in relatively compact 2o-orbital of F- 
utom. 

Table 3.9 also shows that since the halogens have relatively 
ligher E values, these have greater tendency to pick up electrons i.e. 
inesr-act as powerful oxidising agents. Now the hignesi value of E 
iu; Cl indicates that chlorine should be the strongest oxidising agent. 
In fact iluor ~e has been found to be the strongest oxidising agent 
and the oxidising power of halogens is in the order : F>CI>Br>I. 
The higher oxidising power of F is explained by saying that actually 
it is the oxidation frotential, E#, defined as X(g)-f c" -—* X" (hy¬ 
drated ion) f Eo, and not the E value alone which determines the 
strength of an oxidising agent. As the value of Eo increases, the 
oxidising power also increases. Values of Eo for the halogen mole¬ 
cules are : F*= —186-6 kcal/mole, Cl*=—147-5, Br 2 = —136-5 and 
It= 122-6. Tliese values clearly show that since Ep for fluorine 
molecule is the highest, F is the strongest oxidising agent. 

The stronger oxidising property of fluorine is also assumed due 
to smaller value of dissociation energy of Ft molecule as compared 
toother halogen mokcuks. Their dissociation energies {i.e. bond 
energies) are as (Hi)pj=*l-64 eV/mole, (Hd)cit=*2-48 eV, (Hd) 3 ^ 
=2-00 eV, (H,),j = 1-56 eV. 

The low value of EU for Ft molecules is presumably due to the 
repulsion operating detween the non-bonding :^-electrons on the 
bonded P-atoms. Comparatively large valuM of Hj o'f Clt, Bri and 
Ii molecules are probably due to the possibility of n-bonding involving 
/oi^itals and/or due to the hybridisation of p- and d-orbitals of Clj, 
Brt and It which makes the .bonds Cl—Cl and Br—Br stronger. 

(b) In a period. Electron affinity valms generally increase on 
moving from left to right in a period in the periodic table. 

Exceptions. There are, however, exceptions also to this general 
rule; e.g. 

(i) Be and Mg have their E values equal to zero. Since Be and 

Mg have completely filled s-orbitak (Be —► 2r*, Mg-- 3j*), the 

additional electron will be entering the 2/i-orbital in case of Be and 
3p-orbitaI in case of Mg which are of considerably higher energy 
than the 2r-:orbitals respectively. Similarly in case of inert gases 
in which the n.r- and np-orbitals are completely filled (ns*p* configura¬ 
tion) the incoming electron must go into an electron shell having 
a larger value for the principal quantum number, n. Thus inert gases 
also have their E vhlues equal to zero. 

I^itr^n and phosphorus have unexpected lower values of 
electron affinities, this is because of the presence of half-filkd 2p- 
orbitals which are relatively more stable and hence to which it is 
difficult to add an additfoMiai ekdron. 
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IXMRIMENTAL MmCRMINATfCm OF ELECTItON AnOOTY 

The evaluation of electron affinity of an element is made by 
Born-Haber cycle which has been described under Lattice Energy of 
Ionic Crystals. 

IMPACT OF ELECTRON AFFINITV CONCEPT ON CHEMICAL BEHA* 
VIOUR 

(/) The higher the value of E of an element,-the greater would be 
its capacity to accept an electron, i.e. the element will behave as a 
strong oxidising agent. 

(ii) The relative Values of ionisation potential and electron 
affinity of two elements decide fhe nature of bond between the atoms. 
In general, with the increase of the difference, the amount of ionic 
character decreases or covalent character increases. 

ELECTRONEGATIVITY 

Definition. Consider the formation of a covalent bond between 
two similar atoms of a molecule like H|. In this molecule the elect¬ 
ron pair participating in the formation of covalent bond is shared 
equally by both hydrogen atoms i.e. the electron pair lies exactly in 
the centre of the molecule. 

On the other hand consider the formation of a covalent bond 
between two dissimilar atoms of a molecule like HCl. In this mole¬ 
cule the electron pair participating in the formation of covalent bond 
is not shared equally by the two atoms viz. H and Cl, i.e. the electron 
pair lies near to Cl atom titan to H atom. The reason for this un¬ 
equal sharing of electron pair is givmi by saying that Cl atom has a 
greater tendency than H atom to attract the electron pair shared 
between them towards itself. In other words Cl atom has greater 
electronegativity than H atom. Thus the electronegativity of a 
bonded atom is defined as ks rehtiee tendency (or ability) to attract the 
shared electron pair towards itself. 

Electronegativity of an atom A is generally represented as xa. 

SCALES OF ELBGTEONIGATIVITY 

The electrqn^tivity scales that have been constructed from 
various types of experimental data are completely arbitrary as also 
the units employed. Some of the scales suggested for measuring 
electronegativity of an atom are described below: 

(1) Pasliag’s Band Eaesca Scale (1932). Pauling’s method makes 
a use of^bond enmgics /.e. the energy reared to iMeak a bond to get 
neutral atoms. Consider a tend A--B between two dissimilar atoms 
A and B of a mole^le AB. Let the bted ene^s of A—A, B^-B 
and A—B bonds be represented as and Ey^.g res¬ 

pectively. 
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It may be seen tiiat tlie eneray of A— B bond m 
B-B bS***/ **** «^“etric mean of the eneigies of A-A^d 


A-B > VEa .axEb_b 

The difference between E^.b and V'^a-axE- » '« called 

to/iic.f«onan«e«,;gj,ofA-Bbondandi8deno^xlb?'AA a It^ 

thus given by ^a—B- « •* 


Aa-b=Ea_b- VE;^lAxfeB:B 

Aa-B values do not possess additive property. i.e. if we con¬ 
sider three covalent bonds viz. A—B. B—C and C—A, then 

Aa-b+Ab-c ^ Ac-a ' ...(/) 

Here the electronegativities of A, Band C should be in the 
order acA>JeB>jrc. 


The validity of the above relation (/) can be shown as follows 
Given that Esi_si =43 kcal/mole, Eo_o^33 kcal/mole, E- J 
-37 kcal/mole. Ep_si -128 kcal/mole. Ep^ 0=44 kcal/mole. EoZ, 
=89 kcal/mole. we can calculate the values of Af.q, Ao 
Af— a as follows : 


Af_o“Ef_o - vfi^^pxEo-S 
—44-35—9 kcal/mole 

Ao-a=Eo_s, - vfi31oxEsi_a 

—89-38—51 kcal/mole 
Ap-a-Ep^s,- VeSlpx^_^ 

-128—40-88 kcal/mole 



PerU^ Properties 

'With the help of the vehies of Ap-o» ^O-SI 
as calculated above it can be shown that 
Af— o+Ao-si^ Af—SI 
or 9+51 96 88 

or 609^88 

However the square roots of the values of ionic-resonance 
eneridcs show nearly the additive property, Le. the sum of 

VAm Va^ “ VAf-si 

below: ' _ 

VAf-o+ VAo-tSI ® Af-si 


or V9+V5T« VST 

0 , 3-|-7-2«9*4 

or 10-2«9-4 

^ A^ - ^ is a measure of the partial ionic character of A^B 
covalent bond. i.e. V increases with the increase of ionic 

character of A-B covalent bond. V Aa-B increase with 

the increase in electronegativity difference (xa— xa) between the two 
atoms A and B. Thus 

XA-xa« VAaIb 


or 


XA—XB>=Jf^®A—B — 






The value of the constant, K has been found to be etptl to 
0*208 which coines from the conversion of experimental values of 
F a - mMsured in kods/mole into eV. Thus : 

^-A.-0-20«[B._.-V g._AX^ y 

This equation gives only the differences in dectroo^tivity 
values. This equation can be used to calculate x vafoes ofiui ato m 
provided that x-value of the other element is known. FauUBf asswsh 
ed an arbitrary value of 4*0 for the electronegativity of fluorine and 
calculated that of other elements with the hi^ of this equation. It 
must Im remembered that in the calenlation of electronegativity 
values Pauling has expressed ionic-resonance energies not mkcal, 
but in electron-volts (1 eKper boiid»23 kcal per gram bond). 

In Table 3^10 the decanmegativily values of j>> and ele¬ 

ments as determined by Pauling are gim (scale 
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^ </ *• a«rf p4>hck dements 

as determined by hading (Scale F=*4-0). 



ci«f tronegaUvity of atom A on MulUken’s scale 
Md 1/5-6 IS a TOnstut of iwoportionahty which has been introduced 
** so that the eJe^ron^tivity of the atom 

on Mulliken s scale may awiroxiraate that on Fling’s scale 


1/5-6 ^borerehthn the factor 

1/3 6 ts wfteii IPand EA values are expressed in electron volts If 
ties* vahm are takeh in kcal,/mo!e, thi above relation beSmw : 


for hash of Mulliken’s scale the conditions 
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(i) For the formation of purely covalent A—B bond, 

(1P)a-(EA)a (IP)B-(EA)a’ 

?6 = 5 :? ■ 

hence jrA=JrB 

(iV) For the formation of A"—M+ bond. 

(1P)a-(EA)a^ (IP)b-(EA). 

-->-? 6 —’ 

hence •*A>JrB 

{Hi) For the formation of A+—B' bond, 

(IP)a-(EA)a ^(IP),HEA). 

- 5^6 - <- T6 - 

hence ata < jtb 

Example. Calculate the electronegativity of chlorine atom on 
Mullik'en’s scale. 

Solution. We know that (IP)a=*13 0eFand (EA)ci=-4 0 eV 
Thus 

Practical dbadviiptages of Molliken’s Scale. This scale which is 
based on a firm theoretical basis suffers from two main practical dis¬ 
advantages. 

(/) The values of E’s arc not readily available. 

(ii) The quantities I and E refer to the transference of elec¬ 
trons between the atomic orbitals Whose exact constitution k not 
always known. 

(3) The Allred-Rodraw Electrostatic Appkoadi (1958). Accord¬ 
ing to this approach, the electrostatic force of attraction Fbb fin 
dynes), between an atom A and a bonding electron separated from its 
nucleus by its ^valent radius, (ralcov in A, is the measure of elec¬ 
tronegativity of atom A. It is assumed that an electron in a bond is 
attracted by one of the two nuclei according to Coulomb's law i.e., 

(■*a)a_r=Fes 

('■a)*CX)V 

where (JCA)A_R=electronegativity value of atom A on Allied- 
Rochow s calc, ex^charge on the electron f^d-Sx 10'» esu) and 
^„=effec^e nuclear charge on atom A which is equal to 
Za being the actual nuclear charge of atom A (U., Atomie No. of 

atom A) and oa> the constaM for atom A. 
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we get 


On substituting tbe value of e>=4*8 x I0~>* esu in Equation (/)> 


(*a). 


>Fbb 

0-359(Z.//)a 


(*‘a)*cov 

(^a)*cov ' ^ 

Values of Fbs obtained from Eqn. (ii) were plotted against the 
corresponding electronegativity values on Pauling’s scale and a 
straight line was obtained. From the respective slope and intercept 
of this straight line, Eqn. (iii) was obtain^ for Allred-Rochow’s elec¬ 
tronegativity (;rA)A_ji. 

(jiCA)A-_»*=fl . Fhs+A (compare it with y^mx+c) ...(Hi) 

where a and b are the slope and intercept of the straight line 
represented by equation (hi) respectively. For most atoms a=1-0, 
and h=0-744. Substituting these values of a and b in equation (/i7) 


we get 


(*A)A_a=l' 0 x 

(r^Al'cov 


or 


(*A)i 




...(iv) 


Values of oa can be determined by Slatter’s rules. 

E. Little Jr. and M. Jones have determined the value of 
as follows: 


.5-3 A 


/cov 


jpb”*76-70, Zp{,>=82, 

Putting these Values Zpb* ®Pb' and^rpi,^ inequation (iv) 


we get 


( 


0-359 X (82-76-70) 
(5-3)« 


f 0-744-1-55 


/A-iR 

PERIODIC VARUnONS 

(a) In a period. Electronegativity increases on moving in a period 
of the periodic table from left to ri^t This is due to the 
in nuclear charge as a result of whi^ the added electrons can be held 
more tightly. Thus the C—N bond should be shown as 
or C-^-N, the arrow head being towards the more electronegative 
element N. (Since xn > xt). 

In the same period on moving from left to right the electro- 
ncgai.vities increase with the increase in tbe number of outer-elec¬ 
trons, e.g. 

Elemcnu of 2od period t 
Valence-shell cot^nntioh 
Mo. of valence-riiellelectrons : 

El ectroneasdvity values 


Li Be B C N O F 

2fV 2«*p* 2fV 2(V* 2«<p* 
1 2 3 4 5 6 7 

J-5 2-0 2-5 3-0 3-S 4-0 

-locieaiing-——— p 


1-0 
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{b) In a group. In moving down through a group of the 
periodic table since the nuclear charge again increases, the electro- 
nativity of a lower element should be more thatt that of upper ele¬ 
ment. Actually it is not so because the disadvantages of increase in 
atomic radii and the electron shielding effects more than compensate 
for the advantage gained through increase in the nuclear charge. 
Consequently a lower element of a group is less electronegative than 
the upper element of the same group. In general, therefore, small 
atoms attract electrons more strongly than large ones and are, there¬ 
fore, more electronegative. 

Thus the most electronegative elements (e.g. F) are present at 
top right hand comer of the periodic table, while the most electro¬ 
positive elements (i.e. the elements having least value of x such as 
Cs) are at the bottom left hand comer. 

CORRmATION OP IONISATION POTENTIAL AND ELECTRCm 
AFFINITYiWITH ELECTRONEGATIVITY 

Higher values of ionisation potential indicate that it is difficult 
to remove an electron from an atom or in other words the atom has 
greater attraction for electrons, i.e., greater electron affinity. Thus 
greater value of ionisation potential and greater electron affinity both 
indicate greater electronegativity. 

Non-metals such as halogens, which have high values of ionisa¬ 
tion potential and electron affindy, show little tendency to lose elec¬ 
trons. Instead these show a strong tendency to accept electrons, i.e. 
these elements are strongly el^tronegative. On the other hand the 
metals such as alkali metals which have small values of ionisation 
potential and electron affinity, show a strong tendency to lose elec¬ 
trons and as such are strongly electropositive. 

Rdation between the oxMatioa state of die etemcnt and its elee- 
tronegathity. It must be remembered that electroneg^vity is a 
variable quantity. It varies with the change in the oxidation state of 
the element. The element in higher oxidation state has more value 
of electronegativity than in the lower oxidation state. Thus x p^> 

This is due to the fact that the atom in a higher oxidation 

state has greater attraction for electrons than when it is in the 
lower oxidation state. This can also be explained on the basis of 
their relative magnitude of ionic radii. Since ^ 

^Fc»+ >*Fe*+ 

Here rp^ and Xp^ are the ionic radii of and 
cations and and x^^ are the electronegativity values for the 
cations Fe*+ and Fe*+ respectively. 
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APPLICATIONS OF ELECTRONEGATIVITY CONCEPT 


^ *■ iifferew*. (xa-JCb) wid partial kmic 

aaiMtcr n A—B bmi. We have already seen that when jca=X 8 , the 
Iwnd A-B is covalent and when xa^x^, the bond has some ionic 
ch^cter/.e., the bond A~B will be polar-covalent bond and the 
molecule AB will be a polar molecule. 


When XA > jtb, the ionic form A-B+ will be more stable than 
the covalent form A B or A-B and when ;cb > *a, the ionic form 
A B will TC more stable than A—B. The amount of ionic character 
created in the A—B bond due to the difference in the electronegati¬ 
vity values XA and x^ depends on (jta-jtb). Greater the value of 
(^A—JCb), the greater the amount of ionic character in the bond. 

By plotting percentage ionic character (calculated from obtained 
dipole moments) for halogen acids against (jrx-x„), Pauling observed 
a curve which fitted the expression t 


Percentage ionic characters^ 100(1 —exp {1 — ;cx)*}] ...(/) 


With the help of this equation Pauling was able to estimate 
althou^ approximately, the per cent ionic character of other A-b’ 
bonds from known (XA -7 xb) data. Pauling gave a phart showing the 
(ofA-x.) valws and their corresponding per cent ionic character of 
a A— B bond, {see Table 3-11). 


It will be seen from the Table that when (xa-xb)s.1-7. the 
J^A-Bis^proximsuely »%.wic and 50% covaleW. When 
ir* wiU have more covalent t^aracter 

thM 50% On the other hand when (xa-x.) > 1-7, the A-B bond 
will show less ^^ent character than 50% and ionic character will 
be more than 50^ which are more than 50% ionic are 

ctmu^ly termed as ionk bonds and those which are more than 50^/ 
corahnt are termed ae coralMt bon^ 

Limitations of Pauling's Equation and Revision made by the 
Hanny and Smyth. tne 


(0 It is found that Pauling’s Equation (i) gives poor 
when (xa—Xb) values arc too large. 


results 


(//) Alkali metal hydrides and those of Ca, Sr and Ba are 
ionic compounds, although the vahie of (xm-Xh) is less than 1 - 7 . 

O'O At the time Eqn. (0 was formulated, the value of the 
dipole moment of HF was not known. For HF having (xf— xuW 10 
{/) leads to an estimate io% jonic character in H—F bond in 
HF molecule. Later on when the. value of dipole moment of HP 
was l^wn and used to eatimate the per cent ionic character it wa<! 
found to be having only 45% ionic clTra^er. ‘t was 
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Table 311. Relation between and the percentage 

ionic character in A—B bond (x\>-xb). 


(xa—xb) vaiues 

% ionic character 

(xa—xb) values 

Jn ionic character 

01 

0-5 

1-7 

51 

02 

1 

1-8 

55 

03 

2 

1-9 

59 

04 

4 

2-0 

63 

0^3 

6 

2-1 

67 

0-6 

9 

2*2 

70 

0-7 

12 

2-3 

14 

0-8 

IS 

2*4 

76 

09 

19 

2-5 

79 

10 

22 

26 

82 

11 

26 

2-7 

84 

1-2 

30 

2-8 

86 

1-3 

34 

2-9 

88 

1-4 

39 

3-0 

89 

15 

43 

3 1 

91 

1« 

47 

3-2 

92 
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For more exact calculations of ionic character, therefore, the 
Equation (i) was revised by Hanny and Smyth. They obtain^ a graph (Fig. 
3.5) by plotting per cent ionic character against the value of {x/^ - Xq), 
where A = halogen and B = H or an alkali metal. 

With the help of this graph they revised Pauling’s Equation 
and gave Eqn. (if) as given below : 

% ionic characters® 100 x[0-1^*a—*b)+0-035 (xx—*b)*1 

=s16(xa—Xb)+3-5(xa_*b)* ...(//) 

Eqn. (//) clearly shows that when (xa—xb)*® 21, the bond A—B 
is 50% ionic (and also 50% covalent). Thus, 

ss 50% ionic character™ 16(2-1)+3‘5(2‘1)* 

Bonds with a larger value of (xa—Xb) will essentially be ionic, 
having more than 50% ionic character while those with a smaller 
value of (xa—Xb) are essentially covalent. 

If we substitute the electronegativity values of H, F, Cl, Br and I in 
Manny and Smyth’s equation viz. equation (/i)> it can be shown that the 
percentage of ionic and povalent character in H—bond (X = F, Cl, Br 
and I) in HF, HBr, HCl and,HI molecules is HF = 43% ionic and 57% 
covalent; HCl = 17% ionic and 83% covalent; HBr = 13% and 87% covalent 
and HI 7% ionic and 93% covalent. Thus we see that the percentage of 
ionic character in the H—^X bonds in the above molecules decreases in the 
order : H—F > H-Cl > H—Br > H—1. 

In case of gaseous molecules in which atoms of high electron 
aflBn ity are associated with atoms of low ionization potential (i.e. 
strongly electropositive elements such as alkali metals and alkaline 
earth metals), we should expect that the bond would be on the verge 
of complete ionic character, regardless of the specific chemical 
identities of the pertinent atoms involved. Thus, since r-blook 
elements (alkali metals and alkaline earth metals) have rather small 
ionisation potentials, they establish ionic bonds. 

2. Eiectronegaflvity difference, (xa-Xb) «nd strength (i.e. stabil¬ 
ity) of A— B bond in AB molecule. Greater is the value of (x^ - Xb), more 
stable will be the ^nd. A—B e.g. we can explain that the stability of 
H - X bond in HF, HCl, HBr and HI molecules decreases in the order : 
H - F > H—Cl > H—Br > H—I as shown below: 

(xp = 4.0, xq = 3.0, Xbp = 2.1. X] = 2.1 and = 2.1) 

H-F H-a H—Br H-I 

1-9 > 0-9 > 0-7 > 0-4 

H-F > H-Cl > H-Br > H—1 
- 464-5 > —22 0 > — 12-5 > - 1-5 


H—X bond 

(X=F, Cl, Br and I 

Stabili^ of H—X 
bond 

Heat of formation of 
H—X bond (kcal/mole) 


h 

} 


I 
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The decrease in the stability of H—X bonds from H F to H I 
is doe to the steady decrease in (xx-*h) values froin *F-*-*Hto 
* 1 —xh. The decrease in the bond lability is also confirmed by a 
steady decrease in their heats of formation as Ihown above. 

StabUity of compounds in which xa-xb is my ^il. The im¬ 
pounds for which jca—*b » very s^l 

MO almost equal), tend to be unstable and heni the hit of forma¬ 
tion of such compounds is very small. Examplw of such 
Sre ;CU (0 0),SiH*(0-3). NCI, (0 0), PH, (0*0), AsH, (01), SbH, 
(0*2), BiH, (0*2). In brackets are given the Values of (jca— x*). 

Stability of compounds in which xa—xb is very lam. Evidently 
such compounds will be those that are formed by the imbmatmn 
of metals (whose x-values are very low) and non-metals (whose 
xUalues are very large). In this jca-xb is very high and hence 
these compounds are very stable and are With large heats of forma¬ 
tion, high melting points and boiling points. 

3 Trends in the acid-base character of the normal oxides of the 
elements of the same period. It may be seen that on passing from 
left to right in a period of periodic table the acidic character of the 
normal oxides of the elements goes on increasing. The change from 
strongly basic character to strongly acidic character is because of the 
increase in the electronegativity value of the element, xe and the 
consequent decrease in (xo-xe) value where xe and xo arc the 
electronegativity values of the elements E and O. The element E 
is the on^whose normal oxide is being considered. The trends in 
acid-base character for the oxides of the elements of third period of 
periodic table are shown below : 

Na,0 MgO A1,0, SiO, P 4 O 10 SO, 01,0? 


Oxides 


10 < 1-2 < 1-4 < 1-7 < 2 0 < 2-4 > 2-8 


<Xo—Xg) values 
{xo-3-5) 


Acid-base 

character 


. 2 5 > 2-3 > 2.1 > 1-8 


Strongly Basic Ampho- Weakly 
basic 


> 1-5 > 11 < 0-7 


Acidic Strongly Very 
acidic strongly 
acidic 


4 Metallic and Non Metallic character of elt^ts. The c e¬ 
ment hkving a higher value of electronegativity will be es«ntially 
a non-metaf while that with a lower value will be a metal. We havo 
that x-values in a periodincrease on proceeding from left to right 
^Ke Tn a aroup decre^^ on moving from top to bottom. 

their owdes become less and less basic as we move from 
Sft^riSt. Similarly, on descending a^group thj^etallic charart« 
inerSfir This situation is very much pronwnced jn ^ of the 
SSSS of IVA and VA group elements. Tl^us the elements ol 
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th^ groups begin with non-metals (C and N) and end withjnetak 
(Pb ^nd Bi) respectively^ Their oxides become increasingly basic. 

i.- j** should not be difilcult to understand why Fr 

which IS situated at the bottom left hand corner of the periodic table 
IS the most reMUve methl while F which is situated at the top rieht 
o&nd corner of the periodic tsbie ts the most I’cdctive non-metal. 

♦u *s a close relationship between 

toe percentage of ionic Character and the colour of the salt The 

of the bond is less 

than 20the compound is coloured (/7) if it is more than 20% the 
compound IS colourless, and {Hi) if ionic character becomes lesser 
and lesser than 20%. the compound takes oh colour passing throueh 
yellow and orange to red and black, i.e.. the colour goes on deepen- 
ing, e.g. AgCl (ionic character =80%)-white, AgBr (24%>-Mle- 
yeUow, Agl (15%)-yellow, Ag,S(4%)-black. ' ^ 


6. Acidic and basic character of XOH molecnie. When we 
insider the ionisation reaction of XOH molecule (where X may 
be metal or a non-metal) in aqueous solution, the following two cases 


(0 ■*^o xx<zxo xh, O—H bond will be more polar 

thanX—O bond and hence the ionisation of XOH molecule in 
aqueous solution will take place at O—H bond as shown below ; 

X—0^lH-fH,0-- XO -f H,0+ 

Since in this ionisation reaction H,0+ ions arc produced XOH 
molecule behaves as an acid. ’ 

{it) When xo—xx>xo— xh, X—O bond is more polar than 
O -H bond and as such the ionisation occurs at X—O bond as shown 

tv>lnw • 


X^O~ H-f H,0-—»[H-OH,J+-|- OH.-4 


Thus XOH molecule gives OH' ions and, therefore, behaves as 
a base 

Thus we find that on the basis of the concept of electronegati- 
vi^ it is possible for us to iwedict whether, the compounds of 
XOH'type are acid or basic in aqueous solution. 

Gallait has w»est^ that XOH molecule shows acidic charac- 
ter when xa is greater than 1‘7 and it diows basic character when xv 
is Im than 1-7. ^ 
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IONIC OR ELECTROVALENT BOND 

An ionic bond is established as a result of the transference of 
electrons fronts one atom to the other. Elements which have a ten¬ 
dency to lose one or more electrons are called electropositive (e.g. 
alkali metals) whilst those which have a tendency to gain electrons 
are called electronegative {e.g. halogens). It was suggested by Kossel 
that when atoms of electropositive arid electronegative elements 
combine together, one or more electrons are transferred from the 
former to the latter and the atoms are covered into cations and anions. 
As a result of the mutual electrostatic attraction between the ions 
so formed, an ionic or electrovalent bond is established. 

Examples : 


N« ♦ >Cl I 

• • 

t.i-l 2.t,7 


t* 

Na 





t.d.a 


on 


I* I- 

fva Ct 



i.i.i 


The anions formed always achieve an inert gas configuration 
when forming ionic bond, while the cations formed may achieve any 
of the folfowing configurations : (/) Inert gas configuration (ns* or 
ns*p^ configuration). (i7) Pseudo-inert gas configuration {ns*p*tP^). 
(Hi) The inert pair configuration i.e. I8-plus-2-electrons configuration 
(»v) ns*p*d* type configuration where the sum 
{2H-6-1-X) should be nine to seventeen. Such type of configuration 
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k very much found in transitional metal cauam l») Impiv 
•onfigurathtu. Cations having such type of co^gmateMi can be 
ezrapUBed by Ga,^(Ga*+-Oa«+). Hg^+W-Hr^) etc. 
CharacterisUca of Imilc CompoMit 


(I) The cations and anions in these amqpounds are hdd toge* 
tber by electrostatic lines of forces. 

ai) These compounds are polar, soluble ihpolar^ scdvmit »]^ 
as H,0, NH, etc., but insoluble in non-polar solvents 'sndi as CXlfc 
C(H« etc. 

(Hi) These compounds are ionisable in solution or in fiiwd 

state. 

(fr) Solutions of these compounds are good conductors of 
electricity. 

(v) They possess high melting points and boiling p<wts. 


(vi) The polar linkages oresent in ionic compounds are non- 
directional. 

rnnstrifliw for the formatloa of aa lonk cempomid. The forma¬ 
tion of ionic molecule c+a* can be thought to occm throngh the 
following steps: 

(ft Atom e gives up an electron by abso^ing ene^ equal to 
its ionisation ene 'gy (or ionisation potential (IP)* •*<1 i» converted 
into cation, e-**. Thus : 


c-(-Energy absorbed (»(IP)*) —► c*+*~ ^ 

(ii) In this step the atom a pkto up the flection ideased by c 
and is converted into anion, a". In this process, energy equal to 
affinity energy (or electron affinity) of a, (EA)* is r e lease d . Ttutt : 

a-t-e' -* a--(-Energy rel ea s ed [——^iA)J* 

(I/ft This is the final step in whieh cation, c* a^ anion a', 
due to the electrostotic attracUon, combiae together to give a sUbte 
ionic crystal, c+a". In this process energy equal to heat; of foimatidn 
of the ionic compound, c+a', is released. Heat of formation is equal 
to —^lrt++r, , where native sign indicates the rdmse of mieig^. 
Here e is the ionic charge on e+and a" and r«+ andr,' are the. ionic 
radii of e+and a rcH>ectivcly. Thus: 

e++a- —. c+a--(-Energy released^ ) 


Thus die overall energy change, the fordmtkm of the 

icmic crystal, c+a" is given by 

E,,»tt-+(IP).-(EA).- 
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Now, if the bonded ions, and a , are more stable than the 
free atoms, c and a, value of must be negative. To fulfil 

e* 

this ondition /•g+ f should have a higher value than [(lP)c—(EA),] 

i.e. > [(»P)«-(EA)„] 

When this condition is fulfilled, we shall get a larger negative 

e* 

Thus for the formation of a stable ionic compound c' (or a 
stable ionic bondVthe following conditions must be satisfied : 

(a) Atom c siiould have a tendencyao lose electrons readily t.e. 
(lP)e shoula be low. Thus atom c should be an electropositive ele¬ 
ment such as an alkali metal or an alkaline earth metal. 

(f») .\iom a should have - tendency to accept the electron 
readily-given out by atom c i.e. (EA)a should be large. Thus atom a 
should ^ ah electronegative element such as one of the halogens or 
an>tlement of VI A group elements. 

(c) Since each »on pair, c+a', resulting from one free atonic* 
and oneTrwratom a nas a strong residual electric field, it will attr.n.t 
uther ion pairs and thus a large number of uch -km pairs will arrange 
themselves fn the most stable way within an ionic crystal i.e. a cluster 
will bo formca. 4n this process furthe** ehergv will be -released and 
the totaj energy released in ^ the process of the formation of ionic 
crystal i^ known as crystal or lattice energy, U 

Thuskighei the value of lattice energy of the resulting onic 
compound, the greater is the ease of its formation. 

VARIABLE ELECTROVALENCY 

There are many ffansitional and non-transitional metals which 
show variable electrovalency. This is due to the presence of un¬ 
stable configuraiiOK of the core in them (transitional metals) and 
inert pair effect (heavier p-bloA clemenfs) 

ti, Unstable configuration df dhe core, if all the valence elec¬ 
trons fium an atom are removed, the residue obtaine'd is called the 
core or kernel. The core obtained from a normal element is stable, 
since it has 2 or 8 electrons (inert-gas configuration), while that 
obtained from a transitional metal is unstable and one or more 
electrons may, therefore, be removed from such configuration of the 
core to get ions with variable oxidation states. 

The following are the important unstable configurations of a 
core of a transitional metal. 

(a) CoQ^l^ration varying from (n~l)j*p«</‘ to («—1) 
fhe a'"figurations of Fe*-*- and Co*-*- ions vh. 3s*p*d* and 3s*d*en 
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respectively are unstable as compared to /ij*/** con0guration (inert-gas 
configuration), since nuclear charge in these ions is not sufficiently 
strong to keep the electrons of these configuratbAs intact in their 
position. Thus these ions can easily lose one of the 3</-electrons to 
give Fe*+ and Co*+' ions respectively. 

[Fe»+(3.rVd*) —^ Fc*+(3jVdS), 

Co*+(is*p*tP —^ Co»+(35V*rf*)]. 

Co*+ ion is less stable than Fc* *■ ion. 

NP'*' ion is practically non-existent, sincei in this case the 
nuclear charge is higher which makes the rem^al of an electron 
from 3s*p*(P configuration of Ni*-^ ion mote difficult to form NP+ 
ion. 

(b) Pseudo-inert gas configoratioiu/.e., 18 electron configoration 

a n—configuration]. This type of configuration is found in 
le cations formed from the elements of IB and IIB groups. For 
example : 

Group I B 

Cu(3j*/>*d'«. 4ri), Cu+ (3r*p«‘/‘®). Cu*+ (3 j*/>»</») 

Ag(4r*p*rf'*, 5i‘), Ag"* (4r*p*<f’*), Az**{As*p*d*, 

Au(5i*/>*</**, 6s'), Au+(5r*pV'®), Au*+{5j*/>*<f*) 

The mono-valent cations viz. Cu+ and Au* are unstable due to 
the presence of unstable (rt—1) configuration in them. Con¬ 
sequently these ions are readily converted into Cu‘+ and Au*+ ions 
which are relatively more stable. The unslability of Cu+ and Au+ 
ions is due to the fact that the nuclear charge in these ions is not 
enough to hold the 18 electrons of (n—1) s'p^d'o configuration firmly 
in these mono-valent cations. 

It is only under certain special conditions that Ag*+ ion is 
formed. 

The configurations 3s*p*d*, As*p^d*, 5j*p*d*, in Gu*+, Agr^, 
and Au*+ ions respwtively are quite stable and hence do not lose 
other electrons to give cations of still higher valency. 

Group II B 

Zn (35 *p*</>«, As*), Zn*+(3s*p*d‘<‘) 

Cd {AsYd‘^ 5s*), Cd*+(4s*/»*rf‘») 

Hg {5sW«, 6s*), Hg*+(5sVV>o) 

Although Zn^', Cd*+, Hg*+ also have the same valence shell configu¬ 
ration as Cir% Ag+. Au+ have, Zn*% Cd*+ and Hg*+ do not give 
cations of^higher oxidation state. This is exblained as-folbws : 
Since the nuclear charge in Zn*+, Cd*+, Hg*+ ions is one unit 
higher than that in Cu+, Ag and Au+ resoectiveiy (Atomic nos. of 
Zn, Cd and Hg are 30, 48, 80 respectively and those of Cu, Ag and 
Au, are 29, 47, and 79 respectively), all the 18 electrons in Zn+* 
Cd*- a'fidHp*' ions arc more '-trongly held with the nucleus tl»n 
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tikose in Cu*. Ag*-, Au+, TTim in case of Zn»+, Cd»+, and Hg*+ 
UMre can be no lost of any further electron from the 
coB^imtion ainl so it is not possible for these cations to give the 
cations of higher oxidation state. 

(ii) biert Pair Effect. In order to understand the concept of 
inert Mir effect let us sec how Sn atom, for example, shows +2 and 
+4 oxidation states. Since Sn atom is a member of IVA group, +4 
oxidation state is Called its group number oxidation state, G. +2 
oxidation state is a lower oxidation state and is equal to (G—2). 

There are manv heavier p-Wock elements which, like Sn, in 
addition to their group number oxidation stote, G also exhibit lower 
oxiddt^n states equal to (G— 2\. Examples of such elements are 
given in Tible 4-1. 

Group number oxidation state, G is obtained when all the 
lu an(h>i[yQ eleotiokis from ns^ con&uration of ^block elements 
(x=sl, 273 amid' f^jrthe de^nts of groups IIIA, IVA, VAand 
VIAreso^vely) are lost, while the lower oxidation state equal to 
(G—2) IS obtained adied onlv ap-electrons are lost and the nr-elec- 
tron pair, diie to its extra stability, remains inert, i.e., it is not lost. 
^h,a pair'of aa-dectrons iscalM taMrtpair and the effect caused 
.i^it ia known as hsart pair efcct 

Table 44. Heavier p-block elements which, in addition to 
.tijlu' group number taidatio^ state, G also show 
lower opidmioa states (given in brackets) 
equal to (G—2). 



Ga 

(-U^. +3 
In 

(+1). 43 
T1 

(+I).<rf3 


VARIATIOMt 

ONtmi 



r n 

VIA 

ni*f4 

— 

— 

— 

— 

— 

— 

TM). ¥4 

— 

— 

an 

Sb 

Te 

(+2). +4 

(+3), +3 

(+4).+6 


Bt 

Po 

(+2), +4 

(SO), +5 

(+2). +4 


'-PAIRgmCCr.IN A GKOUPANO ITS EiVBCT 
IBS or TIffi tLSMBinff 


The^iAowhig exani|4es wiU he^'us to undersUu^ this point 

(a) Ci uup Bl A fflwti. +3'oxidation state whidi is the gn>q> 
nuBibn odAmoh state is cmamirn for these dements, but q-l state 
becomes mere mi mme aMe at we move down ^ grotgt. ThisU 
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due to the successive increase in inert (mir effect from B to TI. Thus 
T1+ ion is much more stable than either Ga+ of In+ and also the 
compounds of Tl (I) are more stable than those of Tl (III). 

(b) Group IV A elements. In this group carbon and silicon 
uniformly show +4 oxidation state ; Oe, Sn and Pb show both +2 
and +4 states. The stability oS +4 rtate decreases and that of +2 
increases from Ge —>■ Sn —► Pb. This is due to the fact that the 
inert pair efect increases as we move down the grpup. Consequently 
the stability of the divalent cat’pns is in the order : Ge*+ < Sn**- < 
Pb*+. 

Since the inert pair effect increases when one moves from Ge 
to Pb through Sn, this effect is not much marked in germanium 
compounds. The compounds of Ge (II) are, therefore, unstable and 
hence get oxidised to Ge (IV) compounds easily, i.e., the oxidation viz. 

Oxidation 

Ge (11) + 2e' -► Ge (IV) 

Unstable Stable 

(Redacea form, (Oxidised form, 

I.e., (educing agent) ie. oxidising agent) 

takes place readily. The tendency of Ge(ll) compounds to get oxidi¬ 
sed to GeflV' compounds shows that Ge(ll) compounds are strong 
reducing agents and also Ge*+ ion is less stable than Ge*-<- ion. 

The inert pair effect is much more greater in Sn and this ex¬ 
plains (he fact that Sn*-*^ ion is less stable than Sn*+ ion, i.e., Sn (II) 
compownts can easily,be oxidised to Sn (IV) pomi^ounds. 

Oxidation 

Sn (ll) —2e -» Sn (IV) 

Uss stable More stable 

(Reduced form./ <?., (Oxidised form, i.« 

rcducins agent) oxidising agept 

' This in other words means that Sn (II) compounds (e.g., SnOj, 
SnCI,) are ffeducingi agents. 

In Pb the inert pair effect is greatest with the result that Pb*+ 
state is much morA stable ttian Pb«+ state. This means that Pb(IV)‘ 
compounds edn easily be reduced to Pb(ll) compounds, m. the 
reaction V/d. 

reduction 

Pb(lV) + le- --► Pb(II) 

Unstable a ** j , 

(Oxidised forin i»c> (Reduced fornit /.e., 

oxidising agent) reducing agent) 

takes place easily. , . - 

The greater tendency of Pb (IV) compounds to be reduced to 
Pb(II) compcAinds shows that Pb (IV) compounds {e.g., PbO„ PbCI«) 
are powerful oxidising agents. 

(c' Group VA elements. The +httate/or f^ elements from 
P to Bi which is caused by tne loss of three niKlectrbtois febm rtsY 
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mofiguration becomes more and more 'common while +5 state becomes 
less and less so as we mare from N to Bi. This is due to the greater 
md greater stability of iu« dectron pair of the valence-shell with 
nKrtasmg atomic she. 

the inert paif effect is greatest in the heaviest element 
vh. bisBhith, Bi»+ ten is more stable than Sb*+. Antimony forms 
Sb^ ion whil<i bismuth gives an unstable Bi»+ ion since it gets 
reduced imo Bi»+ ion. Thus Bi (V) compounds are strong oxidising 
agents. 

reduction 

Bi»+ 


Bi*+ + 
Oxidised form 
(oxidising agent) 


2e' 


Reduced form 
(Reducing agent) 

LATnCB ENERG Y OF IONIC CRYSTALS 

Definition. Tn an ionic crystal at least two forces are operating. 

These are : {/) the electrostatic attra¬ 
ctive force (or attractive potential 
energy) acting between the opposi- 





iero 


tely charged ions and (i7) inter¬ 
atomic rdpulsive force (or repulsive 
potential energy). The variation of 
potential energy (PE) of oppositely 
charged ions viz M+ and X* with 
their inter-nuclear separation (r) in 
the ionic crystal, M+X* is shown 
in Fig. 4'1. 

The resultant (or total) poten¬ 
tial energyis also shown in the bme 
figure. To is the equilibrium dis¬ 
tance at which the potentir.i energy 
is minimum. Thus, if we assume 
that the potential energy of the 
ions that are separated by an in¬ 
finite distance, is zero, the mini¬ 
mum potential energy at r# becomes 
numerically equal to the lattice 
tnergy, U of the crirst 1. Thus the lattice energy of an tonic crystal 
may be it^d at the decrease in energy that takes place in the 
jproeess of bringing the ions from an infinite distance to their equili- 
orium pospion inf the stable lattice. In other words the lattice energy 
ot an ionic crj^stal M+X- i nay be defined as the energy released when 
the correct number of gaseous cations A/+ and anions X' are brought 
together from an infinite distance to form one gram mole of the solid 
crystal. ^ 

M+tg) !-X (g) enew, U) 

. Lattice ener^ tea|stf defined^ as the energy required to remove 
af one gmmoh rfa loM ionic crystpl from their equilibrium posi¬ 
tion in the crystal to infinity. ^ 


inter -nvcleor dietanee 

Ftg. 4-1. Variation of polentiai 
eni^i-;y (PE) of oppositely charged 
kxu .M-t- and X- with their inter- 
nuclear mparatioo tr) in the ionic 
crystal, M+X-. 
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M+X‘(#) (ionic crystal) 4-Energy required ♦ M+(g)+X'(f) 

Hence the lattice energy is the tame in magnitude but opposite 
in sign to the energy of dissociation of the crystal It follows, there¬ 
fore, that greater the value of lattice ener^, numerically, the grater 
fs the energy required to decompose the ionic crystal into its 
constituent ions, M+ and X-. 

Theoretical calculation of lattice cnagy. The lattice energy of 
an ionic crystal is determined by coulombic interaction between all 
its ions viz. attractive forces acting between the ions of opposite 
charges and repulsive forces which result'from the interpenetration of 
their outermost electron clouds. 


When the coins approach each other, the only force acting at 
first between them is the attractive force which is directly propor¬ 
tional to the product of the charges carried by the cation and anion 
and inversely proportional to. the distance of their separation. Thus 
thp, attractive force (or potential energy. is given by: 


Here s^e and 2 .e=charges on the cation and anion, e—charge 
on the electron, z+ and 2 .=positive integers, and ri^distance between 
the cation and the anion. 


As the ions come very close to each other, they repel one an¬ 
other because of interixnetration of their electron clouds. The 
repulsive force [or repulsion energy, (PE)„^j„^] is given by : 


(PE)T»|Mll*f»» 


r" 


V 



where n and b are called Bom exponent and lepn Me n coc^ent 
respectively. 

When the ions are brought together from an infinite distance, 
the total potential energy, (PEhcur is given by : 


(PE)jol«J=(PE)at(rael(«ii4'(PE)f(yu((|«* 
_ ^+*_e* he* 

r ^ tm 


•(0 


d In an ionic crystal the force on any one ion will be deteruiined 
nbt only by the oppositely charged ions which are directly surr^-und- 
ihg it but also b' the other ions (both positive and negative", at 
greaterThus ip au ionic crystal not only two sepaiatr ions 
are to "be considered but the whole crystal must be considerec in 
order to consider the forces due to afl ions imagine an ionic crvstai, 
M'+X^"' having . NaCl structure in which the ions have net charges 
equal to r+e and —- 2 .e where e is the chargp on the electron and 
z+ and z are positive integers. Let us calculate the potential energy 



m 


Chemical Bonding 


At the site of ioQ due to all other ions surrounding it. Each 
ion is surrounded by 

six x*‘ ions (nearest neighbours) at a distance r or Vi f 
twelve M*'*' ions (second nearest neighbours) at a distance V^r 
ei^ht X*' ions at a distance y/i r 
six M*'*' ions at a distance y/A r 
twenty four x* ions at a distance y/S r, and so on. 


The electrostatic potential energy change when a ion is 
brought from in^ity to its stable position in a NaCl type lattice is 
equal to the product of z^e and — z_e divided by the distance r. 
Hence the total electrostatic energy of interaction of M-+with all 
other ions is given by summing up all these terms : 

r . 12(r+«X»+«) 

-+■ V2r 


. 8(i4aX-x.O . 6(x^e)(2+e) 
+ pTr y/4 r 




Since the ratio of the charges on the ion (z+/z.) is constant for 
a partioUar type of stmctore (e.^. 1 for NtaCI, 2 for Ca F, etc.), the 
sum of all the terms of the innnite series given in bracket is constant 
for an ionic crystal of given geometry. The value of this constant 
depends on the geometry of the crystal and remains independent of 
the values of Zy., z. and r. It is called Maadctaag coastaat and is 
generally represented by A. Thus : 

(PE)_!±£^ 


The same procedure may be used to calculate the electrostatic 
potential energy of x‘‘ anion, (PE)x*‘ with.all other ions surround- 
mg it. Since the environments of both the ions in NaCl structure is 
identical, the same expression gives the value of (PE)x*‘. Thus : 


(PE)x‘* 


z+z-g*A 

~*7 


The total attractive or electrostatic interaction potential energy, 
(PE)Mf««(f«i U then given by-half the sum of (PE)m*'*' and (PE)x*% 
since die tuition of the two would take interaction into account 
twice. Thus: 
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z+z.<*A 

r 

The second term in the total potential energy expression given 
by equation (/) involves the repulsive forces which arise due to the 
overlapping of the electron clouds of M** and X*" ions. Bom sug¬ 
gested that the repulsive for^varies inversely with r" and hence only 
nearest neighbours are to ^ considered in the calculation of repulsive 
force. According to him, since each M‘+ ion is surrounded imme¬ 
diately by six X'‘ ions, the repulsive force, (PE)r,r„f^««n is given by : 

6 be* 


This expression in a more generall^bem is given as : 

Be* 
r" 


(PElupti/sioit— „ 


where B and n both are constants and are called repulsion;coefficient 
and Born exponent. B is equal lo 6 b and pleasures the strength of 
the repulsive force and depends on the particular ions present m the 
ionic crystal. The value of it depends on the electronic configuration 
of the ions of the crystal. It genersdly has a value between 8 to 10 
but its value is lower when both ions of the crystal have helium 
electronic configuration and is higher when both the ions have xenon 
electronic configuration. 

Thus the total potential ener^ of an ion in a crystal, ctmsider- 
ing the forces of all neighbouring ions, becomes 


(PE)f«uJ =* 

r+z.«»A Be» 


...(it) 


The most stable equilibrium position of an ion will be achieved 
when attractive and repulsive forces balance each other. In other 
words the potential energy (PE) is minimum, when where rg is 
the equilibrium distance. By differentiating PE with respect to r and 

equating «l“al 8«* 


\ or 


or 


B 


r+£^A nBe* 

»4X.AV-» 

a 
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By substituting the value of B in equation (/7) we get (P£)» 
given by the expression 


(PE).= - 


z+2_e*A _ 2+z.Aro"'* 
- + 


^ Ae*z+z. / J_j \ 

'•o V « ) 

The lattice energy, U, is defined as the energy released in the 
formation of a mole of an ionic crystal from the gaseous ions which 
are at an infinite distance from.xach other. Thus if N is the 
Avogadro’s number, then by defini?k>n 

U' - -(PE),xN 


cr 


NAe*2^.z. 


H-) 

U = NAe«z .»,r-/ ,_JL\ 

To V n ) 


...{Hi) 


This equation is called Bom-Lande equation. 


Conclasions drawn from Bom.Lsnde equation (Hi). It can be seen 
from Born-Lande equation given above : 

(i) that the lattice energy varies directly as the product of the 
charges on the ions of the ionic crystal. Thus the. lattice energies of 
ionic crystals containing uni-univaterit {e.g. Li+F ), uni-bivalent (r.g. 
Ca*+F,') and bi-biv4lent {e.g. Mg*+S* ) ions are in the decreasing 
or&er : Li+F-(U=-240 kcal/moie) < Ca*+F, r=-623) 

< Mg*+P»"(=-77/> 


(«) that the lattice energy vanes inversely as the inter-nuclear 
aistance, r^ between the oppositely charged Ions in an ionic crystal. 
Ilius the lattice energies of LiF, LiCi, LiBr and Lil ionic crystals are. 
in the decreasing ordet/ (X'='P%.;<3', Br', D 

Ionic crystals: LiF LiCl LiBr Lil 

ro=rLi++rx-(A)=0-(iO-l 1-36=1-96 < 2-41 < 2-55 < 2-76 

U (kcal/mole) =—247 >—203 > — 193 > — 180 

Anplicatioos of lattice energy With the -help of lattice energy 
we can estimate electron affinities, proton ;iffinities and heats of for¬ 
mation. Further applications are found : 

(a) in the discussion of. the .special properties of fluorine in 
relation to other halogens ; 

{b) in the account of stabilities of metal hydrides, polyhalides 
and peroxides and superoxides : 

(c) ih the oerivation of crystal field stabili^tion energies ; 

(d) in the discussior of the characterisation of high oxidation 
states of nvtals as fluorides and of their low oxidation 
states qaiodidea. 
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Relation between lattice energy and aohdrftfty of ionic MdUs. The 
magnitude of lattice energy of an ionic solid gives us an idea about 
its solubility in different solvents. For a solid to dissolve in a solvent 
the strong forces of attraction between its ions (lattice energy) must 
be overcome by the ion-solvent interactions. IThc solvation of ions 
is referred to in terms of solvation which is always negative i.e. in the 
process of solvation, energy is released. The amount Of solvation energy 
depends on the nature of the solvent. In case of non-polar (covalent) 
solvents, the solvation energy is small and hence is not sufiSdent to 
overcome the lattice energy of the solid. Consequently the solid does 
not dissolve in non-polar solvents. The solvation energy increases, if the 
solvent has high dipole momeot/or high polariabih'ty. As a general ride 
for a solid to be able to dissolve in a particular solvent its solvation 
energy must be greater than its lattice energy so that the latter may be 
overcome by the former. 

Experimental determination of lattice eaergy iff an hmlc solid— 
Boni-Haber Cyde. Suppose we have to deteimine the lattice energy 
of an ionic solid, MX. Its lattice energy can be determined bv a 
process known as Bom-Haber cycle devised 1^ Bom-I&ber in 1919. 
The various steps of this process can be shown graphi^ly as a 
cycle, hence the name Bom-Haber cycle. This method is based 
on the assumption that the formation of one mole of crystalline 
MX can occur either by the direct combination of M(s) and iXffg) 
or by an alternative process which consists of five steps. 

•V." . 

(1) Direct combination of M(s) and iX^g). It is a single-step 

reaction and energy equal to the heat of formation MX 
(AH/tfr)„x it- Thus it is an exothermic process. The 

• release of energy has been shown by putting negative sign before it. 

Direct combination ^ 

M(J')+iXi(g) —-^ MX(crys/a/)— 

(2) An alternative process. This process consists of the follow- 
'' ing five steps : 


(/) Sublimation of M{5) to M{g). In this step one mole of solid 
M absorbs energy equal to its sublimation energy, and is 

thus sublimed to gaseous state, M(j). It is thus an endothermic 
process. The absorption of energy has been shown by putting positive 
sign before 


,, Sublimation 

-- M(g) 


M 


y /-V Dissociation o/UsCg) to X{g). In this step half a mole of 
A.(gl absorbs energy equal to half of the dissodation-energy of X,(g,, 
i(A"rf/ij) and IS Converted into X(g). It is thus an endothermic 

process. The absorption of energy is shown by positive s^. f 
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Diisocteiion 

iX.(«)+KAHrfto)^^-► X(f) 

(iil) tonlsathn of M(g) to M*(g). Each M{g) atom oiwriJ 
energy eoual to its ionisation energy (or ionisatiori potential), (II’)m 
and loses its oBter-most electron to form M+(g). It is an endothermic 
process. Positive sign associated with (//*)m indicates absorption oj 
energy in the process. 

Lots of electron (Ionisation) 

M(g)+(1P)M - - -- MHg)+e- 

liv) Conversion of X{g) kto X'{g). X(g).atom adds the dec- 
tron given out by M{g) in stcp(nO to form X (g). Irt this process X(g) 
releases energy eOual to its electron effinity (or affiriity energy). (EA)x. 
Hence negative sign before (EA)x. It is thus an exothermic process 
* Gain of electron 

X(g) -——> X (g)-(EA)x - 

(v) Combination of and X'(g) toform MX (solid). This 

is the final step in which M*(g) formed in step (///) and X'(g) 
obtained in step (iv) combine toge^er to form one mole of MX 
‘ (solid). In this process energy equal to the lattice energy (or crystal 
energy) of MX,(U)mx »s released. Hence negative sign before (U)mx- 
Thus it is also an exothermic process. 

Combi na;ion 

M" (g)-(-X'(g)-- MX (solid>-(U )mx 

Diagrammatically the formation of one gm. molecule of solid 
MX by the direct combination of M(j) and }Xj(g) and by an alterna¬ 
tive process consisting of five steps mentioned above is shown in 
Fig. 4-2. 


r.' 

1 

Direct combination of + 


MX 

i ’ 


III Subimelion 

(ti) OissociotiO«« 



cr M(f} 





+ 5 re...) 




** Enorgy ob»orb«e = Posiiiv» 

( + » 


I . 

Eovgy r»ioos#d=N«go*iv« 

(-> 

Migi 



lull LOSS of 

livi Gain of 



electron (-t“l 

«l«ctrOn 1+ e") 



+ IIP) 

-(EAJ 



M 



M^igi + 

x“(gi 


\ ---- 

--* (v) Combinotion of M^tgl ond X (gl 



/ 

Fig. 4-2. ‘ Boro-Haber cycle , for tlw formation of an Ionic solid, MX by 
direct coftibinaUon ofM(s) and iXt(d shown in a rectangle and by an 
alternative process consisting of five steps: it) to (v). Positive sign asso¬ 
ciated with energy quantities indicates absorption of oiergy and Mgative 
sign indicates release of energy. In biadcets are given the values of energy 
termsidetermined experimentally. 
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Since the two processes are independent of e^ other, by 
Hess's law the heat of formation of MX. (equal 

to the summation of all other energy terms. Thus : 


(AH/*,) 


MX 


-(AH«*)^ +»(AH^„)^^ ■f(lP)M+(EA)x+(U)MX 


With the help of this equation we can determine the value of 
<U)mx. if quantiutive values of other enei^ terms are 

fohte ofoach form Is ntbstlMOd in the abore egmation 

^ong with its sign. 

Cakulale the lattice energy of WfO cryit ^ f ^ the 
in. <kte bv the use of Bom-Haber cycle. SubHnatioa coeigy of Na—26 
l^l/c. atom dissociation energy of Cl*” 5^ kcal/mole, ^tential energy for 
Na(if-in bal/atom. electron afflniiy for CICr)”** kcal/«-«tom, heat of fer- 
matiM of Naa-99 kcal/mole. 

Selation. Substituting these values in the above equation, we get 

-99-26+1xS4+1I7+(-84)+(U)n,c1 
or (U)NaCI —W-26-27-117+M-185 kcal/mole. 

Here we sec that in the value of the lattice energy of NaCl, 
(Ulki n negative sign appears automatically which shows that energy 
isrdSsed in the formation of NaCI (so/id) by the combination of 
Na+(g) and Cr(g). 

Deviation. For a large number of ionic solids tl« val^ of 
lattice energy calculated from Biin. (iii) agree fairly with those deter¬ 
mined experimentally by using Born-Haber cycle. 

There are, however, many ionic solids for which the calculated 
and experimental values are much differc >t from each other. 

Explanation of Deviation. Fgjans (1924) explained thr^ dela¬ 
tions on thebasis that ideal ionic bond is fbund in a very few wm- 
Dounds. Most of the ionic compounds possess some rovalent 
^racter. This transition from ionic character to cov^nt chafer 
has been explained on the basis of polarisatton of ions. Thus 
according to him the difference between the value of lattice 
calculated from equation (#«) and that found 
using Bom-Haber cyde is due to some amount of covalent diameter 
in the ionic solids whidi arises due to the pUlansation of ions. 

Uses of Bom-Haber Cycle, (i) Born-Haber mn be used for the 
determination of dectron afiRnities of elements which are difficult to 
determine by other methods. 

Bxsmsle. Calculate the electron rfWty of lodkie with ^help of the 

following data tdven In K«d/md^. 

-15-9. HAtijru ^»H«a*“***'*' 
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Solution. Put these values in the following equation : 

-h(EA)j +(U)^^, 

-58-8 = 25-9 t-2S-5 t-ll8 4 f(EA)j -|-( 165-4) 

(EA)j. •= - 68-8—25-9—25-5 —118 4+165-4==—73-2 kcal/ntole 


yi) Born-Habcr ttyclc Is useful in analysing and correcting the 
stabihty • ef various louic compounds, e.g. it explains why MgO is a 
stable loijic dompoundfin spite of the fact that very large amount of 
energies are required to vaporise MgO to ion, to dissociate O, 

uito atomic oxygen ahd finally to form ion. Both of these 

^prvegssesjare highly endothermic. The heat of formation for MaO 
^fs highly negative 143-8 kcal/mole) in spite of The 

unfavourabj&Tactors mentioned above. This high negative value is 
due to the \c(y high; lattice energy of MgO [(0)^ 0 = -935 kcal 
dytle] which more i/lfan compensates the energy expenditure. 


(I//) The Botn-Haber cycle also helps to. understand whv most 
metals tail to-torm stable ionic compounds in low oxidation" states 
sudi as MnCI. CaGI, AlO. By comparing the Born-Habcr cycle for 
r f ‘ O'" ^S) can be shown that the formation 

ofMC^is favoured over that of MCI although the cncrcy needed 
tor the formation of M'(g) and Cl'(g) ions is lower than that needed 
for the formation of M2+(g) and 2a-(g) from M(.r) and Cl .ie) The 
much higher lattice energy of MCI, over that of .MCI more th ir 
balances the advantage which MCI had over MClj. 


ION PEPOK.irATION Oft POLAftlSATION OF IONS 

A hen a cation approaches an union closely, the net positive 
chaige on the cation tends to attract the electron cloud of the anion 
towards itself due to the electrostatic force of attraction existing bet¬ 
ween them. At the same time the cation also tends to repel the 
positively charged nucleus of the anion. The combined effect of 
these two forces is that the electron cloud of the anion no longer 
nmains symmetrical hut is bulged or elongated towards the cation (see 
Fig. 4-3). This is called distortion, defuroiation or polarisation of the 
anion by the cation and the anion is said to be polarised. The ability 
of a cation to polarise (or distort) a nearby anion is called its polari¬ 
sation ability or polarisation power. 



(a) No pdlarisatton (b) Polarised anion 

Fig. 4-3. Poiarisaiion of an ankw (A-) by a cation (C+) 
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1 has a similar effect on the cation i.e., the caiioii 

IS also polarised by the anion, but because the size of a cation is 
generally smaller, the cation is polarised by the’anion to a lesser 
extent I.e., the polarisation of a cation by an anion is considered 
^most negligible in most cases. We say, therefore, that the cations 
have a strong polarisation power and the anions^are more susceptible 
to polarisation, I.e., the anionsJiave more polarisability. 

Thus we sec that when a cation and an anion come closer to 
each other, both ions are polarised, but the polarisation produced in 
ir!!cgligib?e*'°" appreciable while that produced in cation by apion 


RUl’-SAFFI iC IING THE POLARISATION OF AN lON- 


-FAJANS’S 


The factors which affect the amoun|. of polarisation of an ion 
rules ar^' l ajans in his rules known as Fajans’s rules. These ■ 

(/) f:hargc on the cation or anion. Cicnerally speakinc the 
po/an.sing power o/a cation to polarise an anion increases with the ■in¬ 
crease in Its positive charge. The reason is that a cation having higher 
charge can attract clcclions more effectively. Thus in ihc^’jinydrous' 
chloiides V/.’. NaCi.MgCI: and AlCL the polarising power of the 

AP^•lncrcases in the order : Na-^ < Mc !4 
t^e sam’c*order^^ PosH^'c charges on these cations also increase'll! 

/N.' polarisation, of Cl- anion by the cation 

miL’cnaia'ctcr between the cation and 

“ mcrealcs as we pass from NaC fp 
A '■ on moving froin NaCl'to 

AIC.I 3 IS con.irincd by a gradual decrease in the mHtin" poi’nts of 

AICU H57?cr ^ 

^imilaTly the polan.’tahilify of or. anion at o inrrenvpv with tite 
increase in its negative charge This is batf-' ase of fact that with 
an increase in the negative charge, the anioh will be able to repel its 
outermos electrons more effectively. Thus in fluorides and oxide^ 
of a metal cation O*- ion is more polarised than ]■'ion beta usd F’ 
has only one negiffive charge while 0 '= has Hvo negative charges 
1 his means that oXide is more covalent than the fluoride. 

(») Size of the cation or anion.^ The polarising power a* a 
cat ton to polarise an amon increases with the decrease of its size. Thus 
the polarising power of the cations like Be*-*, Mg*-^, Ca*-*, Sr*-*- Ba*^ 
and Ra*-*- having the same charge is in the order : Be** *> Mp*-*''^ 
Ca ■* > Sr*-*- > Ba*-* > Ra*-*- because their cationic radii art in the 
(Wier : Bc*+(=0-3l A) < M^*-^ (.-.0-65A) < Ca*■^ (=.0 & 9 A) < Srt 4 ‘ 

(=1 ’ISA) < ^*-i- (= 1-35A)'< Ra*-*- (=.= 1-40A). The greatest Riagni- 
tude of pofariung power of Be*-*^ cation makes its saltS> to sJrow 
msxiniQm CQjjAlcnt chs-racter which is ny the'rniiuinuTn 

anhydttws chloride ' JeCl.t^ lO.S'C, MgCl, 
-712’C,Caa,=772»C.SrCJ,-872*C,BaCl,=960*<:) 
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The polarisability of an anion increases with the increase in its 
she Thus^larger anion is more easily polarised by a^tion ^ause 
the outermost electrons of the larger anion are farther from ‘he^si- 
tive charee on the nucleus ol the anion and we thus more l^ey 
held with the nucleus. Con^quenily the pola'’' 5 abiluy of the h^ide 
ions in the salts CaX, is in the order ; F < Cl < Br < i . * ms 

is because of the fact that the radii of these anions also increase in 
the same order. This makes CaF- to show minimum and ^1, 

covalent character. This fact is quite evident by the 
maximum melting point of CaF, and minimum melting Pomi of Cal,. 
(CaF!=1392“C, CaCh=772"C, CaBr*=730"C, CaT,= 575 C). 

(Ill) Electronic Configuration of the Cation. A cation ">ith l8 
electrons in its outermost shell {non-inert gas or pseudo, inert gas confi¬ 
guration, ns^p*d^'>) has greater polarising power 'o Polarisean anion 
ihan a cation with 8- electrons in its outermost shell {mert-gas confi 
duration, ns*p% even if Ifhth the cations have the same size 
ThTs is because of the fact that the ten d-elcctrons f 
shield the nuclear charge of the cation less effectively than s-and p 

electrons of «J*p* shell. Thus Cu+cation which is with 18-elcctrons 
configuration (Cu+ —has greater polarising power to polarise 
Cl' anion in its anhydrous chloride than Na+ tation, which « with 
8-electrons configuration (Na^-• m although toth the 

cations have the same charge and 

is for this reason that the anhydrous chlorides of Cu , Ag and^ Au 
(18-electron configuration) are more covalent thw those of 
and Rb+ (8-electrpn configuration) j;«sP^“vel^ The dwre^ in 
covalent character of the anhydrous chlorides of Na+, K+ and Rb is 
evli^ent from the increase in their melting points as shown . 


CuCl-442"C, NaCI=800*C; AgCl=455''C, KC1=776“C ; 
AuCl=170'C (decomposes), RbCl=715‘’C. 


Faians’s rules given above can be summarised by sayii« that the 
molecules containing high positive charge on the cation, high n^ative 
charee on the anion, small cation or large anion are covalent in charac¬ 
ter while those containing low positive charge on the cation, low negative 
charge on the anion, large cation or small anion show tonic character. 

The molecules having cations with 18-electron valence-sMI co^- 
guration are more covalent than tha^ having 8-electron vdence-sheli 
configuration. 


applications of the concept of polarisation 

Polarisation power of a cation is - usually c^led ionic potca^I 
or dMHge len^ and is represented by It is expressed mathe- 

maticaJlyas: 

, dtaiBie on oUimi 

* — issssw^sr 
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Following are the important applications of the concept of 
polarisation of ions ; 

(i) The degree of covalent character inm^ionic compound. The 

lar};er the value of for a cation, the greater is its polarisation pqwer 
to polarise the electron cloud of an anion and hence greater is the 
degree of covalent character in its tonic compound: 

(ii) The tendency of a cation to form complexes. The larger the 
value of 4> for a cation, the greatei is its tendency to form complexes. 

(Hi) The tendency of a cation towards solvation. The larg er the 
value of 4> for a cation, the greater is its tendency towards solvation, 
e g. because of the maximurr- value of 0 for Li+ ion, it has the highest 
tendency towards solvation (i.e. hydration energy). It is for this 
reason that several lithium salts aie hydrated (e.g. LiCl . 2HvO, 
LiClOi . 3HjO) whereas the salts of other alkali metals are not hy¬ 
drated. The degree of hydration decreases from Li+ to Cs+. 

(iv) Nature of oxides. JLarger the value of f for a cation of an 
oxide, greater is the polarisation power of the cation and greater will 
be the covalent character of the metal-to-oxygen bond. Also at the 
same time the cation will show greater tendency to form acidic oxide. 
For example, Na,0 is more ionic than its neighbour, MgO, since 4> 
value for Na+ ion is less tha.n that for Mg^+ ion i.e. 

s''Na+ < ^ ~ ) 

CartliJgc has examined the nature of oxides of several metals 
and has suggested that the oxide of a metal, Ms""* 0 „ is basic when t 
v'^M^ < 2-2, is amphoteric when to> 3-2 and is acidic 

when > 3-2. 

Thus, as the value of increases, the acidic character of 

the oxide, also increases. This increase in the acidic nature 

is due to the increase in the covalent character of the metal-to-oxygen 
bond and as such there would be difT-culty in breaking this bond on 
reaction with water. 

(v) Thermal stability of carbonates. Consider a ca h.inate. 
M'+COj. The greater the value of for the cation Ml"*, greate'- 
will be its polarisation power. Thus a cation with a greate? value 
of exercises a strong pull on the electron cloud of the neigh¬ 
bouring O-atom of the CO 3 *' ion and as such the • metal carbo¬ 
nate gets readily decomposed into COj and the oxide of the metal, 
MO. Greater the value of for a cation, M*-*- in a carbonate, 
M^+COj, the lesser is the thermal stability of the carbonate. The 
decomposition^ of a carbonate M*+COg having a' metal, M. with 
greater value of is shown below : f 

M*+0 -C' -► M—O-fCOj 

^O' Oxide 

(Metal carbonate) 

Since the values of for the alkaline earth metaJ cation, 
M*+ decreases from Be*+ to Ba*+,* the thermal stability 
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of their carbonates, M*+COs*+ increases in the order : BeCOj 
< MgCO, < CaCO, SrCOj < BaCOj as is evident from the 
gradual increase in the temperature at which their decomposition 
into oxide (MO) and COi occurs (BeCOt < 100°C, MgCOs = 350°C, 
CaCO,= M7'’C, SrCO,=s=778‘’C, BaC03=998“C). 

\ similar reason may also be applied to a number of other de- 
coniposition reactions such as ; 

SU 4 ( 3 ) —- m” 0 ( 5 )-t- SO,(g) 

M^‘(OH),(.ri —^ m" 0 ( 5)4 H^g) 

M^ BF4(5) -» M* F4 BF3(g) 

In ai' Ihe cases cited above the salt having the smallest cation 
ows the lowest thermal stability i.e, the temperature at which the 
Jecomposition occurs is the lowest. 

(vi) Nature uf anhydrous halide^. It has been sliown that if the 
value of V^ for the cation in the anhydrous ha'klc is Its* than 2 2, 
the haWe will be ionic and good conductor of electricity. On the 
ortier hand, if the value of V is more than 2-2, the halide will be 
covalent and a non-conductor of electricity. 

{Hi) Diagonal relationship. Since the value of 4> for Be*^ 
(^---2/0*31 =6'4) is almost of the same order as that of the diagonally 
s'tu'iVcd ( = 3/0-50 6.0), these elements have almost many 
similar properties. Howevei this type of explanation of diagonal 
relationship should not be over-emphasized, c.g. <p foi Li ' ( = 1/0-60 
fp) d iffers less from that of Na ' ( 1/0 95^. 1 0.''') ili.in from that 

M^^'+( = 2/0-65: 3-07). 

(viii) Melting points of compounds. As already statco, with the 
increase of polarisation, the degree of covalent character in an ionic 
compound also increases and this increased cova/enr character decreases 
the melting points oj the compounds. 

(/» Solubilify of salts. With the increase of polarisation;.the 
biliiy of the compound decreases, e.g. m the sulphides and oxides 
of a metallic cation. S'*' ion is more polaiised by the metallic cation 
than the O*' ion, since S*' ion is bigger man O* ion in size and it is 
for this reason that the sulphides are less soluble than the oxides of 
the same metal. 

{X) Bund energy. olarisation tends to increase the bond 
energy. 

COVALENT BOND 

Lewis-Langmuir concept. Lewis suggested in 1919 that there 
are atoms which attain inert gas configuration {i.e. I 5 * or ns^p* con¬ 
figuration) by sharing one or more electron pairs with similar or 
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dissimilar atoms. Each atom contributes one electron to the electron 
pair and has equal claim on the shared electron pair. Langmuir 
called the Lewis electron pair bond a covalent boipd. Thus the con¬ 
cept of covalent bond is known as Lewis Langmuir concept. 

A covalent bond is expressed in the formula by placing a bar 
(—) between the atoms bonded together. A covalent bond is non¬ 
polar and non-ionised because in its formation electrons are not trans¬ 
ferred from one atom to the other and thqg the molecple having the 
covalent bond «o/acgwirc and no ions are formed. It 

is for this reason that covalent bond is also called non-polar bond. 

Types of Covalent bond. Covalent bond may be single covalent 
bond, double covalent bond or triple covalent bond. Double and triple 
covalent bonds are called multiple covalent bonds. 

Single covalent bonds are formed by the sharing of only one 
electron pair between the bonded atoms, e g. 

H,+.H- ►HfHorH-H 

f O . )->'H—►H,, . O .^H or H-O-H 

Double and triple covalent bonds are formed when the atoms 
bonded together share two or three electron pairs respectively, e.g. 

-* : O ; : O : or ; 0 = 0 : 

Double bond 

: N; + :N ;-► ;'N: : N or : N^N : 

Triple bond 

The Octet Rule. We find that when two atoms form covalent 
bonds, they attain an inert gas configuration with an octet of elec¬ 
trons i.e. ni*/ 7 «-configuration is attained. This is known as octet rule. 
In Hj molecule each of the two H-atoms, however, attains lj*-con- 
figuration. 

Deviation of octet rule. There arc examples of molecules in 
which the octet rule breaks down i.e. the atoms have electrons either 
less than eight (/.e.^incomplete octet) or more than eight {i.e. expan¬ 
sion of octet). This fact can be illustrated by considering the follow¬ 
ing molecules. 

(a) Incomplete octet. T^e structures of BeCI„ BF 3 and NO 
molecules as shown below indicate that the central atoms viz. Be 
fin BeCIt), B (in BFj) and N (in NO) are surrounded by four, six ana 
seven electrons in their valence-shel 1 respectively, while other atoms 
\ ,of these molecules obey the octet rule. 

: Cl . Be „ . Cl : or ; Cl-Bc-Gl:, 

•• 


BeCla molecule 
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or F-B-F 
I 

F 


-V- 

BPi molecule 


: 6 : or ;N=6: 

" --- » 

NO molecule 

The central atoms (shown in thick type) in the molecules 
Be(C,H»)„ BC1„ Ga(CHj )3 etc. also have incomplete octet. 

(b) Expansion of octet. No stable molecules are known in 
which the atoms of the second period have more than eight electrons 
in their valence-shell- Elements of third and subsequent periods, 
however, form molecules wherein the atoms have more than 8 elec¬ 
trons, e-g- 


(/) PCIj, CIFj and ICI3 molecules. In PCI5 molecule phospho¬ 
rus atom is linked with five chlorine atoms by five covalent bonds, 
showing that phospuceus atom (central atom) is surrounded by 
5.|.5 = lO electrons, i.e. the octet is expanded. Similarly it may 
be seen that in CIF, (No. of covalent bonds = 3) and ICI* (No. of 
covalent bonds = 3) molecules the central atoms viz. Cl and 1 respecti¬ 
vely are surrounded by 6-(-4=10 electrons (expansion of octet). 

SF« (No. of covalent bonds=6 and hence total number of elec¬ 
trons in the valence-shell of sulphur atom-6-f-6 = 12) is another 
example in which the octet is expanded. Similarly in OsF, and OjO, 

molecules the central atom viz. 0s(0»-* 5d* 6s*) is surrounded by 

6-1-2-1-8=16 electrons. Again the octet is expanded. 

Explanation of the failure of Octet rule. The failure of the 
octet rule in the formation of the molecules mentioiied above can be 
explained with the help of the following concepts. 

(1) Sidgwkk' title of maximum covalency. This rule states that 
it is not essential for an element to have a maximum covalency of 
four i.e., it is not essential for an cfement to have 4x2=8 electrons 
in ito valence shell for its sUbil^y. The covalency of an element 
may exce^ four and the octet mayv be expanded. The maximum 
oovakney of an dement actually depends on the period in which the 
element concerned is present. For hydrogen (first period with n=l) 
it is 2, for the ekments of 2nd period with n=2 (Li to F) it is 4, 
for the elements of 3rd (n=3) and 4th (n=4) period it is equal to 6 
and for those in higher periods (n>4) it is equal to 8 Consequently 
the mmimimi capacity of the valence-shell of an atom to contain 
electrons (or maximum number of electrons being shared) for the 
elements mentioned above is equal to 2x2=4, 4x2=8. 6x2=12 
and 8x2=16 respectively. 
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On the basis of Sidwick’s rule the structure of FCl* can be 
shown as given in Fig. 4-4. 



Fig 4 4 Formula of PCI 5 on the basis of Sidgwick’s view 
(O) Electronic formula (b) Structural formula. 

(2) Sugden's view of Singlet Linkages. Sugden, howevci, 
believes that the octet rule is never violated and in PCU, the three 
chlorine atoms are linked with P-atom by three covalent bonds (i.e. 
3 electron pairs are being shared between P and Cl atoms)^and 
each of the lemaining two Cl atoms is linkeid to P-atom by a bond 
formed by the sharing of only one electron between P- and Cl-^oms. 
This special type of bond which is established by the one sided snar- 
ing of onlv one electron between two atoms is called singlet linkage 
(also called single elc* ifon linkage^ holf^bond or simply singlet) It 
is a special type of co ordinate bond, since a single electron being 
shared is from one of the two bonded atoms. This atom is the central 
atom e g; in PCI 5 molecule the two electrons being used in the 
formation of two sinelets are from P-atom. A singlet linkage is 
represented b> a half-a-rrow ( --*) with head pointing froin the donor 
towards the acceptor. On this, basis the structure of SF^ can be 
5 h wn as given in Fig 4-5. 


y/<L£nce skcll of cluorihe atom: 



! 


F 





F 




V"/ ^. 

4*5 Structure of SF* on the basii^ of Sugden s view of 
singlet linkages concept 

(o) Electronic formula (/») Structural formula. 
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POLAR AND NON-POLAR COVALENT BONDS 

In a covalent bond between two like atoms A and A the 
shared electron pair between the atoms will necessarily be shared 
equally by both the atoms and hence the covalent bond will have no 
ionic character. Such type of bond may be regarded as true 
covalent bond, but in-ia covalenf bond either between two unlike 
atoms A and B or between two like atoms having different neigh¬ 
bours (e g C-atoms in HjC—CCb molecule), the shared electron 
pair will not be equally shared by both the atoms, since, if A atom 
has a stronger attraction for electron pair (i.e. has greater electron 
affinity) than B,- the shared electron pair will be attracted towards 
A and away from B. This type of permanent displacement of 
electron pair towards A in the covalent bond will develop a fraction 
of negative charge. S', on atom A and a fraction of positive charge, 
S^, on atom B. These fractional charges should not be confused with 
unit charges. Linder these circumstances the molecule AB will be 
S' S- 

<Iepictedis A- B and the bond between A and B which has some 
ionic character is called polar covalent bond. The bond betweerrthe 
two ike atoms (e.g. in HCl* etc. molecules) is called a non-polar 
or homo-polar covalent bond , or simply covalent bond. Actually co¬ 
valent bonds also have ^ighit ionic character tg: the bond H- H in 
H, molecule also has about 2% ionic character wh^ch arises from the 
small contributions of the ionic resonance structures to the total 
structure of H, molecu|e. The extreme case jf unequal sharing of 
an electron pair between the two atoms gives ionic bond m compounds 
such as CsF, NaCl or CSF, in which one atom (e.g. Cs, Na, Ca) is 
electro-positive and the other atom (e.g. F, Cl) is, electro-negative in 
character. 

Tlius the non-polar covalent bond and ionic bond arc extremes 
for the sharing of an electron pair between the two nude*. Between 
these extremes are many polar covalent bonds (i.e. covalent bonds 
having some ionic character). 

When in a mo'ccule AB the electronegativity of atom A ( = xa) 
is equal lc that of B ( = xb) [i.e. when we consider a molecule having 
two idea i:al atoms e.g. Hj, Cl*, molecules], the bond A—B will be 
covalent. When xa ^ xb, the bond will have some ionic character. 
The amount of ionic character will primarily depend on the value of 
(xa~xb). ThusifxA>XB, the bond'will be ionic represented as 
A'-B+, and, if Xa<x.j, then it will again be ionic represented as 
A+—B' but when- Xa=xb. it is represented as Ax B or A—B and 
the bond is pmely covaient bond. 

Variable Covalertcy—Maximum Covalency. Covalenry of /in ele¬ 
ment is defined as the number of electrons contributed by it for shar¬ 
ing ^rpose. Generally the covalency of an element wlfich has only 
-^-^and p-orbitals in its valence-shell (e.g., H, O, N etO.) ir a fixed 
quantity (not always) and is equal to the total number of unpaired 
electrons in s- and p-orbitah, e.g., the covalency of the elements viz. 
Hllsy, F(2s*, 2pt* 2p* 2p,»), 0{2 j*, 2p.*, 2p\ 2p,») and N(2i*, 2p^ 
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2py^ 2pz^) is equal to 1, 1, 2 and 3, since these elements have 1,1, 

2 and 3 unpaired electrons respectively. 

On the other hand the -elements having rf-orbitals in their 
valence-shell configuration (e.g., S, P, Cl etc.) show variable covalency. 
For example 

(1) Sulphur atom. (/) Sulphur atom in its ground state has two 

unpaired electrons (S -> 3s*, 3/>,* 3p,») and, therefore, shows a 

covalency of twp. 

(/() The valence-shell configuration of sulphur atom in the 
first exciktion state is obtained by promoting one of the paired 2p- 
electrons to the vacant 3i/-orbital to get four unpaicfid electrons which 
result in a.covalency of four of sulphur atom as shown below : 

S-atom in first excitation state ; 3 j*, ip^x 3</,t* 

'-—V- * 

For unpaired electrons 
result in a covatency 
of four 

( 1 //) On the same basis the covalency of six of sulphur atom 
can also be explained. 

S-«tonn in the second excittfiion state ; 

3i», 3;>;,'3p/3p*>, 3d>,* 3d>x*-v*_^ 

Six unpaired electrons explain 
the covalency of six 

(2) The covaicncies equal to 3 and 5 for phosphorus atom and 
higher covaicncies equal to 3, 5 and 7 for the halogen atoms other 
tlian fliKirine. can also be explained pn the basis of the same argu¬ 
ments. It iriay be noted that the maximum covalency exhibited by an 
elemdnt is equal to the number of unpaired electrons obtained after 
impairing all the s~ and p~electrons. It may also be seen that the 
variable covalency is shown only by those elements whose aioms has'e 
vacant d-orbitals in their valence-shell configurdtion so that unpairing 
of s- and p-electrons by promoting them to vacant d-orbitals maybe 
possible. The elements having no d-orbitals {e.g., elements of 2nd 
period) do not exhibit variable covalency. Thus we can explain why 
the molecules like NCI 5 and OF, do not exist 

CHARACTERISTICS OF COVALENT COMPOUNDS 

(/■) Covalent compounds are formed by the sharing of dectrons 
between the atoms and as such there is no ion formation. Farts of 
their crystal lattice are molecules which are held by weak Van der 
Waals forces. 

(ii) ■*'hese are generally soluble in organic solverRs. 

(Hi) Unlike electrovaleni comi^unds which are solids, tJicse 
may be solids, liquids or gases. Their n\elting and boiling points are 
low. 
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(id) These are generally soft, easily fusible and volatile. 

•*(v) The covalent bond is directional and as such there is a 
-•possibility of position isomerism and stereo-isomerism amongst these 
compounds. 

CO-ORDINATE OR DATIVE BOND 

In a purely covalent bond each of the electrons in a shared 
duplet is contributed by each of the two combining atoms ; or in 
other words we have a sharing of a give-and-take character. There 
is another—a less equitable mode of partnership, in which one of 
the atoms allows the other to provide both the electrons which are 
to be shared. The rich latter partner is called the donor and the 
former the acceptor and the name ‘dative covalency’ (Menzies) 
or ‘co-ordinate covalency’ (Sidgwick) is given to the combination. 
The donation of the pair is made out of a ‘lone’ pair of electrons 
to the acceptor which is in need of the pair to complete its octet. 
In this mechanism, although the sharing is equitable, the contribu¬ 
tion is one-sided, and therefore, a slight polarity develops in the 
molecule. For this reason it is also called a semi-poiar bond by 
Sugden. 

The normal covalency can be distinguished from co-ordinate 
covalency as follows : 

(/) Normal covalency— 

A.-fB* -► AxBorA—B 


(ii) Co-ordinate covalency — 

A : B -> A : B or A -► B or A—B 


(In this case both the electrons are provided by A. One can 
assume that in the first step A denotes one electron to B and thus A 
Ijecomcs A ' (semewhat positive] and U becomes B- [somewhat nega¬ 
tive], and then the sharing takes place. A is the donor and B is the 
acceptor as indicated by the arrow.) 


(i) On this basis, the formation of NH*+ ion from NH, can be 
explained thus : 


H 

H : N ; -f K+ = 
H 


H 

fi : N ; H 
H 


T 

I 

J 


(//) One can also explain the formation of HCiO from HCl : 

H 5 Cl : + O : giving H ; Cl i ; .. (1; 


or H—Ci— -1- 6— giving H—Cl->0—or simply H—Cl- h-O ...(2 ) 

II i I 
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A single line including the arrow-line in equation (2) corres¬ 
ponds to a pair of electrons, and the arrow-head indicates the direc¬ 
tion in which donation is made. 

(Hi) The combination of ammonia with boron trifluoride, is* 
also through a coordinate linkage as shown below ; 


H : F : 

H,; N : -HB : : F : 
H :F:' 


H ; F : 


H F 


H ■ N • B : F ; or H—N >B- F 

1 ! 

: F ; H F 


Since the 2,? electron pair in NHj is not used -fn bonding it can 
be spared for donation to boron to form a coordinate bond. 

(/v) The formation of H 30 '*’ iort (hydronium ion) can be ex¬ 
plained as follows : , 


H 



H -] 


r- H n 

r 1 


! 11 - 


H o 

or 

H-^O >H 


Characteristics of Coordinate Compounds. Coordinate com¬ 
pounds exhibit characteristics similar to covalent compounds : 

(i) They do not ionise in water and are poor conductors of 
electricity. 

(I/) They are very sparingly soluble in water but dissolve in 
organic solvents. 

(//. ) Since .1 coordinate' linkage is semi-pouu, the coordinate 
compounds p.issess melting and boiling points w hich are higher than 
thi'se of piirelv covalent cijmpininds but lower than ionic com- 
P'.'U!;dS. 

(tv) The cbordinate linkage is also rigid and directional and 
therefore, such compounds can also exhibit space isomerism. 

(V) The coordinate linkage is easily broken when the donor 
and acceptor arc molecules wh ch arc captible ot independent 
exi deuce. 

HVDROGEN BOM) 

In order to understand the concept of hydrogen bond-let us 
conoder a molecule, say. HA in which H atom is linked with ff 
sir. ngly elecironcgaiive aiont A (A may be N, O or F) by a normal 
c>)vaient bond, [he electron piir being shared between fl a,nd the 
-.trongly electronegative atom A will evidently lie far away from H 
atom and thus partial positive and negative charge.s wall be deve- 
lopfd on H and A atoms respectively Consequently HA molecule 

• . ■ »+«.- 
will behave as a dipole represented as H—A with A as its negative 
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end and H as its positive end. If another molecule H—B which also 

84 8 - 

forms a dipote H—B (B is a strongly electronegative atom like N 

8 i- 8— , ’ 

O and F) is brought near H—A dipole, these two dipoles will be 
linked together by a special type of bond which is called hydrogen 
bond and is represented by dotted lines. Thus the existence of hydro¬ 
gen bond between A—H and B—H molecules can be shown as' 

8- 8+ 8- S-t 

A-H.B- H 

H-afom acts as a bridge between the eiectfonegative atoins, A and 
B. Thus hydrogen bond can be defined as^follows : 

ihyuinume jorce that bouts a hyUrogen atom, which :s alread 
n aleotly attached with a strongly electronegative atom o f a molecul 
(here it is HA rnolecule) with another electronegative atom of some 
mher mohcult (here it is RH moleculei is known as hydrogen hard 
The atoms A and B'may be the same or different, i.h., the molecules 
AH and BH maybe the same or different 


fypes . of Hydrogen Bonding. 

classified into two major classes : 


Hydrogen boxids have been 


(a) Inter-molecuUr H-Bondia^ (Association). The hydrogen 
occurring between two a more similar or different molecutvs is called 
inter-molecular hydrogen bonding. 


Examples : (/) H, 0 , NHj and HF moidcules. When a number of 
molecules are brought together, the positive end. bf one dipole, 

H—F attracts the negative end of the other similar dipole H—F 
and these molecules are associated together to form a clustre 
shown as ; > i j . 



The formation of the associatod molccu’«s of the hydrides nr 
N and O v/z. (NH3),. and(ri: 0 )„ is diie to the existence bf inier-molt 
cular hydrogen bonding in -H.O molecules. Their form-i- 

tion can be shown as follows i 



8 + | 8 + (8 + 

L H H H 

8—8 .f. 8—•/ta. 8— 8a- * 

s-.O- ^ 


8-t- 

H 


8+1 

H 



8f| 

H 
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(/•;•) KX.HX ir KHX* molecules. C!, Br and I are no. . ■ 
Stic iii-'ly electronegative as F and, therefore, the molecules 
Hl’i iiiid HI do not behave as dipole and also the shared .oa'r o- 
elccfons do no; lie so far away from H atom that it may attract Cl, 
trci 1 atoms of the neighboliring HCl, HBr and HI molecules 
hus in case of these molecules no significant H-bonding is possible 
.he non-existence of H-bondibg in these 

non-existence of the molecules like KCl.HCl (or KHCl*), KBr.HBr 
(or KHBr«) and KI.HI(KHI.ii, although KF HF (or KKFj) has been 
isolated. The anion HFi" present in KHFj salt has the stiucture ^ 
[F H—F] . This ani.m has the strongest known hydrogen bond 
(bond energy = -27 kcal/mole). It has been shown experimentally that 
hydrogen is rfi'idway between the tw'o fluorine atoms. Thus HI 2 
anion consists of two F" ions shielded from each other by a protou 
(H^) as-shown : [ F...H —F] or (F' H"*" F ) 


(1/7) Cupric Sulphate pentahydrate (CUSO4 . SHiO). In <^SO,. 
5 H..O, one of the molecules of water of crystallisation is dinerent 
from the other four molecules and this suggests us to write the tor- 
mula as CulH20)4S04. H.4O. In the crystal structure of this compound 



Fig. 4-6 Crystal structure of CuSO* - SHzO. 

(a) Four water molecules coordinated to Cu^+ ion 

(b) Fifth water molecule held to SO 4 *" ion shown at (c) and two of the 
four water molecules by hydrogpo bonds 

(c) S 04 ‘-ion held with fifth water molecule shown^at ( 6 ) by hydrogen 
bonds. 

(shown in rig. 4-6) each Cu'-: ion is surrounded octahedrally by 
six O-atoms four of which arc of four water molecules and the 
two are of SO j*' i 053 - Thus four water molecules are associated 
with ion as co-ordi.nated water and the remaining fifth water 

molecule is held to *BO,. ion and to two of the four co-ordinated 
water moiec-ules by H-borids to give an overall structure to 
Cu (H20)4 SO4 . IfsO a^ shown in Fig. 4-6 

t/V) Ice. See “propertfes explained hy hydrogen bonding". 

(^>) Intra-molecular H-bon«ing (CheltrtieB). m-bondwg occurring 
within «Mngte molecule is eafkd intra-motecUlcn H-bonding. In 
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jntra-molecular H-bonding, the H-atom is bonded to two atoms of 
the same molecule. This type of H-bonding may lead to the link¬ 
ing of two groups to form a ring structure and such an effect is 
one kind of chelation. 

An important example of a molecule having intra-molecular 
H-bonding is furnished by o-nilro phenol, o-nitro phenol boils at 
214°C, while the w- and ^-isomers boil at 290X and 270’C respecti¬ 
vely. Thus we see that o-form has the minimum boiling point which 
is accounted for on the assumption that o-form contains an intra¬ 
molecular (/e., internal) H-bonding which can be represented as 


O 

] j : This typ: ol intra molecular H-bonding is not possible 

V ^\/0 

4 

O 


in ni- and />-isomcrs because of (he size of (he ring that would result 

Thus in w-and/i-forms inter molecular H-boncling crkes place and 

this results in some degree of association .among a number of m- and 
p forms. It is this association which accounts for the higher boiling 
points of m- and p-isomers; ® 


Properties of Hydrogen Bond. (/) A H bond is a bond of 
hydrogen between two electronegative atoms onlv. It never involves 
more thaii two atoms (excluding H-aionv), 


(ii) Bond eaergy.ofri H bond is in the range vif T-10 kcal/mole 
while that of a normal cov.iient bond is in the ranee of 50-_100 

kcalmole. Thii. a H bond (//,, H .. B bordiis miicirweaker than 

a covalent bond. A 11. The difference in energy between A_Hand 

H. ..B b id indicates that these have dilTercnt bond lengths which 

in turn hows that H-atom in A-H . .B is never midwav 
betwee- 'h uvi, at mis A and B ; it is rather alw-ays nearer to atorn 
A which 1 - .)...lently boruled to M atom. H bond has more cnerev 
(-.r 3 in k i’ rn ilei than van der Waals forces (=1 kcal/mole). ^ 

inn ii etoimation of a H-bond does not involve anv sharing 
Oi eiectron pairs. It is, therefore, quite different from a'covalent 
bond. 


(iv) A H bond in A 11 B is formed most easily when both 
the atoms, namely. A and B arc higjil-y' electronegative Thus 'he 
ease of formation of a H bond in A--ri...B increases vv'ith tl-> 
increase in the eleclrone.gativity value of atom A represented as 
.va. This tendency cle.irly explains that the rendency of A H bond 
to form a H-bond increases from bU-H through'O—H to F H 
since .r^ . . wo ■ -Vf. This lemtensy .iecre,.scs in passing 

to S-- H or from F - H to CI~H, sincc.w, > -ts atid af^> v 
U clearly shows that F;.-atom. wbidvW the M|fhest electfonegativitv 
value (xtf vahifi forms the stronger H-bonds, ^ ^ 
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Properties explained by hydrogen bonding. 

HO andH.S. We have already stated that the 
iduo'n' bond in A-H.-.B decascs wnh .be 



\ _ f^oleculai' ir,cr.:'j:in<^ *■ 


Fig 4 7 Pio.s ofth^ mellingpoinis [Fig. ('»)] f 5* 

* (/-il of .he hydrides of the elements of IVA. VA. VIA am. 

VllA groups against their molecular weights. 
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decrease of the electronegativity of atom B. Thus, since a-o ^ 
there is a considerable hydrogen bonding in H^O while in H,S ‘he 
same is absent. In other words H,Q molecules can LSciaA t 

molecule, (H^O)„ (called dust re) '?n 
which hydrogen atom acts as a bridge between the two ” 
atoms which are highly electronegative atoms. It is due to^lhe 
honn! polymerised (H,0)„ molecule containing hydro^n 

bonds r/iflriea/er exists as a //^tW while H,S in which there i-^no 

hydrogen bond formation cannot form clusture and hence exists os j 
gas. 

n ^oilmg points (mp's and bp's) of hydrides of N 

o?^l’mg points and boiling points of the livdrices’ 
of the elements of IV A, V A. VI A hnd Vii A c^roups are oion -h 
against the molecular- weights of thc$e hythides, we shall the 
plots as shown in Fig. 4 7 (a), (h) ^ ' 

h sH ‘1*“^ although in case of CbH, 

AsHa, PH3 (V A group elements hydrides), HoFe, H,Sc H s;/vi /' 
group elernents hydrides) and HI, HBr. HCl (VIII gro^ip 
hydrides) there is a progressive decrease m their mp's and^bp’s with 

H O h themp's andb.p-sof NH 

HjO and Hh hydrides suddenly increase with a further decr’easV 
of heir moJeeular weights. The sudden increase in mp's a^d bn’s 

H f - ^ inter-molecular H-bonding ir between 

H and I in case of HF, in between H ar^d O in case of H rn 

H r'n" “ 'f' N ,..pccTi«V 'the exfi/nce O 

molecules gives polymerised molecules (NH 1 
(HjO), and (HF)„ having H-bonds. In order to break the H hnn^ 
existing in these pol^ymerised molecules more energy s r^quS 
Thus mp s and bp s of these molecules are suddenly raised. 

Having no power to form H-bonds the simnle nrbnn o 
hydrides (SnH,. GeH., S.H. and CHa'show ' Zreas” 
and mp’s with the decrease in their molecular weights ^ 

(Hi) Ice has less density than water, 
fact is as fallows : 

In the crystal siructure of ice , the O-atom is surrounded hv 
lour H-atoms. Two H-aloms are linked to O-atom by covllen^ 
bonds shown as‘a’ and the remaining-two H-atoms n. . ^ 

p-atom by two .H-bonds ehowit by doKed liner lV %8) -^ 

,1P tee every water molecule is associated with four oilu ,' wai , n «le 
cules by H-bondmg m a tetrahedrat.fashiop. Jee has an open s n 
jure with a lar^^mpty space due to the c.xisicncc of H-b0,4 
icemeltsatOX a uumbep of H-bo fl.s .,p,c broken dowj, and the 
space between wate, immecules decreasp-r-.o that ^vaIcr 
move closer ^gether. The densj y of water increases, .^ 1 ^fo c 
from 0 to 4 C at which It j_s at maKimum.. Above 4‘C Oie increase 
m kinetic energy of the molccoJei .r sufficient to cause the mSecuir 
to begin to d.spere and 1,^ resul is that the density steadify 


The explanation ofubis 
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decreases with tncreaimg temperature. Crystal structure of ice 
shown in Fig. 4*8. 



Fig. 4 8 Open ..iko-iikh, leuahedral crystal structure of ice. Circles 
indicr.ue ^’.syn^^jiHuns. Be nos represented by ‘o’ are normal 
covan lit ptsiTcls. while those represented by doited lines 
are hrdrojjist/i tionds. 

(iv) IhtTC i.s <1 contraction in water wiicii it is warmed iip- 
to 4 C. How to e.xpiain tt .' As water is waimca from 0°r on¬ 
wards, more 9 mote Hydrogen bond-s bi-cak down so that vvatm 
molecules come cistser aiid closer to on> aiioilier. The moving ,-.1 
water molecule;; closet together results in coniraciion. Howc\. i, 
there is also an expansion in the vulume of water. It appears th.it 
upto 4°C the effect of wTiitraction p.cdomi lates and hence there is 
contraction in the vonictc of water wnen it is warmed upto 4'C. 
.Above A’C the effect ot o\pans.on predominates and hence there is 
an expansion in the volutne o:' water wnen it is heated at a tempera¬ 
ture more than ’ <' 

Detection of hyih<i8cn vnu rd- The fol owing methods have been 
used lor the detection ol liycrogcn bona in different compounds. 

(t) Infra-red spectroscopy. Wt^ea a complex of the type A —II,.. 
..B containing hytirogen Oond is lormed, scvcnil changes like 
those mentioned below are uPservect in rne i;ifra-reci region. 

(o) The absorption o-ano' due la the .A - H stretching vibrations 
llundarnental and overtoiust are .shittca To tower ir.couencies. I hcu' 
shifts range from about 3l) rni-* ta4 v^yal hundred cm • or niorc. 
This shifting is due to tne xveakeningf«6t the torce' constant tot A - H 
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stretching mode which is caused by the formation of hydrogtti 
bond. 


(6) New vibrational modes which correspond to H.B stret¬ 

ching and deformation are observed at low frecut iicies in the far 
infra-red region. t 

The fundamental frequency which is associatc<l with OH stret¬ 
ching is found at 3COO cm ^ If the Oh group forms imer-m'^lecular 
hydrogen bonds, an r dditional band apnei- s a. 3300 cm *. Incre-ase 
in temperature or in dilution of the solution weakens the intensity 
near 3300 cm * ard -ncrcases the same near 3(>00 cm ' This shows 
that hydrogen btmd formation is diminished with the increase of 
temperature and dilution of the solution (i.e., decrease in concentra¬ 
tion). 


If an ir.tra-molccuJar hydrogen bond is formed, as in cahcyl- 
aldehyde. suppression of free OH group is so complete that the 
band at 3600 cm • IS absent, the only band which is observed is 
at 3300 cm * 

(n) Proton Magnetic Resonance (PMR) metlMMi Toe formation 

of a hydrogen band A—H.B in liquids and 'oiutions modtfiesr 

electron density round the proton <4 A-H group and henceSts 
shielding. In most cases PMR absmpiioit is di:plarcd down bakJ 
(I.e. towards lower magnetic field;, causing a kydiogen bcndiBg 
shift which is added to the existing chemical shift, lltcrcforc, with 
the exception of some cases involving aromatic molecules, the hydro¬ 
gen bonding shift is usually negative. 

PMR method is useful for the v'ascs with small shifts and 
overlapping bands in their inlra-red spectra. 

(in) Electronic absorption spectroscopy. Visibleand ultra-violet 
spectroscopy in the visible region from 6(Xt0 2000 A involycs ex¬ 
citation of electronic energy levels. Experimentally it has b^pn ob¬ 
served that electronic transitions are shifted to the bhxcjfypso-chro- 
mic shifts) when the chromophorc is involved in hydrogca boitaing as 
an acceptor and arc shined to red t bet ho chromic jAi/lrVwhen Ihc 
chromophorc sci,vcs as donor. 

(iv) X-ray method. When the distances between certain pairs 

of atoms are usually short and the number of these sh^rt distances 
corresponds to the numlxer of hydrogen bonds required >y ^hj; for¬ 
mula. the short distances may be considered to indicate the posiuons 
of the hydrogen bonds, e.g. in the crystal of sodium hydrogen carbo¬ 
nate, two of the oxygens of each planar carbonate gr^up are only 
2 55 A from the nearest oxygens of adjacent groups, while the third 
is separated from its nearest neighbours. It is thus assumed that the 
short distances indicate the positions of the hydrogen atoms and the 
resulting structure is an infinite chain ion in which discrete ejubonate 
ions are linked through hydrogen bonds. 
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Theories (or Nature) of hydrogeo bond. In onkr to explain the 
nature of hydrogen bond the following theoncs have been suggested ; 

(i) Electrostatic Approach. The covaleney of H-atom is limited 
to one, i.e., H-atom can be linked to only one atom, say A. This is 
because of the fact that Is- atomic orbital of H-atom becomes 
completely filled after it has formed a covalent bond, A -H. Thus 
H-atom already covalently bonded to at( m A in A — H bond cannot 
form a second covalent bond with another atom, say B. This si ovvs 
that A- H —B in which H-atom shows bivalency is unlikely, because, 
if it is likely at all, it would require the use of 2s- or 2p- orbitals of 
H-atom which are of much higher energies and consequently arc 
useless for bonding. Further if A—H—B is supposed to be correct, 
we should expect H-atcm to be equidistant from A and B, if.vA = .vji. 
but this is not confirmed by experiments. It shows that attraction 
of H-atom in A—H bond towards atom B must be largely due ic 
ionic or electrostatic forces,/.o , H-alom /m/.ir be regarded rrnio- 
minantly electrostatic in nature. 

We have seen that in A—H. H-atom can form a H-bond wiih 
atom B when atom A is highly eIeclrorcgati\e. This situation pro¬ 
duces a bond dipole A*" H‘* with A as iis negatoc end. A second 

electronegative atom B, attached to some other atom (.say E) or mole¬ 
cule, will also form the negative end of tlie dipole B*- —E^-*. Now 
since the electrostatic attraction between IB'-' (positive end of 
A*-—dipole) and B* (negative end of IB — E'-*- dipole' is 
greater than the repulsion between the like charges, the two dipoles 
come closer and H-bond is established between and B*- due to 
the electrostatic attraction as .shown A* - 1B-'.. B* — E*-*. This 
situation in HF./ ion is represented as (F - H. F ) where A and B 
atoms are two F-atoms. The electrostatic attraction occurs between 
H*+ and the lone pair of electrons on the electronegative atom 3. 

The H-bond may thus he regarded predominantly 'electrostati ' in 
nature. However, it also possesses a small amount of covalent 
character and is mainly a case of simple dipole-dipole or ion-dipole 
attraction. 

(li) Valence Bond Jheory (VBT) treatment. According to VBT 
hydrogen bond is not eleotfostatic in nature, but it involves the 
following resonance structures ; 

A*' —1B+...B*' A—H : B ♦-> A- H B 

(I) (II) (III) 

Structure (111) snows that hydrogen aiom is covalently linked 
with A and B. Thus iri this structure hydrogen atom is bicovalently 
linked. Structure (1) results from dipole interaction while structure 
(11) arises due to induced dipole interaction. Structure (III) does not 
make contribution to the overall energy of hydrogen bond while 
structures (I) and (II) make major contributions to the overall energy 
of the bond. There are cases in which'all the three forms make 
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equal contributions. HF^' ion is an example in which all three forms 
shown beIo%' make equal contribution ; 

F'-H- —F- ^ ] -_H —F F— H— F- 
(!' (H) (111) 

dii) Molecular Orbital theory (.MOT) treatment. Pimentel 
has used MOT to explain the hydrogen bonding in FIF- ion. Accord¬ 
ing to him l«-orbiial of hydrogen atom combines with tuo 2/;. atomic 
orbitals of two nuorinc atoms along the bond formation axis' Thus, 
if two 2/>i atomic orbitals of two fluorine atoms are rcpresenicd as 
2/)p, :he various MO's formed in the symmetrical F-FI...F bond 
may be described as ; 

'1' (bonding MO)r=2/7^-f 2/7F-(-fl,.v 
tl/"'’ (non-bonding MO) = .2/>i-f 2 /)f 
• y* (anti-bonding MO) = 2 /if4-2pf —fl-.s 
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Fig,. 4 Molecular orbital ili.igram of HF-- ion 

I! ^ 

where fl, and n-are the mixing coefficientN. The tsWo cIccirons in¬ 
volved in the bond formation occupy the bonding MO [scc Fig. 4 9i 
which spreads out ixie1f> on cither side of hydrogen atom and thus 
forms two equivalent weak bonds. Two electrons are concentrated 
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mainly on fluorine atoms in the non-bonding MO. The rnolecular 
orbital diagram of HFj' ion is shown in Fig. 4-9. 

ODD ELECTRON BONDS * 

It was shown by Lewis in 1916 that there were a number of 
stable molecules in which a bond is formed by the sharing of one 
electron or three electrons, \ e., there existed an odd number of*elec- 
trons between the two bonded atoms. The bond<! of this type which 
are formed hy an odd number of electrons are called odd electron 
bonds and the molecules having such bonds arc rolled odd molecules 
or odd electron molecules. 

Odd electron bonds may be one electron-, three electron-, five 
electron-, etc., bonds. In our discussion we shall, however, take 
about the former two types of bonds only. 

Molecules and ions having odd-clcctron bonds. According to 
VBT, the odd electron species have been classified into two cate¬ 
gories ; 

(a) One electron bond molecules and Tons. H./ ion is an exam¬ 
ple in which one electron bond is formed. This ion has been detected 
spectroscopicttllv. According to VBT, ion is considered to be a 
resonance hybrid of the two resonating structures (a) and (b) given 
below ; 

(a) • H (b) H • H*" 

H..+ ion has its bond energy equal to 61 kcal/mole. The.se two 
forms are of equal.stability (ite., equal energy). H.> molecule has its 
bond energy equal to 109 kcal/mole. Intcrnuclcar distance between 
the H-atoms in ion is 106A and in H. molecule it is 0 74 A. 
Thus : ^ 

H-•-H+ H-•-•-H 

.-1 06- -— 0 74 A-- 

Other examples having 1-electron bond arc LL , Naj^, K 2 + ions 
and B.Hb (di borane) molecule. 

(.h) Three electron bond molecules and ions. Examples of some 
molecules and ^ons having 3-electron bond arc given below : 

(/) Nef ion. This ion is represented ;is a resonance hybrid of 
(a) and (/>). 

He" • Hc“ ■<—*Hc • ,Hc 

(o) '/') 

Rcsontince between the two forms (n) and (/>) leads to the for- 
maiion of a three-electron bond between He and H^-. Thus He^^ ion 
is [He.. He]'. It is only one electron that plays part in the resonance 
phenomenon. It is, therefore, not surprising that I- and 3 election 
bonds have tipproximatcly the same energy. The binding energy in 
He-, ion is 58 kcal/mole. The tlfree electrons involved in the 3 
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electron bond in He 2 + ion arise from similar AO’s (here these AO’s 
are Ij- orbitals) in the is^olated atoms. 

(II) Oj Molecule. Normal VBT structure for O, molecule is 

:0 = o; 

. . XX 

represent the paramagnetic 
pr^erty of Oj molecule. It is, therefore, assumed that two O-aloms 
mOj molecule are linked by a normal covalent bond (/.e., 2-electron 
bond) and two 3-electron bonds. Thus Oj molecule is 

: O — O ; 


Evidently this structure explains the paramagnetic property of 
O 2 molecule due to the presence of two unpaired electrons in the 
*>' molecule. Such a molecule is known a:s “double-odd molecule”. 

(ill) Nitric Oxide Molecule (NO). This molecule has two 2- 
electron bonds and one 3-electron bond. Thus it can be represented 


• y y * 

:N=-Oj 

Of the four valence orbitals of each atom,' namely, 2s, 2p,, 2p„ 
and 2p,, one is used for the lone pair of electrons, two for the double 
bond electrons and the fourth is used for the 3-electrpn bond. The 
^ Enoicculc hs-s 3.lniost no tendency to dimerise. 

(IV) Nitrogen dioxide (NQ^). The real structure of this molecule 
■; IS a resonance hybrid of the struciures shown in Fig. 410. The 
molecule has a strong tendency to dimerise. 



la) (b) 


Fig. 4'iC. Resonance forms of NOj molecule 
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m 


(v) Chlorine dioxide molecule (CIO 2 ). The structure of this 
molecule is considered to be resonating between the following two 
3-electron bond forms : 



Properties of odd electron Bonds 

(i) One- and ihree-elcctron bonds are approximately half as 
strong as an ordinary electron-pair bond {i.e., norma! covalent bond). 
This point can be illustrated by considering the internuclear distances 
in Hj molecule and H 2 + ion. We have seen that in molecule and 

H 2 + ion the internuclear distances are respectively 0-74 A and 1'06 A. 
These values indicate that one-electron bond in H 2 + ion is weaker 
than a normal covalent bond {i.e. 2 electron bond) in Hj molecule. 

Linnett has shown that since N—Cl bond length in nitrosyl 
chloride (NOCl) is greater than that in NHCI 2 molecule (N —Cl disr. 
tance in NOCl= 1-95 A and N—Cl distance in NHCl 2 = 1-76 A), it is 
assumed that nitrogen-chlorine bond in NOCl is a 1-electron bond 
that in NHCl, is a normal covalent bond. 

(ii) One-electron bond between two atoms A and B is consi¬ 
dered to be a resonance hybrid between the following two extreme 
structures : 

A« B -<—y A •B 

Similarly a three-electron bond is also considered to be a reso¬ 
nance hybrid of the following two structures : 

t ^ 'A t • B 

.(/ii) Such bonds are not sfeble, if the electronegativity differ¬ 
ence between the atoms involved is large. It has been found that 
l-electron and 3-electron bonds are generally establis^d either bet¬ 
ween like atoms or between those atoms differing-.b^i llot ihofg.,than 
0-5 in electronegativity values, since'only then the resonance struc¬ 
tures of approximately equal stabilities would b^obtained; Forma¬ 
tion of 1-electron bond generally occurs between like affomis while its 
formation between unlike atoms is extremely rare. 

(iv) Molecules containing a three electron bond in additibn^is 
an electron pair bond sometimes show a tendency to drmerise. Since 
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the three electron bond is half as strong as an electron pair bond, the 
energy of dimer will be close to that of two monomeric molecules. 

Dimerisation 

A -B+A ::;iB-> :A—B—B- A; 

(v) Bond length ofa 1-elcctron bond is greater than that ofa 

2-electron bond, e.g., in H 2 + ion bond length is 106 A while that in 
H 2 molecule is 0-74 A. This clearly explains wliy a 1-clectron bond 
IS weaker than a normal covalent bond. Similnriy the bond Icnoih 
of a three-electron bond is intermediate bcM\\ ccn (hose of a double 
and a triple bond, e-.g., the bond length in NO molecule whicli is 
considered to possess normal bonds lias been found experi¬ 
mentally equal to M5 A, a value which is inieimediatc between the 
expected bond length for a double bond (-H-20 A) and for a Irinle 

bond (=1-06 A). ' 

EI^CTOON BONDS^'^^ THEORY (MOI) TREATMENT OF ODD 

MOT treatment of odd electron bonds can be explained bv 
considering H 2 + ion (one-electron bond ion) and NO molecule (three- 
electron bond molecule) as follows : 

• , ‘•®"- According to MOT the configuration of H,' ion 

IS (e is) showing that one of the bonding moleciilai orbitals is half- 
jillcd. 


(//■) NO molecule. According to MOT this molecule (5 f 6=-l 1 
electron species) has the following configuration : 

In this configuration (ti^’’) (rt^*)' represents a threc-elrctron bond 
in the molecule. 

BONDING IN METALS—METALLIC BOND 

Metals are good electrical and thermal conductors, they are 
opaque and have high refracting power, they have' high melting and 
boiling points, they crystallise with high co-ordination numbers of 
or 14. Such properties of metals cannot be explained on the 
oasis ot normal ionic or covalent bonding. 

Since all the atoms of a metal crystal arc idenliccd, these can- 
, together by ionic bonds as r ilions and anions arc 

ho" i is formed between 
atoms of different electronegativity. Van dcr W'aals forces are 
much too weak to account for high melting points of metals. Also 
each atom in a metal crystal cannot be bonded to each of 
1!. „ u "fghbours by ordinary covalent bonds since in niclals 
''alence-electrons is insiifficiem lor the fornnnion of 
covalent bonds with all the close or closest neighbours ; e.g. Li has 

on^ one valence electron (Li-► l5^ 2s‘) per atom which is in 

sufficient to form covalent bonds with 8 or 14 near neighbours in its 
crystal. Lhere is certainly no obvious way by which Li atom can 
lorm 8 or 14 bonds. 
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Obviously there is a new type- of cohesive fprce in metals 
which is called metallic bond. 

How the metal atoms in a metal crystal are bonded together 
has been answered by the following theories : 

<(1) Electron-pool or electron-gas theory. This theory was first 
proposed by Drudc in 1900 and was later on developed by Lorentz^ 
(1916). This theory is also, therefore, called Drude-Lorentz theory^:- 

According to this theory each atom in a metal crystal loses all* 
its vatence-electrons. The electrons thus obtained form an electron 
pool or gas and the resulting positively charj^ metal ions are 
believed to be held together by this electron pool or gas. The 
positively charged metal ions do not float randomly in the sea of 
electrons but have definite position,at measurable distances from 
each other in the crystal lattice. Since the valence-electrons are 
not attached to any individual idns or pairs of ions but belong to 
the crystal as a whole, t|icy are free to move throughout the lattice 
from one part of the crystal to the other as gas molecules move 
freely throughout their container. The number of such free electrons 
is not certain. Thus, according to this theory, metallic solids may he 
suppo.sed as a collect ion, of positive atomic cores immersed in a fluid of 
mobile electrons or sea of tnohile electrons (see F\g. 4-11). The force 
that hinds a metal ion to the mobile electrons within its sphere of 
influence is known as metallic bond. 


Mobile Elecirons 

/ 



Metal Cores 

i-ig. 4-11. A schcnwiic representation of sea 
of mobile elecirons anti positive oetal cores. 

I'ht-altraction between positive rr- 1 cores and 
mobile electrons constitute the i allic bond 
(Attraction has iceri shovn by .irrows) 

Electron-pool theor) and metallic p aperties. The electron- 
pool theory of mctallie bonding 'can well explain, qualitatively at 
least, a n ''er of metallic properties. 

(/) Metallic lustre; As a beam of light falls on the surface of 
a metal, the mobile clcclrttiis move to some excited state. On 
coming back from the excited state to tl^ ground state in one or 
more jumps, light of (ill wavelengths in the visible region is emitted. 
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Th'jswhen lighi falls on a metal surface, it appears as if light is 
1 -irig reflected. The surface, therefore, emits the typical metallic 


-u.) Electrical Conductivity. This property of metals is due to the 
THCst of mobile valence-electrons. These electrons being free to 
ni^, are sa a position to move in an electric field and thus conduct 
-eiEcincity through the metal (see Fig. 4-12) 
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Fig. 4'i2 hupldnaiiim of conduction of electricity in .» 
tnetailie er>sials on the basis of electron-pool theory. 

(Hi) Thermal Conductivity. This property is also due to the 
presence of mobile electrons. When one part of a metal is heated 
me electrons in that pat t acejuire a large amount of kinetic energy. 
These electrons, being free, move rapidly through the crystal and 



Fig. 413. Conduction of heat through metallic 
crystals on the basis ofelectron-pool theory. 
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conduct heat to the other parts of the inetaJ^ This process is 
repeated and results in quicker heat transfer to the other end of t iC 

metal (see Fig. 413). 

(iV) Malleability and Ductility. Since mobile delocalised ekc- 
trons in a metal crystal surround each kernel (i.e. metal ion say M^) 
symmetrically, the binding forces holding M+ ions ^d valence-elec- 

Sare non-directional. /.e..theforceof attr^ between M+ ions 

and the valence-electrons is uniform in all directions and there are no 
Sca led bonds, and the bonds holding the crystal lattice in metalS 
are nm rigid as they are in covalent solids such as ice. This rneans 
that a lay^er of kernel can easily be shifted along a plane (indicated 
hv Loken lines in Fig 4-(4) from one lattice site to the other one 
when a shearing stress is applied on a metallic crystal In the fin^ 
TtaJe of the shifting process the relative positions of kernels remain 
the siTme as' they were before shifting, since delocalised, electrons 
ie SSfable everywhere. Thus we see that within the crystaJ each 
kernel has the same position with respect to its neighbours before 
Safler shifting process and electron gas surrounds the kernel 
Lmmetr cLly in both the positions. The nearest neighbours can 
•bus be changed easily and new metal bonds may be formed readily. 
The eie with which new metal bonds may be formed by moving the 
meta'Tons form one lattice site to another ts responsible for the /acts 
Sat metals can be beaten into their sheets (i.e. are rnalleable) and 
can b” drawn into wires (i.e., are ductile) by very httle expenditure 

of energy. 
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r- Ata A lavei of metal ions slides pan another layer when a she.ir- 

Fig. 4 14. Aj on a metallic crystal. Such type of shift- 

iSI of metal ions layer does not produce any change in ihe 
overall crystal structure. The broken line indicates a plane 
along which the layer is shifted. 


removing the stress. 

P, Resonance or Valence Bond Theory. An alternative theory 

was introduced by Pauling. According to it 
'■* essentially covalent in origin and metallic 
the resonanre of electron-pair bonds (i.e. ordinary 

"ZTo7bJnds) between each atlm and its nearest neighbours. 
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Let us consider the case of lithium metal in which each atom 
has 8 nearest neighbours as shown by X-ray studies. Tlic conficura- 
bon of lithium atom IS 1^*, 2.s> showing that lithium atom has only 
OTc valence-electron which is insufficient to form elcclron-pair 
bonds between each atom of lithium and all its 8 neighours. Come- 
that resonance takes place throughout the 
lithium solid. If each atom of lithium retains its single valence- 
electron, the resonance of pairs of bonds must be assumed to syn¬ 
chronised throughout the solid. Thus, in two dimensions vSs 
resonance forms may be shown as follows : various 

Li-Li L, 


Li—Li 

(I) 


I 

Li 


(II) 


Li 

I 

Li 


Li — Li 

Li*^ 

Li 

1 1 <-—► 

Li — Li 

Li _ 

1 ^ 
Li- 

(11) 

Li- — Li 

(111) 
Li — 

Li- 

< -- 1 4 -». 

Li Li+ 

Li+ 

1 

Li 

(V) 

(VI) 


Here it should be noted that although only four atoms have 
been shown in these forms, the actual bonding includes all of the 
atoms of the crystal and is three-dimensional. ^ 

1 7^'^ resonance between co¬ 

valent bonds (Shown above) would relatively be smaller. Assuming 
unsynchronised resonance between the arrangements involving ioni 
as wpll we get in al the following contributing structures whfeh are 
relatively more stable : arc 

Li — Li 

Li — Li 

(I) 

Li Li+ 

I 

Li- — Li 

(IV) 

The contributing structures (HI). (IV), (V), and (VI) contain 
lithium atom with a negative charge bonded to other two lithium 
atoms by two covalent bonds. These covalent bonds arc resonS 

covalent bonds. How are these covalent bonds formed ? The answer 
to this question has been given as follows : 

The electric coniiguration of lithium atom viz I 5 * 2s^2p ^2 d °2n 
shows that there are three vacant 2p-orbitals. Since the energy 
of these three 2 /i-orbita!s is not very different from that of the valence 
orbital VIZ 2 s-orbital, an electron from 2 .r-orbiial of one lithium atom 
can easily be transferred to one of three 2p vacant orbitals of the 

configuration 

is , 2s Ipx'- 2p^ 2pt . The lithium atom which is giving the electron 
from Its 2j-orbital is converted into Li+ ion with the ®configuraiion 
1 j=, ^ This point can more clearly be understoodby distTnguish- 

LiV All the atoms 

have Is* 2s* electronitf configuration. Now suppose Lia atom gives 
Its 2jr electron to Lij atom so that Lu becomes Lirf+ (with confi|uia‘- 
tion !«■) and Lit becomes Lit (with configuration 2s* 2p*2p° 
2pt% Now 2j and orbitals on Lit" hybridise togkher to form 
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two sp hybrid orbitals. These hybrid orbitals which are singly 
filled form two covalent bonds, one with Lio and other with Li, atom 
as shown below : (In brackets we have shown the electronic configura¬ 
tion of the atom or ion. The orbitals shown in thick type are those 
which participate in covalent bond formation) 

Li. (Is*, 2s')-Lij.-[lj*, {sp)\ (spy Ip^l 2p/] 


Lirf+(ls'') Lic(lJ^ 2si) 

Thus s\c find that the requirem^ent, in terms of valence bond 
theory of metallic bonding, for the formation of resonating covalent 
bonds is that there should he orbitals, energetically not very different 
from the outermost occupied orhitalsf in the configuration of the 
metallic atom. 

^ The two vacant orbitals namely 2/?/ and Ipf on Lif can 
accept the conductivity electrons and' thus contribute to metallic 
conduction. These two 2p vacant orbitals are termed as metallic 
orbitals. 


(3) Molecular Orbital Theory-Band Theory. This is the quantum 
mechanical treatment of the metallic crystal and is similar to mole¬ 
cular orbital theory of covalent molecules. The electrons in a metal 
are considered to belong to the crystal as a whole and not to indi¬ 
vidual or any pairs of atoms. According to this theory metallic 
bonding results from the delocalisation of the free electron orbitals 
over all the atoms of a metal structure. . 

We have already seen that when a diatomic molecule (a two¬ 
centric system) is formed, two atomic orbitals of eqiftl energy com¬ 
bine together to give two molecular orbitals viz. one bonding mole¬ 
cular orbttal and one anti-bonding molecular orbiial. Similarly when 
three atomic orbitals of a ihree-ccntric system combine, three mole¬ 
cular orbitals are obt.ained viz bonding molecular orbital, anti-bonding 
molecular orbital and non-bonding molecular orbital. For an n-centric 
system where n is very large, we get n molecular orbitals. 

In a metallic crystal n is generally pf the order of 10”. Thus if 
a very large numberof atoms of a metal, say 10”, are bought together 
to form the metallic crystal. !0” molecular orbitals arc formed. The 
energies of these molecular orbitals are m closely spaced ..'jat th'-y 
appear to be a continuum, called a Aasi-continuous cner^ band 
Hence the name band theory. These molecular orbitals are deloca¬ 
lised, i.c. these belong to the crystal as a whole. 

Let us see how the molecular orbitals (i.e. energy bands) are 
formed in a lithium crystal. Electronic configuration of lithium 
atom is Is*. 2s* lp°. If n atoms of litiiium metai are allowed to 
combine to form lithium crystal, they will fprm the following three 
energy bands. .s'- 
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[i, \s-band. This band is formed by the combination of n 
atomic orbitalS of n lithium atoms and hence contains n energy levels 
all of v.hich are completely filled. Total number of electrons in this 
completely filled Ij-band is 2x« = 2«. Since 1 j orbital is the inner- 
orbital, it is screened from the influence of other atoms by valence 
electron {viz. 25’-clectron) and docs not appreciably interact and 
hence is narrow at equilibrium inter-atomic distance. Is-band is the 
non-conducting or non-conduction band. 


(ii) 2s-hand. This is called the valence-band. Since 2 j are the 
valence-energy levels, these are very much influenced by the presence 
of other atoms and are quite spread out. Since each lithium atom 
contains only one 2j-orbital, n lithium atoms in Li„ solid have n 
levels in 2j-bond. These n levels of 2j-band have n electrons (each 
2j-levei has only one electron). As the maximum capacity of n levels 
of 25-band is to contain 2 x « = 2/i electrons, .Ir-band is half-filled. 
Tl e upper-half of this band is empty w hiie the iower-haif is completely 
f lied: The levels of 25-band are so near in energy that the electrons 
from the lower-half can go to the upper-half by energy available 
even fit ordinary temperature. 

(in) 2p-band. n atoms of Li„ solid will give 3n levels in 2p. 
band whose maximum capacity to contain the electrons is 2x 3« = 6« 
electrons. Since 25 and 2p levels are near in energy, 25 and 2p bands 
overlap (5ee Fig. 415) and the electrons in 25-band, therefore, have 
additional levels, differing very slightly in energy, to move about. 
The portion where 25 and 2p bands overlap is called overlap zone! 
This zone contains n electrons, i.e. it is 1 8th filled, since the maxi-« 
mum capacity of quasi-continuous band formed from 25 and 2p bands 
to contain the electrons is of 2/i-f 6/j = 8n electrons. 


The electronic energy bands where the electrons ca.i move are 
called the permitted bands. These are also called Brillonin zones. 
Two Brillouin zones are separated from each other by empty bands 
which are called forbidden zones or forbidden energy gap, e.g. the 
filled 15-band which is a non-conducling band fs separated from the 
half-filled 2j-band by an empty zone—-forbidden zone or forbidden 
energy gap. This zone, i.e. the energy gap between Ij and 25 bands 
is quite high and hence the promotion of electrons from the lower 
non-conducting l5-band to the higher ponducting ir-band is pre¬ 
vented. The width of a BrilloUifi zone depends on the overlapping 
of electron clouds. The level below which all energy levels are filled 
is termed Fermi level which may fall within a band or within the gap 
between the bands. 

Valence and conduction bands. As already stated a solid crystal 
may be supposed to contain energy bands. Energy bands formed by 
the inner energy levels are very narrow while those obtained from 
the valence levels are quite wide and are known as vo/ence bands. 
The valence bands which are completely filled are called non-con^’- 
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Fig. 4-15. Formation of li, 2s and 2p energy bands in lithium crystal. 

“A” represents the overlap zone where 2s and 2p bands 
overlap. 

lion bands while those which are partially filled are called conduction 
bands. In conduction bands there is a large number of closely packed 
energy levels. 

theory and physical properties of metals. With the help of 
band theory we can easily explain why some solids are good conduc- 
tors (metals) of electricity and others are non-conductors or insula¬ 
tors (non-metals) or semi-conductors (semi-metals). 

0) Conductors (Metals). Conductors are those materials in 
which plenty of electrons are available for electric conduction. 

In terms of energy bands the conduction band of a conductor 
is partly filled aud contains a very large number of electrons. These 
electrons can be promoted to the nearby vacant levels in the same 
band by electric or thermal energy (see Fig. 4-16). This explains the 
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high electrical and thermal conductivity of the metals. 

(/(■) Non-conductors or Insulators (Non-metals). Insulators are 
those materials in wh'ch valence-electrons are bound tightly to their 
parent atom and hence require v>ery large electric current to remove 
them from the attraction of nuclei. 

In terms of energy bands, an insulator has empty conduction 
band, i.t. there are no electrons in this high energy band of the 
valence-shell. The chiergy gap between the valence-shell band which 
is completely-filled (non-conduction band) ami the conduction band 
is very large (yce Fig. 416). Thus energy required for shifting an 
electron from the completely-filled valcncc-shcll band to the empty 
conduction band is very high and is, therefore, not normally avail¬ 
able, This explains that non-metals are insulato.'s. 
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{Hi) Semi-conductors. Semi-conductors are those materials whose 
electrical pioperUes lie between those of insulators and good conduc¬ 
tors. When thfse semi-conductors are in their extremely pure form, 
these are called intrinsic semi-conductors* Germanium and silicon 
are the common examples of semi-conductors or intrinsic semi¬ 
conductors. 

In terms of energy bands these have filled valence band (non- 
conduction band) and empty conduction band. The forbidden energy 
gap between them is so small that even at room temperaturb many 
electrons from the filled valencc-bar.d jump to the vacant conduction 
band. This shows low thermal conductivity. As the temperature is 
increased, width of \hc forbidden energy gap is decreased and hence 
some more electrons jump to the conduction band. In other words 
the increase in temperature increases the conductivity. 

Recall that in case of metallic conductors increase in tempera¬ 
ture decreases their conductivity as the movement of electrons is 
interfered by greater vibrations of the kernels. 


Electrons jumped 
from 

Valence-band 


Fermi Levei 


Posit ively charged 
holes 


I bond! 

Fig. 417. Energy band diagram for an intrinsic semi-conductor 
lat room temperature. 

It is worth noting that for each electron liberated into the 
* conduction band, a positively-charged hole is created in the valence- 
band. Number of holes is equal to the number of electrons jumped 
to the conduction band. Energy band diagram for an intrinsic semi¬ 
conductor at room temperature is shown in Fig. 4*17 in which Fermi- 
level lies exactly in the middle of the energy gap. Fermi level may 
be defined as a level below which all energy states are filled. 
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Sometimes substances, which are normally insulators, can be 
made semi-conductors when small amounts of impurities are added 
to them. Such substances are called extrinsic or impurity semi¬ 
conductors. Depending on the nature of impurity added extrinsic 
semi-conductors are of two types : 

(a) «-type extrinsic semi-conductors. These are obtained when 
an impurity atom to he added has more external electrons than the 
parent insulator atoms, e.g. when phosphorus, arsenic or antimony 
(all containing five valence-electrons) atoms are added to pure silicon 
or germanium (both containing four valence-electrons), we get n-type 
extrinsic semi-conductor. Each antimony atom forms four covalent 
bonds with the surrounding four germanium atopis by using its four 
\alence-electrons and its fifth electron is left unused. Thus there is 
an extra-electron at the lattice points occupied by antimony atoms 
compared to the lattice points occupied by germanium atoms. There 
are as many extra electron^ in the lattice points of antimony as there 
are antimony atoms. These extra electrons occupy delocalised level 
(called donor impurity level) which is just below the empty conduc¬ 
tion band of geriri.inium crystal (see Fig. 4 18). These extra electrons 
can easily be excited to the cmf5ty conduction band by the applica¬ 
tion of eiectne field or !y, tiic increase in thermal energy and the 
crystal of germnnium thereby becomes semi-conductor. In this case 
antimony is called a donor impurity because it donates an extra 
electron to the coiiduelion band of pure germanium. Crystals of 
germanium are semi conductors because of the presence of extra 
electrons in the do.ior impurities, hence the name /r-type {n used for 
negatively cliargcd electrons) extrinsic semi-conductors. 

(/)) !v(;e extrinsic semi-conductors. These are obtained when 

an impiiriiv non. to be added .has fewer external electrons than the 
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parent insulator atoms, e.g. when boron or altiminium (both contain¬ 
ing three valence-electrons) atoms arc added to pur^ silicon or germa¬ 
nium (both containing four valence-electrons), we get p-type extrinsic 
semi-conductors. In this case three valence-electrons of each 
boron atom form three covalent bonds with three germanium 
atoms and the fourth germanium atom is linked with boron 
atom by an incomplete bond containing only one electron 
(from germanium). Thus in this bond in the lattice there is an 
electron deficiency which creates a positive hole m the valence- 
band of germanium. There are as many positive holes as there 
are boron atoms. Positive holes are the places where the elec¬ 
trons are missing. These holes occupy the level (called acceptor 
imparity levci) which exists close to the filled valence-band of gernia- 
nium crystal. Electrons from the filled valence-band can thermally 
be promoted to this empty acceptor impurity level of positive holes. 
Under the influence of an applied potential an electron from an 
adjacent atom moves into a hole and in turn is replaced by an elec¬ 
tron from another atom. Thus the molecule moves across the crystal 
in a direction which is opposite the direction of electron migration. 
The conduction can thus be thought of as being due to the migration 
of the positive hole, hence the name p-type (p used for positive holes) 
extrinsic semi-conductors. 
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Nature of Covalent Bond 
and Shapes of Molecules 


NATURE or COVALENT WWD 

While it is easy to understand that the bns forming an ionic 
bond are held together by electrostatic forces, it Is not clear as to 
what holds two atoms together in a covalent bond. 

It was only after the develo{mient of the wave mechanics that 
two alternative theories were put forward to explain the nature of 
covalent bond. These two approaches are t (/) Valente bond theory, 
(//) Molecular orbital theory. 


VALENCE BOND THEORY (VBT) 

Til is theory is due to Heitler London, Pauling and Slater and 
was lirst applied by Heitler and London in 1927 to H[,-molecule 
In ease of H,-molecule we coasider the possiWlity of ioterchange of 
electrons between the two H-atoms, Although the two H-«toms 
in a H, m^ecule^ identical, for convenience of treatment, let us 
call them Ha and Hi. Let these two H-atoms, Ka and Hr. best 
aniniloite distance from each other so that no ia»precjable inter¬ 
action may occur. Thw th^e are two possible equivalent structures 
of H, molecule (I and 11 shown below) which ire Indistinguishable 
once the bond has been formed * 


»Ha ‘Mb *Ha ‘Hb 
(1) (III 

In structure (!) we have the nucleus Ha with alectroa I and 
nucleus Hi with electron 2, In structure (II) the electrons have 
been exchanged. 

Now if ij»| and ipa are the wave functions for the structure Hi 
and (II) respectively, then according to VBT ' ^ 

+1 “ 'I'A (1) (2) ...(31) 

'I’l ■“ ♦a (2) i|>i (I) ...(5.2) 
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where +8(2). aJid+ b( 1) are the wave functions for the 

independent H-atoms namely *Ha. *Hb, *Ha and *Hb respectively. 
The true wave function, i}*, for H* molecv lc is given by 

(j; = CnJii+Cn'J'^i 

or + = CiWO 'l'B(2)+Cm^A(2)i{'B(l) 

wkere Ci and Cn ard the mixing coefficients. For H, molecule 

<^=± Cn i.e., if Ci=l, then Cii = ±l. There are thuse two possible 

^ues of i}), one corresponding to Ci=»l and Cii = + 1 and other 
corresponding to Ci=l and Cii=—1. Let these two values of 4/ 
be represented as i}(, and Thus 

'J'» = 'l'A(l)‘l'B(2) + 4'A(2)'j'B(l) ...(5-3) 

and -ci - ^ <}»o='I<a(1)'I^(2)H+a{2)|b(1) ...(5-4) 

JEcjuation C5‘3).represents a.eymmetric combination of i|/a(1 )'J'b( 2) 
and 4j(2)fB(l). sinceremains' tinchah'g'ed ‘ by exchange of electron 
1 and 2, whereas equation (5-4) represents an antisymmetric com¬ 
bination, since i]/* changes its sign by exchange of electrons. In 
Fig. 51 we have plotted the energy, E, against the internuclear 
distance Ra-b between the two hydrogen atoms, Ha and Hb, of H, 
molecule. As is evident from the plot, curve ‘a' represents tj'o state. 
In this state two electrons are in parallel spins. As is evident 
from curve ‘a’, if the two electrons in Ha and Hb have parallel 
spins, the energy continues to rise as the two atoms get closer 
together and no bond is formed. Thus ij;# is a repulsive or non¬ 
bonding state. On the other hand, if the two atoms have opposed 
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spins, energy curve which represents (J** state possesses a definite 
minimum which corresponds to the formation of the molecule. Thus 
(b is an attractive or bond fuunaiion state. It would be evident 
from curve 's' representing tji, that at minimum the calculated 
dissociation energy E, (or bonding energy) and bond length r, arc 
314 eV and 0 87 A respectively. The corresponding experimental 
values are 4'7 eV and 0-74 A. 


Improvement Suggested by Pauling. Pauling has shown that 
the calculations of E# made by Hitler-London method can be im¬ 
proved by considering two additional ionic structures for the mole¬ 
cule in which both the electrons 1 and 2 are attached to one atom. 
These two ionic structures (ill) and (IV) as shown below : 


-1> % + 
Ha Hb 
(HI) 


+ 1 

Ha Hb 
(IV) 

Ionic Structure 


Let these structures be represented by the wave functions (pin and 
(j;iv which are given by 

<}/iii=+a(1). 4ia(2) ...(5-5) 

'|'iv=’i'B(I)-'j'B(2) ,..(5'6) 

The consideration of the ionic structures (111) and (IV) of H, 
molecule converts equa.tion (5*3) to 


4,,= (J^a( I )4'b(2) -H <!ia(2)4'b( 1) f + 'I'lv) 

='1'a( 1 )'('b(2)+<1/a(2)>}ib( 1)+^I+aCI )'1'a(2)+ +b(1)'1'b(2)] 


or ..-(5 7) 

Weinbaum used equation (5-7) and found the values of E* and 
To equal to 3-21 eV and 0-88 A respectively for A=0-158, 

The coefiBcient A in Eqn. (5-7) is a measure of the degree to 
which the ionic forms (III) and (IV) contribute to the tending i e. 
A offers a means of calculating the degree of the ionic character m 
the covalent bond. 


CONCEPT OP RESONANCE 

The physical interpretation of equation (5-7) is that the true 
structure of H, molecule cannot be represented by any of the four 
structures namely 0). («)» (™) “ considered to be 

resonating between the two extreme structures—covalent structures 
rn and (II) and ionic structures (III) and (IV), i.e. the actual struc¬ 
ture of W molecule is a resonance hybrid of (I), (H), (III) and (IV). 


»Ha*H. 

(I) 


*Ha*Hb 

(H) 


Ha’iIb 

(HI) 


if H* 

Ha Hb 


»A 

(IV) 


Covalent structures 


Ionic structures 
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The double-pointing arrows between these structures indicates 
that these structures arc in resonance with one another. 

,^hen the _ properties of a molecule cannot be completely 
described by a single structure^ but by two or more structures, its 
true structure is said to be a reseamce or ncsomeric hyteM of these 
structures. These various structures between which the resonance 
occurs are called contributing or resonatioft steuctures. 

Resonance is the description of the electronic structures of a 
molect^or an ion by means of several schemes of pairing of electrons, 
with the features of each scheme contributing in the description. 

A$ a resuit of resonance the energy of the molecule is lowered 
tnd accpires a minimum value i.e., the energy of the true structure is 
ess than that of any of the resonating structures. This lowering 
n energy is called the resonance energy In general it is equal to 
he difference between observed and calculated heats of formation. 
It IS the greatest when all the resonating structures are of the same 
energy. 

Res9aaiu:e structures of some species. 

(0 Carbon monoxide molecide (CO).^ The calculated bond 
engths of C=0 and C O bonds are 1-22A and I loA respectively. 
The experimental value equal to 113 A is intermediate between 
hese values. Thus CO is a resonance Hybrid of (I) and (11) 


*C- 

x'-' 


() 


;c fcO: 


(1) (II) 

The calculaled and the observed heats of formation for C=0 
bond are 175 kcal/moJc and 256 kcal/mole respectively Thus 
resonance energy is equal to 256-175=81 kcal/mole. 

(H) CarbM iHoxMc molecnie (CQ.). For a long time its struc¬ 
ture was thought tol« 0=C-0. The fact that the experimental 
value (^C*bO bond distance ( = 1-15 A) is intermediate between the 
calculated values of C=0 and CaO bond distances (=1-22 A and 

structure fepresenfed as 
O=C=0 for the molecule is inadequate. Its real structure is 
supposed to be a resonance hybrid of (I), (H) and (IH) structures. 

0=C=0 »-0 seC—6 ^—► (5— CJaO 


(I) 

' symmetrical 
striteituFe 

Since structure (.1) 
ment is zero 


(II) 


(HI) 


unsymmetrical 
structures 

c. . ' symmetrical structure, its dipole mo- 
Structures (II) and (III) are unsymmetrical and hence 
we should some finite values of dipole moment for these 

structures. The dipoles of (11) and (IH) structures are equal and 
act in opposite directions so that the resultant dipole moment of 
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the actual atructiwe becoBies zero. Obseryed i^^le loomfut of CO^ 
molecule is also equal to zero. Thus it Is conclude that strMctures 
(if) and (1II> make equal and opf>o$ite M>ntril»utidtts to ^e overall 
striicture of COg mol^ide. 

Structures (II) and (111) are equivalent and iMnce haye the ji^ne 
energy. The resonance energy for this nsolccule is 33 kcal/mofe. 

(iii) NMritic mcMe moleeale molccaie (NO). This molecule is 
supposed to be a resonance hybrid of the following structures. 


X ’• y "t 

JN=0 : 5N=0 : 

Evidently NO molecule is an odd-electron molecule. Thus it 

X** 

has effectively a structure, 5N=» O : with one three-electron and t¥fo 
two-electron (i.e., two coyaknt -single bonds or one double bond) 
bonds between N and O. Such a structure is in agreement with the 
sm^l dqtole moment equal to 0-16D of NO ^nolecule and the 
observed N—O bond distance of 1-14 A which is in between the cal¬ 
culated values of the distances for a double bond, N=0 (=Tf5 A) 
and a triple bond, NaO (—1-04 A). 

(iv) Nitrogen dioxide motecide (l^Ot). It is a resonance hybrid 
of the following two sets of structures : 




Due to the presence of an odd electron in the nitrogen atoOh 
NO <s paramagnetic in character. Due to resonance the two nitfogot- 
oxyge.'i bonds are eq^^tJ||Bt and die bond length is equal to M9A« 
This experimental vs^ (= M9A) is intermediate between the c«t 
culated distances of the bonds : N- -O and NxxO which am equal to 
1-36 A and M5-A respective)]^ 

(v) Nitrate ion (NO'i). the true structure of this km is a repfly 
nance hybrid of the/foHowingpttrqictures : 


^ ;0; 


•& '1 
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The observed nitrogen-oxygen lond -length is l'2lA. Thte 
calculated bond lengths for N.—O and N^->0 bootls are l*3dll Kid 
1*1 SA rcspxtiveiy. Thus the observed bond Idngth is itfCermoi 
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diate between the bond lengths for N—O (—1'36A) and N=0 
(=»M5A). The resonance energy is 45 kcal/mole. 


(v(),Carbonate ion (COs*'). It is a resonance hybrid of 



The observed bond length for carbon-oxygen bond in this 
ion is 1-3 iA which is intermediate between the calculated values of 
the bond lengths for C=0 ( = 1-22A) and C—O (=1-43A) bonds. 

(vj7) Oxygen molecule (0»), The resonance structures of O* 
may be written as : 

.•XX + - - 4* 

:Q=:0; >:0-JOx xO,-O: 

•• XX ^xx 

Although these structures can explain the bond energy and bond 
distance in O, molecule, these fail to explain the paramagnetic pro¬ 
perty of O,. 

In order to account for the paramagnetism, it can be represent¬ 
ed as a resonance hybrid of the following structures ; 

:0— 05 :6- 05 

XXX •• XX 

Thus Oi molecule has one two-electron and two three-electron 
bonds. Each of the three electron bonds has one unpaired electron. 
This explains the presence of two unpaired electrons in O, mole¬ 
cule. ‘ 

The conditions of resonance. For resonance to be possible 
the different contributing forms must satisfy the following condi¬ 
tions : 

(i) The relative position of all the atoms in each of the resonance 
forms must be the same ; the arrangement of electrons may differ. 

(if) The number of unpaired and paired electrons in each of 
the resonance forms must be the same so that a continuous change from 
one bond type to another may occur. For example, 

••XX ..XX 

:0=0; and :6—Oj 

(1) (II) 

can not be the contributing structures of O, molecule, since the num¬ 
ber of paired and unpaired electrons in both the forms is different. 
Structure (11) contains two unpaired electrons and structure (1) has 
no unpaired electron, 

(iUy fffikechames should not reside on atoms close together in 
a contributing, fartn^lrut unlike charges should not be greatly separated. 

(iv) Contributing structures should be of almost equal energy. 
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Important resnlts (or postulates) of VBT.—The overlap of atomic 
orbitals. The following points are significant: 

(/) The atoms which unite to form a molecule completely 
retain their identities in the resulting molecule. 


(ii) The formation of a covalent bond is due to overlap of 
atomic orbitals (abbreviated to AO’s). If the two atoms, each having 
one unpaired electron, come together, the AO’s accommodating 
these unpaired electrons overlap {i.e. electron waves interact) and the 
spins of the two electrons get mutually neutralised, resulting in 
the formation of a covalent bond which is localised between the two 
atoms. If the electrons present in the AO’s have parallel spins, no 
bond formation will occur, i.e. no molecule Will be formed. 

(Hi) If the AO’s possess more than one unpaired electrons, more 
than one bond can be formed. Thus in N* molecule there are three 
bonds, since N-atom has three unpaired electrons (N -+ 2 j*, 2pi_ 


(iv) Electrons which are already paired in the valence-shell 
^nnot participate in bond formation. They can, however do so, 
if they can be unpaired without using much energy. Because energy 
is released when a covalen bond is formed, the energy released^ by 
formation of more bonds may exceed the energy needed to unpair 
the electron by shifting it to the vacant orbital of slightly higher 
energy and of the same main energy level. Thus N atom (2 j», 2p‘,, 
2p\, 2p^t) shares its three unpaired 2;/7-electrons with fluorine atom to 
form NFs but cannot form NF*, since the second main energy level 
does not possess any other orbital which may accommodate one of 
the 2s electrons after promotion. On the other hand P(.3r2, 

3(f°) can form Pb\, since in the third main energy level other 
orbital namely 3^/-orbitaI is also available to accommodate one of the 
35-eIectrons giving five unpaired electrons ; P -> 35^, 3;>'*3 /j*„ 3/?^,, 3d«. 

(v) The strength of the covalent bond is related in a rough way, 
to the extent to which the two combining AO’s can overlap in space. 
The more the two bonding orbitals overlap, the more the bonding 
electrons are concentrated between the nuclei where they can mini¬ 
mise the nuclear repulsion and miximisc the attractive forces between 
themselves and both nuclei jointly. 

The greater the overlap between the AO’s, the greater is the 
strength of the resulting covalent bond. 

The extent of overlap of two AO’s represented by wave func¬ 
tions (J;a and i}/b is expressed quantitatively by the overlap integral, S, 
which is given by ’ ’ 

s = j'l/A'I'B dr 

When S'is positive (/.c. S>0), there is a build-up of electron 
charge (i.e., electron density) between the nuclei of the two combin¬ 
ing atoms and a bond can be formed. When S is negative (i.e. 
S<0), there is a reduclion in the electron density between the nucici 
so that the repulsion between them is inc-eased and they tend to 
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meve apart. When the overlap is zero {i.e. S=0), there is no net 
interaction {i.e. neither attraction nor rep^ioo) between the combin¬ 
ing atoms. 


Now if the radius of an .r-orbital is supposed to be equal to 

1 unit, then the length of a lobe of 
p-orbital will be equal to 
the relative magnitudes or strength 
of the p- and 5-orbitals woiild be in 
the ratio of y/i : 1 (Fig. 5-2). Tlic 
bond strength is taken equal to the 
product of the magnitude of the bond 
orbitals of the two atoms forming the 
bond. Thus the strength of the 5—J 
bond (i e. bond formed by the over¬ 
lap of 5-orbitals) is equal, to 1x1 = 1, 
that of s-p bond equal to 1 x ^3 = 1’732 and that of p-p bond equal 
to v3x V3 = 3. 

The relative bond strengths are as follows : 



Fig. 5-2. 

(a) radius of (b) Length of qne 
an 5-orbilal lobe of a p-orbital 


5-5 S-p p-p 

1x1 = 1 lxs/3=l-732 v'3Xv/3 = 3 


This shows that p orbitals can overlap with s- or p-orbitals more 
effectively than two 5-orbitals. 

Ovcrhqt of atonic orbitals—sigma (a) and pi (n) bonds. Depend¬ 
ing on the type of atomic orbitals involved in bond, formation we 
may have different types of overlap. As a result, a covalent bond may 
be either a o-covalcnt bond or a Tt-covt lent bond. 

o-bond. A covale>'t bond which is formed between two atoms by 
the overlap of orbitals along their axes {end-to-end or head-to- head 
overlap) a called a n-bond. All a-bor.ds have axial symmetry. Since 
the overlap of two orbitals along thtir axes is maximum o-bohd is a- 
strong bond. 

If z-axis is assumed to be tl c molecular axis, a-bond is given by 
5-5, 5-p» and overlaps. Theie T-bonds are called s-sa-, s-pto- 
and p,-p,o-bonds respectively. Si ice /vorbitals on overlapping with 
other p,-orbitals or with 5-orbitals givr a- bonds, these are generally 
referred to as orbitals. 

(i) .v-5 overlap and structure of Ht molecule. l5 AO’s of the 
two H-atoms in a Hj molecule overlap with each other and give a 
covalent bond between them (Fig. 5 3). 




% A'O.-, 

ts'-AO oj u-afom i^i'-ACTc./ molecule 

Rg. 53. Fornigrton of Ht molecule- 
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overlap and structure of X, atokc^ (X=F, Cl, Br, 
I). ^ The bond in X, molecule can be ascribed to the overlap of 2 b, 

AOs ai^ is linearly directed (X-v 2 j*, %p* 2p^) as show 

in Fig. 5‘4. r 



Of 

* - at'jm 


*0.—' 
b/ 

> • atom 


. /j c - bane 



* tncICCuie 


Fig. 5 4. Formation of an Xa-molccule CX= F, Cl, Br, J) 


(2s; 2/j,-, and 2py- AO’s of X-atom which arc completely filled 
have not been shown). 


(Hi) s-pi overlap. This type of overlap can be exemplified by 
considering the formation erf HX (where X is F, Cl, Br or I), H,0 
and NHj molecules. 

(a) HX Molecule (X is F, Cl, Br or /). This molecule is also 
formed by the overlap orf Ij-AO of H-afom with 7p,-AO of X 
atom. Both the AO*s are singly occupied (Fig. 5 5). 


s-e^iT-oora 

* * 




Fig. 5 5- Formation of HX-molecule 

(2r-, 2p,- and 2py~ AO’s cf X-at'im have not been shown, since these 
arc completely tilled) 


(b) Water Molecule. O-atom with its valence shell configura¬ 
tion 2s®, 2px>, 2p\.2p^t has two unpaired p-electrons. These two 
AO’s namely 2py and 2pz having unpaired electrons overlap with two 
Is-orbitals of two H-atoms and thus two s- p a-bonds afe formed. 
Now since 2py and 2p* AO’s are at right angles to each other aii 
angular structure with two O—H bonds inclined at 90° to each 
other 4of HjO molecule would be expected (Fig. 5-6), but the actual 
H-O—H angle found experimentally in H»0 molecule is 105°. The 
increase in the bond angle has been attributed. ^e putual electro¬ 
static repulsion b^ween the two H-atmm wftfeh j»ve fractio^I 
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positive charge on them. This fractional positive charge is caused 
by the fact that the bond O—H is not purely covalent but has some 
ionic character. The experimental bond angles in other related 
molecules. (HjS=92-2°, HiSe=910° and H*Te=90°) approach 
closely the expected {i.e. theoretical) value of 90°. This close agree¬ 
ment in the theoretical and experimental value of bond angles is due 
to the fact that as the ionic character of the H—A bond (where A is 
O, Se, or Te) decreases, the repulsion between the H-atoms carry¬ 
ing small positive charge also decreases and the bond angles decrease 
and ultimately approach the theoretical values. 



Fig. 5’6. Formation of HjO molecule. 


(Zt-, 2p-AO*s of O-atom which are completely filled have not been shown 

(c) NH 3 Molecule. With N (2^^ 2p^\ 2py\ 2p,>), there are 
three ' unpaired 2;)-orbital-electrons. Thus we shall expect three 
N~H bonds is NH3 molecule perpendicular to each other (i.e. in¬ 
clined at 90°) which would give a pyramidal shape to NHj molecule 
(Fig. 5-7). 



Fig. 5-7. Formation of ISH* molecule (2 j-AO of N-atom has not been 


shown; since it is completely tilled).. 


The related Molecules PHs, AsHs and SbH. aJso have similar 
structure. The ejiUerimentil H—N—H bond angie'in NH* is 108“ 
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which is greater than the theoretical value of 90"'. Here also the 
greater value of experimental bond angle is attributed to the mutual 
repulsion between the two H-atoms. Bond angle of the related mole¬ 
cules (PH3=93°, AsH,=9r and SbH3=91°) approach 90“ due to the 
reason that as the repulsion between the two H-atoms in these mole¬ 
cules on proceeding from PH,-► SbHj diminishes, the bond angle 

H—A—H where A is P, As or Sb approaches 90°. 

Tt-bond. A covalent bond which Is formed between two atoms by 
the overlap of orbitals along a line perpendicular to the molecular axis 
(side-to-side or lateral overlap) is called a sz-bond. If z-axis is assumed 
to be the molecular axis, Tt-bond is given by px-px u.nd Py-Py over¬ 
laps. 

Px- and p„-orbitals which on overlapping respectively with Px 
and / 7 y-orbitals give Tt-bonds, are referred to -orbitals. 

(/) Oi Molecule. O-atom has 2s'^, 2px^, 2pf, Ipi'^ configuration. 
Evidently 2pi-AO (singly occupied) of one O-atom will overlap 
with 2/5,-AO of the other O-atom to give a Pi—Pi o-bond and ^ 
two 2px AO's (singly occupied) of both the O-atoms will overlap 
along a line perpendicular to z-ajcis (molecular axis) to give another 
type of covalent bond known as Tt-bond. It is a. px-^Px Tt-bond. Thus 
Oj molecule has two covalent bonds—one is pz—Pz o-bond and the 
other is p,Tt-bond (Fig. 5-8). 



Fig. 5-8. Formation of O* molecule. 

2s- and 2p,-AO’s of both O-atoms have not been shown, since 
these are completely filled and hence do not participate in over¬ 
lapping or bond formation process. 

fit) Nt Molecule. N-atom has 2 j*. configura¬ 

tion. Nj molecule has three covalent bonds ; one is o-bond (2p, - 2/t, 
o-bond) and two Ti-bonds {2px—lp* rt-bond and 2/t„—2/Tj, Tt-bond). 

a-bonds Vs 7 t-bonds. The following points may be noted : 

(j) o-bond is formed by the overlap of orbitals along their 
axes (end-to-end overlap) while Tt-bond results from side- 
to-side' overlapping of the orbitals. 
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(m) Sinct the extent of overlapping of orbitals along the same 
axes IS always greater thatr the extent of overlapping at an 
angle, o-bond is stronger than ^r-bond. 

{Hi) Electron cloud of a o-bond is symmetrical about the line 
joining the two nuclei while that of a --bond is unsvm- 
metrical. ^ 

(iv) There can be free rotation of the atoms round the o-bond. 
Such type of rotation is not possible round the n-bond, 
since the electron clouds overlap above and below the 
plane of atoms. 

(v) o-bond determines the direction of the bond and the extent 
of the inlermicicar distance, n-bond has no primary effect 
on the direction of the bond, but shortens the internuclcar 
distance. 


LimhatioDs of VBT' 


^ f’^'^lrons of the shared pair conslitutine the 

^valent bond must come from two different atoms, it is evidertrihal 
rtistheory does not give any explanation of the formation of a 
ekcUon^*' which one of the bonded atoms furnishes both the 


(//) 7 he twp atoms in O, molecule should have close electronic 
shells resembling those of Ne which wou^ give no unpaired electron® 
to the rnoleciilc and thus will make it diamagnetic. Actually experi¬ 
ments show that O, molecule is paramagnetic, indicating the^sence 
of unpaired electrons in oxygen molecule. ^ ^ 

(Hi) fhis theory docs not consider the formation of odd elec- 
tron molecules or ions such as Hj-' ion where no pairing of electrons 
occurs. ^ 


MOLECULAR OKUITAL IHEORY (MOT) 

In the study of V7)T we have seen that the atoms in (he result¬ 
ing inolcculc retain their individual character, althouch ihev are 
chemically bonded in the molecule and a covalent bond between the 

two atoms is established by the sharing of electron pairs between the 
combining atoms. >.'.> 1111 , 

According to the molecular orbital theory (MOl). p„( forward 
by Hund and Mulliken, orbitals are deTvised for the^ molecule as a 
whole. These orbitals consist of the nuclei of all the conMiiucnt 
atoms lying at a fixed equilibrium distance. J hesc orbii.aK nc called 

"U mi' 

orbital (AO) and a molecular orbital (MO). In an AO ihc moicmcni 
of an electron is influenced by only one posiiivc mick ii^. whde that 
of an eleclron in a MO is inHucnced by two or more nuclei o^oend 
mg on the number of atoms contained in ihc molecule or on ihe 
number of MO s formed from the overlap of AO's, j'/ius AO i r.re 
mono-centric while MO's are poly-centric. 
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^^Wt*^®**^**^"^'**"**^^ AnttboHdiiig 

„ function fai^ MO’S is obta^Wtf by a method known 

is CoiiSInatloii of aO’s (LCAO) appjrokttMitton. fn this methdd 
•.u of^ fwo AO’s wave fiinctions is brought about 

either by addiw or by subtracting the two wave functions. Thus if 
t IS the wave function of the MO obtained from two AO’s, of two 

atoms A and B having and respectively as their wave functions, 
then 


‘F = 


'‘f'A-ir'FB .„(5-8) 

Equation {5-8) hofds good when the atoms A and B arc identi- 

combination of Ta and 'Fb gives 
^o Mtrs. One of these is represented as 'F* aftd the other as 'f * 
These arc thus given by 

...(59) 

, , 'f'*-'FA-T„ ...(5.,0) 

t. lower energy than that of cither of the AO’s 

leads to the formation of a 
Ka. atomic oibital 1 *■ and T* molecular orbitals 'Fn atomic orbital 
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Fig. S 9. 


An cflor^ level diagram (drawn not to scale) showing 
he coinbioatioft of two AO’s having and as 
their wave functions to form MG’s i one bonding 
('I'*) and one antibonding (V*). 
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stable molecule, A, and is, therefore, called a' bonding MO. The 
other MO namely T* has higher energy than that of *Fa and Tb 
and is, therefore, called an antilonding MO (Fig. 5-9). The supef- 
script b used in T" indicates that the molecular orbital is bonding 
molecular orbital while * used in T* indicates that the molecular 
orbital is antibonding. The number of molecular orbitals is always 
equal to the number of atomic orbitals involved in the formation of 
molecular orbitals. 

The plus sign in equation (5-9) indicates that the T*’ MO is 
obtained when the regions of AO’s marked with positive sign overlap 
with each other. In this case it is said that the two AO’s have been 
added. On the other hand in Eqn. (5-10) negative sign indicates that 
T* is obtained when the region of positive sign of one AO (say of 
Ta) overlaps with the region of negative sign of the other (say of 
Tb). In this case we say that the two AO’s have been subtracted. 

In order to understand the significance of bonding and anti- 
bonding molecular orbitals in terms of wave functions it is necessary 
to know the electric charge distribution of these orbitals. 

Squaring the eqn. (5-9) we get 

(T<')* = 'Fa* + Tb* + 2'KaTb ...(S-11) 

The terms 'Fa’ and 'Fb* indicate the electronic charge densities 
of the wave functions 'Fa and 'Fb of the isolated atoms A and B 
while the term ('F* )’ indicates that of the wave function 'i'*> of the 
bonding molecular orbital. Obviously greater the value of ('F»)*, 
greater is the charge density between the two atomic nuclei and 
stronger the bond between them. It may be seen from equation (5-11) 
that ('I"' )’ > ('iV-f 'I'b*) by a term 2 'Fa'Fb. This term results from 
the interaction or overlap oi' atomic orbitaLs. Thus larger is the over¬ 
lap of atomic orbitals, greater is the charge density between the 
nuclei and more stable is the bond between A and B. 

Fig. 5-10 contains the plot of electron charge density for bond¬ 
ing molecular orbital, [('F*')*] and for individual atomic orbitals CFa* 
and 'Fb’) against the internuclear distance (i.e. the distance between 
the two nuclei A and B). ('F*')’ has been shown by solid line and 
'Fa* and 'Fb* by dotted lines. The points A and B represent the 
nuclei of the two atoms. It is obvious from this figure that there is 
more concentration of negative charge in the region between the two 
nuclei, A and B than for the individual atomic orbitals, 'Fa and 'Fb- 
Thus there is an accumulated negative charge between the 
nuclei which holds these together at an equilibrium internuclear 
distance. 

Squaring eqn. (5T0), we get 

(4'*)«=.'FA*-f-'FB*-2'FA'FB ...(512) 

It may be seen from this equation that ('F*)* < ('Fa’-F'Fb*) by 
a term 2 'FaT‘b. This means that in antibonding molecular orbital 
there is less charge density between the interacting atoms than 
there would be between the non-interacting atoms. Thus the 
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energy of this anlibonding molecular orbital is greater than the 
sum of the energies of the two interacting atoms A and B and the 
resulting bond is less stable. 



-- 

Bond Distance 

Inter-nuclear distance 


Fi(. S'10. Plots of electron charge density (square of wave 
function) for individual AO’s- (dotted lines) and 
H'* MO (solid lines) against internuclcar 
distance between A and B. 


In Fig 5'11. ('F*)’ is shown by the solid line while and Vb* 
by dotted line; JPlot of (T*)* touches the axis at mid-point N between 
the nuclei A and B. This point is called a node point and at this point 
the electron density is zero. Thus the formation of y* molecular 
orbital decreases'^'tji(). electron charge density in the region between 
the two nuclei A and B over that of the individual atoms. Negative 
charge is withdrawn from the region between the nuclei and is con¬ 
centrated round thc^ nucleus. This makes the electrons repel each 
oth» in thp'' r^iop between A and B. Thus we can say that in 4'* 
molecular oTtrital an electron , spends half of its time on each of the 
individual afcjfns and consequently is never found in the region bet¬ 
ween A and B i.e. the probability of finding the electron in the regioij 
between A ana B is decreased. 

We can say, therefore, that a build-up of electronic charge bet¬ 
ween A and B is fliiracteristic of the bonding or attractive slate and 
a depletion of charge density between A and B is characteristic of anti- 
honding or repulsive state. 
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Inter-nuclear distance 

Fig. 5-11. Plots of ekctton charge density for individual 
AO*i (dotted lioC) and T* MO (solid lines) 

•taittst ioiemudear distance between A and B. 

There are certain conditions for effective combination of atomic 
orbitals which are given below : 

(0 The energies of the AO’s combining together must be 
similar in magnitude or the AO’s should have comparable energies 
Thus in case of the fOTmation of a homo-nuelear diatomic molwule 
of A, type, the ls,-AO of the atom A, will not combine with the 
2vAO of another atom A* of the same element, where A, and A* 
are the two atoms, of the molecule A, since their energies are not 
equal. Similarly since the energy difference between 2s- and 2p- AO’s 
is too great, they will also not combine. 


But in case of the formation of betero-nuclear diatomic mole¬ 
cule of AB type, such ccmibinations may be e:tpected. 

(if) The charge clouds of the AO’s must overlap one another as 
much as possible, if they are goii^ to combine together to form the 
MO’s. This condition is often referred to as the principal of maxi¬ 
mum overlap. * 

(///) The AO’s should, have the same symmetry about the 
molecular axis. This condition is known as symmetry condition 
for the combination of AO’s. 


r .. syminetry condition it is noted that some 

of the AO S which have comparable energies do overlap but cannot 
combine to give MO’s. Thus MO’s cannot be formed by the overlao 
of an j-atomic orbital of atom A and one p-atomic orbital of - atom 
B perpendicular to the molecular axis (i.c. either Px-. or p„-orbital. 
since the molecular axis is the z-axis). The cause of nofiTormation 



Nature of Covalent Bond and Shapes of Molecules 


159 


of MO’s is that the symmetry of j-orbitai is not the same as that 
of /7-Orbital. Alternatively it can be said that + + overlap is 
neutralised by the -|— overlap or in the other words the -1— over¬ 
lap cancels the bonding contribution from the -f- + overlap. 

Thus the following pairs of AO’s will not combine to from 
any MO’s, provided that z-axis is assumed to be the molecular axis : 
(a) s ~p, pair (b) s~py pair (c) p^ -py pair (d) p„- p, pair (e) Py—p^ 
pair. 

Molecular Orbital Configuration of Some Homo-Nuclear Diatomic 
Species 

Homo-nuclear diatomic moleclues or ions have two identical 
atoms linked together. Thus these are A* type species. 

The determination of molecular orbital configuration of ihese 
species can be studied un-der the following two headings : 

(A) Molecular orbital configuration of type species baring 
only .a," and a,* molecular ^bitals. Under these species we shall 
consider the following systems : 

(/) The hydrogen molecule ion (H2+). This ion >as one 
hydrogen atoni and one H+ ion linked together. Each of these 
has Is-atomic orbital. Using the LCAO method the two Is-orbitais 
will combine together to give two molecular orbitals : 

(a) One molecular orbital is obtained by the addition (i e 
4--|-overlap) of the two Is-orbitals (Fig 5.12). 



Two U atomic orbitaU oj/vmolecular orbital 

Fig. 5.12 Addition {i.e.++ overlap) oJ two Ij-orbitaia to form oi.>. 
molecular orbital. ^ 


1; is clear from this figure that the electron m the mciecuJar 
orbital will spend most of its time in the region between the two 
nuclei (shown by dots). The electron is now stabilised by two 
nuclear charges instead of one unlike an atomic orbital. The resulting 
molecular orbital has lower energy than either of the two Is drbitals 
and hence is called bonding molecular orbital. Since this molecular 
orbital is symmetric to rotation about the inter-nuclear axis,/.c it 
docs not show any change of sign On rotation through 180“ through 
the inter-nuclear axis, it is a sigma (a) molecular orbital. Thus this 
molecular orbital is a bonding sigma molecular orbital and hence is 
represented as oi,*. 

(i) The other molecular orbital is bbtoined by the subtraction 
(J.e.-\ —overlap) of the two l-T-orbitals (Kg. 5.13). 
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Two l 5 -orbital 8 oi/.niolecuiar orbital 

Fig5’13 Subtraction (i>.+—overlap) of two I 5 -orbitals to 
form oi,*-molccular orbital. 


The resulting molecular orbital has zero electron density 
(nodal plane) in the region between the two nuclei (shown by dots). 
The electron in this molecular orbital is concentrated in region 
away from each nuclei. The resulting molecular orbital is of higher 
energy than either of the two Is-orbitals and hence is called antibonding 
molecular orbital. Since this mokcular orbital is also symmetric 
to rotation about the inter-nuclear axis, it is also a sigma (a) mole¬ 
cular orbital. Thus this molecular orbital is an antibonding sigma 
molecular orbital and is, therefore, represented as 

Molecular orbital energy level diagram as shown in I’ig. 5 14 
shows that the molecular orbital configuration of ion is ; 

Ij-atomic orbital Molecular orbitals Ir-atoinic orbitals 

of H atom of Hj ' ion of H i ion 



Fig 5.14 Molecular orbitil energy level diagram (drawn " 
not to scale) of H 2 t' ion. 


In Fig. 514 the combining atomic orbitals are represented 
on the two extremes and the resulting molecular orbitals viz. oj,'’ 





161 


Nature of Covalent Bond and Shapes of Molecules 


(I, * are shown in the centre column. • In H|+ ion the l^-orWtals 
of hydrogen atom and HHon have the same energy and so Hiesc 
have h<^en shown at the same level in The diagram. The difTerence 
between the energy of atomic orbitals and <t„ depends on 
the extent to which the atomic orbitals overlap. A large overlap 
results in greater lowcrinii and hence a strong bond. On the other 
hand a small overlap will result in a smaller lowering and hence a 
weak bond. 


Bond order or bond muitipHpity. The electrons in the bonding 
molecular orbitals help in the formatiom"of bonds while those in the 
aptibondine molecular orbitals opposte it. Bond order is defined 
as the number of covalent bonds betwed^n the two combining atoms 
of a molecule and is equal to one-half of the difference between the 
number of electrons in bonding molecular orbitals (n^) and in the anti¬ 
bonding niolecuhir orbitals (/lo). Thus : 


Bond order = i («/, -n^) 

Bond order for Ho- ion — J (1—0)= 


Since the bond order of H*'" ion is one-half of a normal cova¬ 
lent bond, Hj ion has low bond dissociation energy ( = 61 kcal/mole) 
and a large bond length ( = 1 06A°). 

■lii) The beryllium molecule (Bej). Each of the two Be atoms 
of Be, molecule has \s and 2s atomic orbitals. Since Ij-atomic 
orbitals of both the atoms are deeply seated, the molecular orbitals 
formed by the overlap of these orbitals are considered to be non- 
bonuing. Thus we are left only with the orbitals of the valence- 
shell mwiely orbitals whose overlap should be considered. 

The combination of two 2r-orbitals is exactly like that of Ir- 
orbitals. Thus their combination gives two a-molecular orbitals : (t*.," 
which is obtained by +-+ overlap (addition) and o,/ which results 
from — overlap (substraction). 

Molecular orbital energy level diagram is shown in Fig. 5-15 
which indicates that the molecular orbital configuration of Be* 
molecule which contains 2-1-2 =4 electrons in valence-shell is: 

(<j 2 ,*)= and bond order=(2—2)/2 = 0. 

The net energy change in zero showing that the molecular 
beryllium does nat e.xist. This is in accordance with the experi¬ 
mental results. 

(B1 Molecular orbital configuration »me A* type spe' es 
composed of two identical atoms of p-fcb elements of, sec nd 
period of periodic tabic. Each of the atoms Aj type, species as 
1 .?, 2v and 2p atomic orbitals. Since Ij-atomic orbitals of both :ie 
atoms arc deeply seated, the molecular orbitals formed by the over¬ 
lap of these orbitals arc considered to be non-bonding. Thus we 
are left only "'th the atomic orbitals of the valence-shell viz. 2s and 
2 p orbitals whose overlap should be considered. 
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(®) Orerlap of two 2s-orbitaIs. The combination of two 2j- 
ormtals, as already discussed under beryllium molecule, gives a,,'> and 
molecular orbitals. 

^M>rbital of Be-atom Molecular orbitals 2r-orbitaI of 

of Be, molecule Be-aiZ 



Fig. S'15. Molecular orbital energy level diagram 
(drawn not to scale) of Bei molecule 
<ft) Overlap of 2p,-orbitals. z-ajtis is generally taken as the raole- 
<^r (i.e. inter-nuclear) axis, though it is entirely arbitrary. Quite 
obviously X- and y-axes wjll be perpendicular to the molecular axis 
viz. z-axis. 

Like the two 2j-oibitals, the,two 2p, orbitals will also give two 
o-|holecurar orbitals ; and a,*', a,* molecular orbital results from 




^ INrEa-NuCI-EAH AXIS 

-~Cx3t -G O-f . tfbv'rTE^pr —►G<3>c>-' 


Two 2;7, orbitals 


molecular ortital 


INTERAXIS- 




7 


Two 2p, orbits o,* ntoleculai orbital 

Fig. 516. ^er.a»^^^;2PL.orh.ital9 by addition and snbtraciion 
fhetl otP©' form oA'and o,* molecular orbitals respec* 
tively. 
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+ + overlap (addition) while., o,* is obtained from H— overlap 
(substraction). Both' take place along the molecular 

axis (Fig. 5-16). ^ 

(c) Overiap of two 2ps and 2^ orbitals. 2px orbital of one atom 
overlaps with 2p» orbital of the other atom along the x-axis (which is 
perpendicular to the molecular axis viz. z-azis) to ^ve two tt-mole- 
cular orbitals : and it,*. Similarly the overlap of two 2p^ orbitals 

also gives two n-molecuiar orbitals : it^" and it^* {see Fig. 5-17). 

iO) 


xorVaxis 



ADDITION 
- ) 2 •+ -*- OVERSLAPi 



INTER-NUCLEAR AXI: 


l^AXI^ 


Two 2px or 2py orbitals 




1 ^* or rty* molecular 
orbital ' 



Two 2px or 2py orbitals "i* or ny* rftolecular 

orbital 

Fig. 5‘17- Addition and substraction of two 2px atomic orbitals to form 
It,* afid It,* molecular orbitals. Similarly the combination trf 
two 7py atomic orbitals to form ity* and rty* molecular orbi¬ 
tals can also be shown. 

Thus we find that 2s, 2p„ 2py and 2/7, atomic orbitals on one 
itom on combining with 2s, 2px, 2py and 2/7, atomic orbitals on the 
other atom give in all eight molecular orbitals which are : 

O,.*. c,.*, o,*, a,*, It,*, ir,*. Tty* and V- a®** ^ mplopular orbi¬ 
tals are symmetric to rotation. abotSt the internuclear axiSj. While it* 
and It* molecular orbitals arc imtymmetric to rotation. 

Relative order of energy of these molecular orbitals is : 

_ _Energy increasing---—* 

0,.* < <7„* < It,* = ity* < a,' < It,* = ity* < o,* 

---Stability decreasing-^-:-— 

This order is based on the fact that there is an extra comibina^ 
tion of 2r-atomic orbital on one atom with 2r,- atomic orbital on the 
other atom. 

From this order it may be not 1 >''Lt the tg,* and ity* molecular 
orbitals are called degenerate orbite!'. In a similar Tnanncr it,* and 
'-f 'molecular orbitals are alsadegenera’e. 

The molecular orbitals are filled w(th'electrons in the increasing 
order of their energy, i.C. the molecular/drbital having the lowest 
energy is filled up first while that, with thrhighest energy is filled up 
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in the last. Hund’s rule is also obeyed by the degenerate molecular 
orbitals. According to this rule the orbitals are first singly filled and 

pairing starts when more electrons are to be accommodated. 

« 

Using the relative energy order of various molecular orbitals 
pven above we may now determine the molecular orbital configura¬ 
tion of some molecules composed of p-block elements of second 
period of periodic table. 

(i) The boron molecule (Bt). It is the first element in which 
p-orbital starts. Its valence-shell configuration is : 2 j*, 2px^ 2pf 2;>,® 
with three electrons. Thus Bt molecule has in all 3 + 3 = 6 electrons 
and its molecular o'^kal configuration is ; 

.•)*. («.*)" = (V)‘ (ire Fig. 518) ' 

Bond' ord/(^ of B* molecule in equal to 1 (4—2) = 1 which 
shows that the mole^le is formed by a weak n-bond and has two 
unpaired electrons in it-molecular orbitals. This has been verified 
by experiments. 

Atoimc orbitals Molecular orbitals Atomic orbitals 
ofB-amm of Bt molecule ofB-atom 



Fig. 5*1>- Mqftcu^cibilal energyMeitetAiagram of 
Brmolccule. 
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(//) The nitrogen molecule (N*). N-atom has 2s^, 2p'^x Ip^y 
electronic configuration with five electrons. Thus we have 10 elec¬ 
trons in all to be filled in molecular orbitals. The molecular orbital 
configuration of Nj molecule is : 

(a./)*. (a/)* (see Fig. 5-19) 

and its bond order is equal to J (8—2) = 3 which indicates that the 
molecule has one a and two n-bonds. Bond order of three is in 
accordance with the very high bond energy (= 225 kcal/mole). 

Atomic orbitals Molecular orbitals Atomic orbitals 
of N atom of N* of atom 



Fig. 5-19. Molecular orbital energy level diagram of N* 
molecule. 

(Hi) The oxygen molecule (OJ, 0.\ygen atom has the electro¬ 
nic configuration : 2s*, 2p\ 2p^„ 2p>j with the six electrons. Thus in 
all there are 12 electrons to be accommodated in the molecular 
orbitals. The molecular orbital configuration of O* is ; 

(«s.*)S (^x‘)* = (rr/)* (o.^)*, ( t .*)\ - 
Its bond order is equal to i (8—4) = 2. Thus O, molecule 
consists of a double bond which is composed of one o-, and one n- 
bond. It has bond dissociation energy = 118 kcal/mole and tend 
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length = 1-21 A. Its molecular orbital configuration as given above 
shows that it is paramagnetic due to the presence of two unpaired 
electrons which are in 7t,* and molecular orbitals. 

From the above discussion it is clear that a A, molecule having 
greater value of bond order is more stable than that having less 
value of bond order, e.g. since bond order of N, mqlecule (=3) is 
greater than that of O* molecule (=2), Nj is more stable than Oj. 

(iv) Oj' ion. This ion has 6+7=13 electrons in its valence- 
shell and hence its molecular orbital configuration is ; 

=.{«v*)‘ 

Thus its bond order is equal to 1(8—5)=li. This value 
shows that one bond is a two-electron «-bond and the other bond is 
cne-electron u-bond. 

Molecular Orbital Configuration of Some Hetero-nuclear Diatomic 

Species 

Hetero-nuclear diatomic species have two different atoms linked 
together. Thus these are AB type specieS; Here we shall consider 
those AB type species in which B has- higher electronegativity than 
A and both the atoms A artd B have 2s and 2p atomic orbitals, i.e. 
A and B are p block elements of second period of the periodic 
table. 


The N^OT treatment of such types of hetero-nuclear diatomic 
molecules and molecule ions by LCAO-approximation method is not 
fundamentally different from that of homo-nuclear diatomic mole-, 
cules of A,j type, except that MO’s are not symmetric with respect 
to a plane perpendicular to and bisecting the internuclear axis. 

Let as consider the following hetero-nuclear diatomic species., 

(/) Carbon monoxide molecule (CO). Evidently CO molecule 
has 10 valence electrons ; four from carbon atom {2j*/?*) and six 
from oxygen atom (2 jV)- Its molecular orbital energy level diagram 
as represented in Fig. 5-20 shows that its molecular orbital con¬ 
figuration is : 

= (rr/)*, (V)'. {^x*r = 

Thus its bond order is equal to i(8-2) = 3 showing that 
carbon and oxygen atoms in CO molecule are ’inked together by one 
er- and two r-bonds. 

The following points may be noted from the molecular orbital 
energy level diagram shown in Fig. 5-20. 

(a) Since the clectronegativjty of okygcn is greater than that 
of carbon, the 2s and 2/» orbitals of oxygen have been placed lower 
than the 2s and 2p orbitals of carbon. 
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. (b) Since CO is isoelectronic with Nt» it has the same mole¬ 
cular orbital configuration as Ni molecule does. 

Atomic orbitals Molecular orbitals of Atomic orbitals 

of C-atom CO-molecules of O-atom 



Fig- 5‘20. Molecular orbital enerj.y level diagram (drawi no: tc scsie) 
of CO molecule. 

Coulson’s MOT treatment of CO molecnfe. Coulsor has, how¬ 
ever, suggested a modification of the above MO-configuration of CO 
molecule. According to himj the concept of hybridisation is used. 
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Valence-shell electronic configuration of carbon atom is 2j*, 
2sand2pt atomiq orbitals hybridise to form two 
j;> hybrid orbitals which we have represented as (sp)c. Thus, after 
carbon atom has been jp-hybridised, its configuration becomes 
{sp)c* (sp)c^ 2px* Similarly 2s and 2pt atomic orbitals on 

oxygen atom (O -► 2^*, 2pi- 2/>/ 2/7,') also give two ^/7-hybrid 

orbitals and the configuration of oxygen atom then becomes (spW 
(sp)o^ 2p^ 2pyK Thus 

C-» (jp)c* (Jp)c* 2p,“ 2py^ 

O-. (j;7)o* {sp)o' 2px* 2/7^* 

Electron-pair in (j;7)c and {sp)o hybrid orbitals are not involved 
in bonding and hence are caiied a-non-bonding electron-pairs (a^j. 
pairs). Thus CO molecule has two lone-pairs (Jp's) ; one is on 
ca bon atom (see Fig. . 5-21). (sp)c hybrid orbital containing a Ip has 
higher energy than that having a single electron, points away from 
C>-atom (/.c. extends away from the C—O bond), has a high degree 
of p character, is very reactive and hence accounts for the properties 
of CO. Thus we can say that there is a lone pair on C-atom which 
is predominantly ;7-orbital pointing away from O-atom. 

{sp)o hybrid orbital containing a Ip is of lower energy than that 
containing a single electron, has a high degree of j-orbital character 
and hence is very stable {i.e. unrcactive) hybrid orbital. 

Now we are left with two singly filled (5;7)c and (sp)o hybrid 
orbitals and two 2/7-atomic orbitals (2p, and 2py) on both the atoms 
which overlap together in pair to give the following molecular 
orbitals. 

{^P)c-\-W)o give a,p* and molecular orbitals 

2/7,-AO on C-atom-l-2pi-AO on O-atom give r,* and tt,* MO’s 

2py-AO on C-atora-f2px-AO on O-atom give r.y<’ and 7 r„* MO’s 

The relative order of energy of these molecular orbitals and 
sp- hybrid orbitals containing Ip's on each atom is : 

{sp)o < o.p” < ■re.*’ = rex" < {sp)c < 7t** = TCy* < a.p* 
and hence the molecular orbital configuration of CO is : 

(jp)o*, (a.,*)’, (rez")* = {rey")*, (j/7)c*, {T.p*)o = (a„*)» 

(see Fig. 5-21) 

Thus bond order of CO = J(6-0)=3 showing that carbon and 
oxygen in CO molecule are linked together by a triple bond (I a 
+2n bonds). 

a,p* molecular oi bital is mostly on oxygen atom. 7 t** and tt * 
molecular orbitals (degenerate MO’s) are mostly on O-atom, since 
O-atom contributes more to the formation of these MO’s than does 
C-atom (Note xq > JCc). These MO’s are leaning somewhat to¬ 
wards the O-atom. One of these two degenerate n MO’s as shown 
in Fig. 5-22. The other n-MO is at right angles Le. in front and 
behind the paper to the one shown. 
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In ihc fornialion of and molecular orbitals (degenrate 
molecular orbitals) carbon atom makes a. larger contribution than 
ilic 0-alom, since, xc < xq. Both of these degenerate u* MO’s are 
also at right angles to each other. One of these n^-MO’s is shown 
in rig. 5 22. 



Orbitals on MO’s of CO Orbitals on, 

C-atom molecule O-alom , 

Fig. 5-21. MO energy level diacram (drawn not to scale) for CO 
molecule as suggested by Coulson. 

These MO's are much closer in energy to the /r-orbitals of 
C atom than the /r-orbilals of O-atom and are, therefore, concent¬ 
rated mostly on C atom. 
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Both these tc* MO’s are empty and can. therefore, accept elec¬ 
tron pairs by interacting with appropriate filled orbitals of transi¬ 
tional elements. These re* MO’s are, therefore, called acceptor MO’s. 
^is acceptor property of these MO’s is very important in consider¬ 
ing the M-- L bond in metal carbonyls where M is the metal and 

L indicates s ligand such as CO. 



(fp)c hybrid orbiial (sp)^ hybrid orbitai Filled o,/ 

having a Ip having a Ip molecular orbitai 


OCDCDG 

c o 


Empty Ojj,* molecular orbital 



One filled inoiectilar orbital. Similar One empty :t,* molecular orbital, 
is anothw tilted r^,’molecular orbitai Similar another empty r,* 

which s ut right angles to the molecular orbital which is at 

one .show;; right angles to the one shown. 

Fig. .i'22. Different molecular orbitals of CO molecule. 

{ii) Nilrtfsyl ion {NO+). Since KO+ ion is isoelectronic with 
Nj molecule (both have 1C electrons in their valence-shell), it has the 
same molecular erbita! configuration as N, molecule viz. 

-- (~/)S (c/)* 

Its bond order is equal to | (8-—2}== 3 which represents one a 
and two rr-bonos. 

(n/) Nitric oxide niolecaie (NO). This molecule bur, 11 elec¬ 
trons in its valence-shell ; five from nitrogen atom (2r‘/?S) 
from oxygen atom (2s*p')- Thus it has the following molecular 
orbital configuration : 

= (V)*. = (T./f 

The bond order equal to (8—3)/2 = 5/2 shows that liitrogen 
and oxygen in the molecule are linked together by one <t and two 
7t-bonds. a-bond is due to the electron pair in t.' molecular orbit.-r! 
and the two Tt-bonds ar^ due to Tr,** and molecular orbitals. One 
unpaired electron is present in w,*' molecular orbital Thus. NO 
molecule has two 2-e!ectton bonds and one 3-eiectrou bond and can, 
therefore, be represented as ' 
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•XX 

: N = 05 

This structure well accounts for the lower bond strength and 
larger bond len^h as compared with N, molecule. It also explains 
the paramagnetic character of NO. 

Valency Bond Theory Vs Molecular Orbital Theory 

(A) Similarities 

(0 Both the theories are the interpretation of covalent bond. , 

(//) According to both the theories the AO’s of the two atoms 
must overlap to from a covalent bond. The AO’s over¬ 
lapping each other must have the same symmetry and must 
be of the $aine energy. 

(Hi) According to both, the electronic charge resides in the 
region between the atomic nuclei. 

(jv) Both the theories postulate that a covalent bond possesses 
directional properties. 

(B) Differences. 
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yalencc-shell electrons. According to this theory, the geometry of 
a molecule depends on the number of bonding and non-bonding 
electron pairs in the central atom which arrange themselves in such 
a way that there is a minimum repulsion between them so that the 
molecule has minimum energy (i.e. maximum stability). Since there 
can only be one orientation of orbitals corresponding to minimum 
energy, the molecule has a definite shape. 

The following rules have been proposed by Gillespie to explain 
the shape of some covalent molecules. 

Rule 1. If the central atom of a molecule is surrounded only by 
bonding electron pairs {bp’s) and not by non-bonding electron pairs, 
called lone pairs Ip’s, the geometry of the molecule will be regular, i.e. 
it will be linear, triangular planar regular tetachedral, trigonal bipyra- 
midal and regular octahadral for 2, 3, 4, 5 and 6 bonding electron- 
pairs. BeClj {bp's==2, linear), BCIs (bp’s='i, triangular planar) SnCU 
{bp’s=4, regular tetahedral), PCI5, (6p*j=5, trigonal bipyramidal) and 
SFg {bp’s=6, regular octahedral) are important examples. In all these 
molecules Ip’s = 0. 

Rule 2. When the central atom in a molecule is surrounded by 
both bp’s and Ip’s, the molecule does not have a regular shape. 

The alteration or distortion in shape is due to the alteration 
in bond angles which arises due to the presence of Ip's on the 
central atom. How the presence of Ip causes an alteration in bond 
angles can be explained as follows; 

At a fixed angle the closer the electron-pairs are to the central 
atom, the closer they are to each other and hence greater is the 
repulsion between them. 

Since the lone pair electrons arc under the influence of only 
one positive centre {te., nucleus), they would be expected to occupy a 
broader orbital with a greater electron density radially distributed 
close to the central atom than the bond pair electrons which are 
under the influence of two positive centres. Thus Ip is much closer 
to the central atom than the bp, ^d so it is believed that Ip will 
exert more repulsion on any adjacent electron pair than a bp will do 
on the same adjacent electron pair. Now if the atljacent electron 
pair is a Ip, then 

{lp—lp)>(lp—bp) ... (1) 

where {Ip—Ip) represents the repulsive force between two lp’% and 
{Ip—bp) represents the repulsive force between a Ip and a bp. 

If the adjacent electron pair is a bp, then 

{lp-bp)> {bp—bp) ... (2) 

where {bp—bp) represents the repulsive force between two bonding 
pairs. Combination of relations (1) and (2) gives 
{lp—lp)> {lp—bp)> {bp-bp) 

Thus the repulsion between two Ip's is maximum in magnitude, 
that between a Ip and a bp is intermediate while that between two 
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bp's is the minimum. Thus since a hp experiences less repulsion 
from another hp than from a. Ip ; it (i.e., bp) becomes closer to the 
hp and a contraction in the bond angle (i.e., the angle between the 
two bp's) occurs. 

More the number of Ip's on a central atom, the greater is the 
contraction caused in the angle between the bp's. This fact is clear 
when wc compare the bond angles in CH,. NH^ and H ^O molecules. 


Molecules : 

No. of Ip's on the central atom ; 
Bond angle (.^ngle between t 
two bp's) I 

Contraction in bond angle \ 
relative to that of CHf j 


ett, NH3 H2O 

0 1 2 

109 5" 107 5° lOS 5" 

0 109.5’-107 5 109.5 -105.6 

= 2 " = 4 ” 


Rule 3. bond angle decreases with the increase in 

electronegativity of atom ^ in molecule wherein A ' is the centra! 

atom this is due to the fact that with the increase in electro- 
necativity of atom B, the average position of bonding electron-pair 
moves further from the central atom A and hence the repulsion 
exerted by bondintj electron-pair on the electron-pair on atom A 
decreases. This decrease m repulsion decreases the bond engle. For 
example : 

{/) PI 3 (10.T) > PBr, (10T5T > PCI, (100°) 

(ii) Asl 3 ( 10 r') > AsBr, (100-5')’> AsCi, (98.4°) 

Rule 4. Bond angles involving multiple bonds are generally 
larger than those involving only single bomis However, the multiple 
bonds do no! ajfect the geometry of a molecule. 

Rtile 5. Repulsion hetneen electron-pairs in filled shells are 
larger than the repulsion between electron-pair .1 in incompletely filled 
shells eg compare H O' H and H-S-H bond angles in H.^O 
and H,s'molecules ; OH, (105.5) SH.. (92 2 ). The central 

atoms'in these molecules viz. O and S respectively have eight e.ect- 
rons in their valence-shell (six electrons of the central atom + two 
electrons acquired from two H-atoms). Thus the valence-shell of 
O-atom in H,0 molecule which contains/owr orbitals (one 2i- and 
three 2p orbitals) is compleiely filled while that of S-aiom in HjS 
molecule which contains nine orbitals (one Is, three 3/' and five }d 
orbitals) is incompletely filled. The ma.ximum capacity ot the 
valence shell of S-atom is of 2(3.?') i-6(3/)«)-h 10 (.3r/"’) -18 electrons. 


Limitations of VSEPR Theory. (/i VSFPR theory cannot 
explain the shapes of molecules which have very polar bonds, e g. 
Li,0 should have the same structure as H.,(> but in l.ut it is linear. 

(ii) This theory is unable to explain the shapes of molecules 
having extensive delocalished Tc-elcctron systems. 

(Hi) This theory cannot explain the shapes of certain molecule 
which have an inert-pair bf electrons. 

(IV) This theory is not able to predict the shapes of certain 
transition metal complexes. 
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(2) Hybridisation of Atomic Orbitals 

We have seen that VBT according to which a covalent bond 
results by the overlap of atomic orbitals requires the presence of un¬ 
paired electrons in the overlapping atomic orbitals of an atom to en¬ 
able it to form covalent bonds. Thus according to this theory Be(2s2), 
B( 2 i^ 2pi Ipy 2pz ) and C ( 2 ^-^, 2 / 7 x* 2 /)„‘ 2 pz'') which have respectively 
0 , 1 and 2 unpaired electrons in their valence-shell should be expec¬ 
ted to form no covalent bond, one covalent bond and two covalent 
bonds with a univalent atom tike H or X (X = F, Cl, Br or I), but ex¬ 
periments show that Be, B and C form two (i.e. dicovalency) three 
(tricovalency), and four iteracovalency) covalent bonds respectively. 
VB r says that in order to enable these elements to show discova- 
lency, tricovalency and tetracovalency, one of the paired 2 r-electrons 
IS promoted to the vacant 2 / 7 -orbitals. The promotion of a 2r-electron 
to 2 p-level requires some energy which is generally available from 
the heat of reaction taking place when covalent bonds are formed, 
pro\ ided that there is no change of principal quantum number, n, 
during the promotion of the electron. The promotion of a 25-elec- 
tron to 2 / 7 -levels in case of Be, B and C gives respectively 2, 3 and 
4 unpaired electrons which explains the discovaiency, tricovalency 
and tetracovalency of these elements. 


The arrangement of the electrons in the atom obtained after 
promtion of electrons is sometimes referred to as an excited valence 
state of the (itom. Excited valence state of atoms are generally 
denoted by an'asterisk. Thus: 


Be (Ground state) : 25*, Ipf’lpf 2 / 7 / ; Be* (Excited state) : 

2s\ Ipflpy^lpf 

B (Ground state) : 2j*, 2pf2py^ 2pf ; B* (Excited state/ : 

2 / 7 ,“ 2 / 7 / 2 / 7 / 

C (Ground state) : 2s*, 2p^^2py^2pf ; C* (Excited state): 

2j', 2/7,i2/7/2p/. 

Evidently, if for example, the structure of CH 4 molecule is 
explained on the basis of simple approach of overlap of AO’s of C*- 
aiom with b-AO’s of four H atoms (say H„ H», and Hj), we 
should get a structure shown in Fig. 5-23 consisting of four covaJent 
o-bonds namely s-s a-bond, s-p„ a bond, s-py o-bond, s-p, a-bond. 



Fig 5-23. Structure of CH 4 molecule if carbon atom uses pure AO’s : 

2py and 2p, to form four C-H bonds 

bondangle-.= H.-C-H, bond angle . «K)° 
llci C H,. bond angle-H 4 -.C-H» bond anglc-H,,-C-H. bond angles 12.5’ 
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The three a-bonds involving p-orbitals would be at right angles to 
each other while the fourth bond namely s-s e-bond would be at 
about 125° with respect to the other ♦hree bonds. 

Also s-s e-bond would be weaker than the three o-bonds invol¬ 
ving p-orbitals which would be equivalent in energy. 

Experiments show, however, that CH 4 does not have this type 
of structi^e. Ah the H—C—H bond angles are found to be equal, 
^ j^iT” bonds are equal in energy and these are arranged 
tetrahedrally so that a methane molecule has a regular tetrahedral 
shape. 

Sirnilarly, the three bonds in BX3 or BH3 are all equivalent 
and coplanar with bond angles of 120 ° which would not be 
possible if three bonds are derived from the overlap of two 2 p- 
^d one 2r AO’s of B atom with p-AO’s of X-atom or b-AO of 
H-atom. 


BeXj has two bonds which are collinear and are of equal 
strength which would not be possible if the structure of BeX* (X = CI 
Br or 1) involves the overlap of pure one 2j and one 2p AO’s of Be' 
with p-AO’s of X-atom only. ■ 

In order to account for the equivalence of four C—H a-bonds 
in CH; molecule we assume that the four orbitals of C* atom viz 2s 
2 pz 2py and 2pz are mixed or hybridised together to form four 
equivalent (i.e. of the same energy) orbitals called hybrid orbitals 
or simply hybrids which are directed towards the four corners of a 
regular tetrahedron. This type of mixing of pure atomic orbitals to 
give equal number of hybrid orbitals is referred to as hybridisation 
The carbon atom in this case is said to be s/A hybridised. This is 
a hypothetical process. Similarly Be and B atoms in BeX, and BX 
molecules are said to be sp and jp* hybridised. * 

Rules for hybridisation. Following are the rules for hybridisa- 
ation : 

(/) Only orbitals of similar energies belonging to the same atom 
or ion can hybridise together. 

(ii) Number of hybrid orbitals produced is equal to the number 
of orbitals undergoing hybridisation. Hybrid bonds are stronger than 
the single-non-hybridised bonds of comparable energy. 

(Hi) Most of the hybrid orbitals are similar but tney are not 
necessarily identical in shape. They differ from one another in their 
orientation in space. 


' (IV) For equivalent hybrids the orientation in space is de/err^ 
ned by (a) the number of orbitals mixed and cbnsequthuy the number 
of hybrids obtained, and(b) which of x-, y-, and z-axes are preferred 
by the orbitals when pure. 

{v)trom the type of hybridisation one can predict the geometry 
and bond angles of a molecule, 

(' /) An orbital which has been used to build up a hybrid orbital 
rs no longer available to hold electron in its pure form. 
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lypes of hybridisation aod shapes of some common molecules \^ith 

a- or o-j-TT-bonds. 

Following are the common types of hybridisation. 

(1) jp-hybridisaMon (J+Pt AO’s). A linear combination 
of one s- and one p, wave functions (i.e. orbitals) in suitable pro¬ 
portion gives two ip-hybrid wave functions (or hybrid orbitals), 
spa and spb whose forrnation is shown in Fig. 5 24. This type of 
hybridisation is called in-hybridisation ; and the hybrid orbitals 
formed are called linear (or Jigonal) hybrid orbitals. 



i-orbital p,-orbiial Two linear ip-hybrid orbitals vii. spa and 

SPb 

Fig 5.24 Formation of two linear (or digonal) jp4iybrid orbitals 
from the combination of s- and p,-atomic orbitals. 

Properties of sp-hybrids 

(r) These have the properties of both j- and p-orbita!s. These 
point in opposite direction along the axis gf the p-orbital 
i.e-, their arrangement is linear (or digonal) and 

they maJte an angle of 180° with each other. Thus these 
have the directional properties of p-orbitals, but are fatter 
than pure p-orbitals. 

(rV) jpo end spb hybrid orbitals are completely equivalent in 
energy. 

(/h) Each jp-hybrid orbital is stronger than both pure s- and p- 
orbitals from which it originates. Its predicted relative 
overlapping power is 19 3 (see Fig. 5-24). 

(/v) The normalised wave functions, ij; (jp,) and i{/ {spo) for jp, 
and'ipt hybrid orbitals are listed below : 

+ i^Po) = W+4'(p«) ] 

4'(Jpi.) *= J 

In the deduction of these equations it has been assumed that 
the molecular axis is the z axis i.e., the hybrids arc pointing in the 
z-direction. One is pointing in the direction of the positive z-axis 
and the other in direction of the negative z-axis. 

From these equations it is easy to see that the ratio of p-chrac- 
ler to 5 -character is 1 : 1 in each of the two hybrid orbital wave 
functions and that both 4he hybrid orbital wave functions are. ortho¬ 
gonal to each other. 
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fv) Each orbital has one large lobe and one small lobe. The 
large lobe is much bigger than the original p-orbitals. 
This larger lobe enables it to bring about a higher 
degree of overlapping with the orbital of the reacting atopi. 
The resulting bond is, therefore, stronger. 

Examples. Some of the molecules/ions which involve sp-hy- 
bridisation arid hence are linear in shape are BeXj (2o-bonds, lp—0) 

O == N+ = O ion (if+ln bonds, //> = 0, C s O + bonds, lpj= 
n H—C s N ^2cI^-27c bonds,/p = 0), O = C = O (2o+27: bonds, 
/n’= 0). The atoms in thick type arc the central atoms that undergo 
sp-hybridisation and of dots on them represents a Ip. 

(A BeCU molecule. In this molecule Be-atorn is the centra! 
atom that undergoes sp hybridisation. Be-atom in its excited slate 
. Sas”he valence-shcl! configuration as : 2r^ 2p.^ These atomic orbi- 
.talson hybridisation give two linear 5 p-hybrid orbitals. Each of 
Ihese hybrids is singljt-occupicd and, therefore, overlaps with singly- 
filled 3p, atomic orbital ( 2 -axis has been assumed ‘f T^ 

aSs of each chlorine atom (Cl3pi’*3pj, 3p,) to form 
Be-Cl u-bonds (rp-p, a-bonds). Both these bon^re cop anar and 
are at 180° to each other (see Fig. 5 25). Thus BtClj molecule has 
linear shape. 

Two half-filled Two half-filled 3p.- BeCl* molecule 

.-.hybrids on atomic orbitals on 
^ ^%tom. two Cl-atoms 

Fig. 5-25. Linear BsClt molecule resulted from jp-hybi-idisation. 

f/iT CO, molecule. Let the two oxygen atoms be 
as O Ind Us Vatence-stica dcci.on.c oontigurations o carbon (<« 
The excUed states and of oxygen afomc .. r.e normal state) are . 

C {in the excited state) ' 25’, 2p,’2p,’.pr* 

Oo (in the normal slate) ; 25 *, 2p,’2p,‘2,'’,’ (ip ) 

0(, (in the normal state) : 25*, 2pi*2py‘2p,^ (■; — 

_ . ,1 /-if po o _ C* =2 O suCKCSts lh£Li ciirbon a-lom 

K-r&Toya. J^orbLalf ofO .nd ft 
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: O = C = O : 

IT 


Each pair of dots rcpresefits a Ip. 

trigonal planar (or triangular) hybrid orbitals. 



Fig. 5-26. Formation of three trigonal planar sp* hybrid orbitals 
from the combination of s, p* and p, atomic orbitals. 
Characteristics of spi* hybrids 

th. maximum along one of 

the three axes. AH these axes are lying in the plane of p-orbitals 

‘h ^P' hybrids i.e., these axvsiie in the 

an angle of 120" to each other. Thus the three 
hybrids lie in the plane ofp-orbitals i.e., in the rz-plane and are 
oriented at 120 with respect to each other. 

fii) All the three hybrids are equivalent in shape and energy. 

(Hi) Each hybrid, if rotated through 120°, would be exactly 
superposed on the hybrid orbital already on that axis. ^ 

is 1 ’ 99 *'^ The predicted relative overlapping power of each hybrid 

(v) The normalised wave functions di(sp„^). and .Li'fn 

for sp,*, sp,* and sp.* hybrids are listed below : ^ ^ 


-WVo*) = 
<Kjpi») = 


V3 

~3 4-W+-ig4<M + ~<M;^x) 
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These equations have been deduced on the assumption that 
vpa’ hybrid has its maximum in the direction of z-axis i.e., of the 
two p-orbitals {i e., p,- and p,-AO's) it is only p^-orbital that is used 
to form the spj hybrid ; /Jj-orbital plays hardly any part in the for¬ 
mation of xpo* hybrid. From these equations it is easy to see that 
the ratio of p-character to j-character- is 2 : 1 in each of thd hybrid 
wave functions. 

Examples. Some mol^ulcs/ions which involve sp^ hybridisa¬ 
tion are ; BX^ etc. (3 ct bonds, Ip = 0, trigonal planar shape), SnX, 
(gas) (2a bonds, Ip = 1, V-shape), HCOj' ion (3 a f 1 ti bonds. 
Ip — 0, trigonal planar shape), NO 3 ' ion (3 ct+I tt bonds. Ip — 0, 
trigonal planar shape), NOj' ion (2 a+1 it bonds, Ip = 1, V-shape), 
SO 2 (2 (T+l It bonds, /p = 1 , V-shape). The atoms in thick type arc 
the central atoms that undergo s'p* hybridisation and the pair of dot^ 
represents a Ip on them. 

(/) BCI 3 molecule. B-atom is the central atom in this mole¬ 
cule. The valence-shell electronic configuration of this atom in the 
excited state is : 2j:‘, 2p*‘2pj‘. On hybridisation these atomic orbitals 
form three trigonal planar sp* hybrid orbitals which, being singly- 
occupied, overlap with three singly-filled 3p, atomic orbitals of three 
Cl-atom to form three B—Cl <T-bonds (sp*—p, o-bonds) which are 
coplanar and inclined to each other at 120° Thus BCl, molecule 
has trigonal planar shape (see Fig. 5-27). 



Three half-filled Three half-filled BClj molecule ' 

.^•-hybrid orbi- 3p,-orbita1s on 
tals on B-atom O-atom 

Fig. 5-27. Trigonal planar BCI* molecule by sp^ hybridisation. 

(if) SnCIt molecule. The ground state configuration of Sn 
which is the central atom iil this 'ntiolecule is 5s*, 5px^5pf5pf. Its 
completely filled 5s-orbital and two half-filled 5p-orbitals hybridise 
'together to give three zp*-hybrid orbitals. One of these has ? In and 
the other two are singly filled. 

The two singly occupied sp* hybrid orbitals of B-atom overlap 

with the tvo.. balf-filled 3p,-orbitals of two Cl-atoms (Cl -* 3 .r», 

ipi^^pJipi') to form two o-covalcnt bonds. As one of the hybrid 
orbitals is occupied by a Ip, the shape of SnCl, molecule is not tn- 
a,ngular planar but a distorted one. Its actual shape is angular or 
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bent (V-shape). Due to the presence of a Ip, the Cl - Sn—Cl bond 
angle is less than 120" (see Fig. 5 28). 



Sp hybri.l or Cm 

' ^ VN 3 Ip 


A 


Ip 


OR 






C! 




Cl" 

Cl” 


Sn, 

i?d 


- '=*CI 


Three ip*-hybrid Two half-filled SnClj molecule 

orbitals on Sn- 3/», orbitals 

atom on Q-atom 


Fig. 5-28. V-shaped SnClj molecule resulted from jp* hybridisation- 
Pair of dots represents a Ip on Sn atom. 

(Hi) NO 3 ion. Since X-ray diffraction studies have shown 
that the ion has planar triangular shape, N-atom which is the central 
atom in this ion undergoes rp- hybridisation. Since this ion carries 
a uni-negative charge, one of the three O-atoms may be considered 
to contmn an extra electron. Let the three O-atoms be represented 
as Oj, O 4 and 0«. The valence-shell configuration of N, O^, Ot and 
Or are ; 

N-► 2s*, 2p,‘2p„‘2/rr» (Ip = 1) 

O,-» 2s*, 2p,*2/ry*2/7j' (Ip’s = 2) 

0 »-» 2s*, Ipt'lp^^lpf (lp’.s = 2) 

O,' (containing an extra electron) 

-» 2j*, 2p,KLp,*2p,* (Ip's 3). 

2s, 2px and 2p, atomic orbitals of N-atom hybridise to form 
three sp*-hybrid orbitals. 2py orbital which 'is half-filled does not 
participate in the hybridisation process. Thus now the configuration 
of N-atom becfomes as : 

N-* (sp*)*, (sp*)L (sp*)L 2p^ (Ip 1). 

Hybrid orbital containing an electron-pair donates it to Oa-atom 

rr 

to form a coordinate covalent N - <\ bond. A covalent a-bond is 
formed by the overlap of half-filled hybrid orbital with half-filled 2p- 
orbital of Oj atom Similarly the overlap of the remaining half- 
filled hybrid orbital with half-filled 2p-orbitaJ of Oft-atom gives 
another covakni r-bond. Half-filled 2p-orbital of N-atom which did 
noj. par!u,p;itc in . 7 >*-hybrid!',aiion prevess overlaps literally with 
half filled 2p.orb lai of (Vatom to form a n-bond p?t bond). 
Thus the siructure of NO, lo.n can be repre-rented as : 

O, — N Oo or simply a, ; O — N -+ O 


t 
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Fig. 5‘29. Planar trigonal shape of 
NOs" ion resulted from 
sp* hybridisation. 


SPa. SPt,^ 


spe^ and sp^. The 


Double bond is composed of one o- and one rt-bond. jjp*-hybri 
disation gi’-es a planar trigonal 
and symmetrical shape to this ion 
with O -N O angle of 120" as 
shown in Fig. 5-29. It rnay be 
noted that ail the three n-bonds 
are sp* -p a-bonds It may also 
be noted that the double bond in¬ 
volved in its structure does not 
influence its shape 

On the basis of A 7 >*-h>bri- 
disation of carbi'n atom it can be 
shown that CO 3 ’ ion also has a 
planar triangular shape. 

(3) 5 />»-hybridisation (s-\-p^ 

AO’s). One 5 - and three 
p-AO's on mixing together give a 

set of four equivalent hybrids . -/-a, -jx.’ _ 

formation of these hybrids is shown in Fig. 5TO. This 
of atomic orbitals is called 5 p»-hybridisation, and the hybrid orbitals 
thus prc'duced arc called tetrahedral hybrid orbitals. 

Characteristics, (i) The four sp* hybrids are di^jeted towards 
the corners of a regular tetrahedron at the centre of which . 
atom that has undergone hybridisation The electron density ^sso- 
ciated with these sp^ hybrids is much greater on one side of the 
nuclear of the central atom than on the other side. 

(/(•) Normalised iVave Functions of sp‘-hybrids All the four 
hvbrid orbitals arc equivalent with respect to the three coordinate 
akes and hence the coefficients for each component AO is Vt- ‘ 
coefficients of the p-component of all the four s are ^ 

spj hvbrid orbital since it point;, in the positive direction of the three 
Ses Inrp,^.spTai,d the respective f.. P, and p, component 

AO’s are positive and others are negative The normalised wave 
functions of the four sp* hybrids thus: 

y(Vo*) tl'J'fi)+ +(/’*)+ 




fVj I' 

oi r. i 


p - Cv 


:hc 

:C!U 


^ispf) = itytit-T'fPr) T-V 

These equations clearly show that aef-f 

hybrids is (i)^ i ..ad the total contnbiaion o! i. .-; 
orbital in spi,^ hvbrid, f'r example, is 

( = i + i + i 

This i.'. ac'iiallv the 'otal contribution made by p-orbitais ia each of 
the four .sp-’-iiybiids. Thus the ratio of p-character to .s-character m 
sp^-’nybiid is ■” 3:1. 


Ail 'he s-p lype hybrids are represented as sp^ where 


. and .,'3 a- 


;.ni 


• t t 


sr- 


- Vl. 

®- and .rp*-hybrids. x is 
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called hybridisation index. 

is also given by : 

% .r-character = 


Nature of Covalent Bond and Shapes of Molecules 
The percent of r-character in each orbital 


1—xlOO 


and thus % /^-character = 1 


-[j^xioo] 


«rhit a f^etween hybrid orbitals. The value of A in a set of 

ancl? e and 'he hybrid orbitals.' The 

angle, d and the hybridisation index, A are related as : 

A* cos 6 = — 1. 

Thus ; 

for jp-hybrids, 1 cos « = — 1, • o lgO“ 

for jp“-hybrids, 2 cos S ^ = 120° 

for jp*-hybrids, 3-cos 6 = —1, ^ _ 109° 28' 

fourrJJiySsTsIS*!^'"'^’*''' of each of the 

« u j values of the overlapping power of so- so*- and 

,j^-hybr|ds which are equal lo 1-93, |.99Ld2 0O resiJdOoW show 

tS« strongcsl. This in olher words means 

that the bonds established as a result of overlapping of 50 =* hybrid 
orbitals wtth other orbitals such as r- or p-AO’s are stronge^st "^The 
«qwnce of relative energy of s-p type hybrid orbitals if rp < 5 p* 




Four tetrahedral jp»-hybrid orbitals 
- -r.- - .evr. e u....ai.u.i v.i jouf leiraDcdral rp^-hybrid orbitals from 
the combination of j- and threep-atomic orbitals. 

molecules/ions whose formation in¬ 
volves rp3 hybridisation are ; CH«, NH,+ etc. (4 <j-bonds /p =- 0 

tetrahedral shape). NX,, PX, etc. (3a bonds, /p = 1, trigonal 

pyramidal shape), H.O.', .SCI, etc. (2 a-bonds. Ip's = 2, V-shape), 

HX: (1 o-bond, Ip’s = 3 , linear shape), SO,*- (4 a + lrt bonds. Ip ^ 0, 

tetrahedral shape) CIO,' ion (3 a-b3rr bonds, /p ^ 1, trigonal pyra¬ 
midal shape). The atoms in thick type are the central atoms that 
undergo ,tp* hybridisation and each pair of dots represents a Ip on 
them. ^ 

. (0 molecule. The C-atom in the excited state has 

2p„ 2p,i electronic configuration. On mixing, these four AO’s 
give four equivalent jp*-hybrid orbitals, namely, sp^, sp^.sp^ Ar\d 

sp^ . 
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These hybrid orbitals are directed towards the corners of a 
regular tetrahedron. Each of these half-filled hybrid orbitals on over¬ 
lapping at*ng the axis with half-filled 1 j-AO of H atom gives four 
iocalis tTtx>nding orbitals called c-bonds (fee Fig. 5-31). 

Thus CH 4 molecule has a tetrahedral shape with a tetrahedral 
C—H—C bond angle equal to 109'5° (approximately). 



Fig. 5-31. Formation of tetrahedral CH 4 molecule by 
r/)®-hybridisalion (bp's = 4, !p ^ 0). 


(u) .NHj, HjO ; and HF : molecules. In 
gen atom is the central atom whose valence-shell 


ground state is 2s-, 2/7*' 2p^ 2^**. 
All these four atomic orbitals on 
hybridisation give four equivalent 
sp* tetrahedral hybrid orbitals. 
Three of these four hybrid orbitals 
are singly-occupied and, therefore, 
overlap with singly-filled three 
Ir-atomic orbitals of three hydro¬ 
gen atoms to form three N —H a- 
bonds. The fourth hybrid orbital 
is occupied by a Ip which does not 
participate in bond formation. 
Due to the presence of a Ip on 
nitrogen atom, NH 3 molecule 
has a distorted tetrahedral shape, 
i.e., it' has trigonal pyramidal 
shape, with H—N—H bond angle, 
instead of fetrahedial angle of 
109'5^, equal to 107-5° {see Fig. 
5-32). 

On the basis of similar 
arguments it can be show- that 
HjO and HF molecules are also 
formed by s/ 7 ®-hybridisation of 
oxygen (O -> 25^ 2 p,* 2py^ 2pP) 
and fluorine (F 2s*, 2p,* 2py* 


NH 3 molecule nitro- 
configuration in the 



Fig. 5-32. Pyramidal shape of NH 3 
molecule resulted from sp* hybridi¬ 
sation (bp's ^ 3, Ip = 1 ). Pair of 
dots represents a Ip in one of the 
sp* hybrids. 

2pg*) atoms which are the central 
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atoms in these molecules respectively. These molecules contain bp's 
— 2, Ip's 2 and bp's I, Ip's — 3 respectively. Due to the pre¬ 
sence of Ip's pn the central atoms the shapes of these molecules are 
not regular tetrahedral. HvO molecule is V-shaped (angular or bent) 
with H—O—H bond angle — lOS-S'’ (see Fig. 5-33) while HF mole¬ 
cule j,s linear [see Fig. 5-34). 



Fig-5-33. V-shapcd H-O (n.ilcculo Fig. 5 ,34. Linear HF molecule formed 

resulted from hvhriilisaiion by rp® hybridisation itp’r - l,/p’s-3). 

ibp's — 2, /p’s 2). Facli y'u , / F :'ch pair of dots represents /p 

dots represents n fp. 

(Hi) S 04 *’ ion. \ ray s'u.l’!'-, of tliis ion have sh^un tha. tflls 
ion is tetrahedral ill sluipc. Thus sulphur anon which is 'ho central 
atom ill this ion undergoes .s-/j'‘-hyhinlu:'ii.»n in I's forniati>..-. Since 
SOi'-' ion has two negative charges, u.o o'.yccn atoms may be consi¬ 
dered to have an extra electron in their electronic conliguratioh. The 
valence-shell configuration of sulphur atom and oxygen atoms are : 

S-► 3j^, 3/1- ,ip' 3/'* 

O -* 25*. 2p‘ 2/d 2p' 

O--» 2.v2, c/d 2p^ 2/.d 

Configuration ot sulphur atom in the doubly-exciicil state is 
obtained by promoting one 3s and one i'/' electron to the nc.xt hii'her 
energy vacant 3J-Orbilals. Thus the configuration of sulfur at :n 
in the doubly-excited state is : 3,r‘, 3p‘ 3,c 3p\ 3d‘ 3dH 

Now tiiL 3v- and three 3/)-orbitals in sulphur atoin in rnc dou¬ 
bly-excited state hybridise to give four singly-occupied hybric. 
orbitals. The two three 3t/-orbitaIs do not take part in the hybridisa¬ 
tion process 
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These four singly tilled sp^ hybrid orbitals 
formation of four S-0 a-bonds with four singly-filled 2p-orbitals of 
four oxygen atoms. (Note 
that due to two negative 
charges on S 04 ®' ion, two 
o.xygen atoms have an ex¬ 
tra electron). The forma¬ 
tion of four T-bonds acco¬ 
unts for the tetrahedral 
shape of S02 ion. The two 
singly-tilled Id orbitals of 
suljshiir atom which have 
not participated so tar in 
hybridisation proce.ss over¬ 
lap with two singly-filled 
2 p-orbitals of two oxygen 
atoms to form two ,S - Ore- 
bonds. Thus S02 ion has 
four T- and two re- bonds 
(sc; 1 11,'. 5'3s!. T-honds are — 

•; bi,''n !i .vhilc Fig. 5-35. Tetrahedral shape of SOr in resul- 

bonds are (/n pre-.c-bonds. teJ from sp^ hybridisation. 

f't) .vo^(/-hyhrMisaiion (s \-pt^Pv-^Pt Vdn AO’s). Combination of 
one three p- and di atomic orbitals gives five ^d hybrid orbitals. 
Such type of mixing of AO’s is called hybridisation and the resul¬ 
ted hybrid orbitals arc called trigonal bipyramidal hybrid orbitals, since 
these are directed towards the apices of a trigonal bipyramid (see 

Characteristics. All these five hybrid orbitals are non-equivalent. 

Thus these can be divided into two sets ; . u a nwi, 

(a) equatorial hybrids. This set consists of three hybrids which 
' ' are equivalent and are directed 

towards the corners of an equa¬ 
torial triangle. Thus these are 
planar and the angle between 
them is I20^ It is for this rea¬ 
son that these hybrids arc called 
equatorial (or basal or planar) 
hybrids. These hybrids may 
be regarded as, being formed by 
the combination of s, pi and 
atomic orbitals. Thus this set 
consists of three sp^ hybrid 
oibitals. The bond's formed 
by the overlap of these hybrids 
with the orbitals of the surroun¬ 
ding atoms are called equatorial 
H,i bonds. In Fig. 5-36the equatorial 
hybrids are shown as unshaded 

Uon of r, p., Pv, Pz and </.» orbitals. The . hybrids, 
unshaded three orbitals are equatorial 

(or basal or planar) hybrid orbitals wbiie g^lal or polar hybrids. 

(he shaded ones are axial (or polar) consists of two hybrids 

hybrid orbitals. 
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which are equivalent and are oriented perpendicular 

the/pxTf"p^e^erin'a'Sol^"^ energy than the ax<al. 

reason for this can also ‘^‘l^atorial hybrids. J'he 

ence oVoLiy one p„ ”vPud '"f J* 

the central atom than k a it tends to be closer to 

pos,five n«le° Being clot, P,'; "'i'’" "" '”0”“'"“ 
SP'o'f lotereSg;." toTnt 

sp>d hySftion^fe' “pFr(t™bM(i“!“t°= 'o,'"l?4ontl"b'ip„t 
m,da chape), SF. (4.-bonde, Ip _ ,. dicoried ,„|ona b p, a 
m,dal shape) :aF. O-bonds./p’s.oT.shape/scF. tC 

“.-oHal So„s°”o|5th'"e 

promoted to the higher energy 
vacant 3<f,*-orbital to give phos¬ 
phorus the excited state configu¬ 
ration as: 3s\ 3p^i 3pi 3p,i, 3d^„. 

These five atomic orbitals now hy¬ 
bridise to form singly-occupied tri¬ 
gonal bipyramidal sp^d hybrid orbi¬ 
tals which overlap with the singly- 
filled p-atomic orbitals of five 
fluorine atoms (F->2i*, 2p,* 2p * 

2 pgi) to form five I^-F a-bonds in 
PFs molecule wFth trigonal bipym- 
midal shape. In this molecule the 
three bond distances between phos¬ 
phorus and equatorial fluorine 
atoms are the same but are shorter 
than the two bond distances bet¬ 
ween phosphorus and axial fluorine 



Fig. 3'37. Formation of trigonal bi- 
pyraimdal PF# molecule resulted 
from sp^d bybridisiation. 
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atoms which are also same, 
nature of the five j/jV hybrids 


This fact confirms 
orbital (Fig, 5-37). 


the 


non-equivalent 


Ui) :SF 4 molecule. The excited-state configuration of sulohur 
atom (central atom) is 3/>,» 3/?^' 3/t..', 3rf,2>. On hybridisation 

ha7n t" Tr“^ -bitals one of ^ich 

nas a tp The remaining four which contain one electron each form 

four a-bonds with four singly-filled 2 /, 2 -atomic orbitals of four LZ 

lonen."' position, since in this ca^e the 

lone-pair repulsion is minimum. Due to the presence of a In SF 
iinoleculc has a distorted trigonal bipyramidal shape and bond angles" 

Fig 5 38)^^'"®^° respectively 



Fig. 5 38. Formation of distorted trigonal bipyramidal SF« molecule by 
spM hybridisation (6pT=4. pair of dots on sulphur atom repre¬ 

sents a tp. 


(u) iCIF, molecule. The 3y, 3p„ 3/7,, 3p. and 3rf„ atomic 
orbitals of the excited-state configuration of chlorine atom (cem 
tral atom) vtz 35> 3p.» 3p,r 3/7/, 3d.,^ on hybridisation form ZJsl^d 

three CI-Fo-bonds by Overlapping with half-filled 2p, orbitals of 
three fluorine atoms while the remaining two hybrid orbitals which 
conuin tp s do not participate in bonding, /p’s occupy the equatorial 
posi tmns. Due to the greater repul.sion caused by the presence of two 
p j the molecule has distorted trigonal bipyramidal shape The 
molecule is actually known to have T-shaped structure. On account 

87-6^|S'Fig '5-39)~^'~^ 



S'i^ture of Co\alent Bund and Shafts of Moieouies 



Fig. 5-39. Formation of T-shaped CIF 3 molecule by hybridisation 

(bp's = 3. /p's - 2. F:ach pair of electrons on chlorine atom represents a /p. 


(IV) ■XeF,'' molecule. The Ss, 5 pz, atomic 

cf ,h; -'’t .ft™ 

fSy hybrid Tt’of these which are sinsly-occupied are 

Sed fo Yorm two F- Xe-F a-bonds by overlapping with half-filkd 

2 pj-atomic orbitals oflwofl io- 
rine atoms wliilc the remaining 

three hybrids which are occupied p 

by Ip's do not participate in 

bonding. The Ip's occupy the ^ 

equatorial positions. XeF2 mole- (j_• 

cule has thus linear shape (.ree - /• 

Fie, 5-40). f 

"v Xe / 

(v) ;XcOFj molecule. Flee- ' 

tronic configurations of xenon v, 

atomtcentral atom) in the gro- ^ ^ ^ 

und state and in the excited state .0 

are SxF 5 /i/ 5 ;.,^ ’-V/ and 55*. 

5p** 5py^ 5ptf yd Ti-yi res- p- 

pectiv^ly. 55, 5pz, 5p, 5/i. and I" 

atomic cirbitals of the «ci- Foimation of lincai XeFi 

ted state configuration hybiiCisc hybiidisaiion d.p's--^ 

to form five sp^d hjbrid orbitals, j 3, l-.ach pair of electrons 

5<fi2 Vi orbital does not parti- represents a Ip- 

sic if ,l:«e'“d°'irhiSrie ,,ngl,.c,cc»picd .a„d Ihcreicrc 

med if form wo Xe-F bonds will, two floor.nc alon.s and one 
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Xe—O (j-bond with oxygen atom. In both the cases singly-filled 2p, 


orbital of fiuonne and oxygen is 
used. (F->2s*, 

2p** 2p/ 2pgi). The remaining two 
hybrid orbitals are occupied by 
two /p's. idpi.yt orbital which has 
not participated in hybridisation 
process overlaps with singly-filled 
2py orbitai of oxygen atom to 
form a Xe—O rc-bond which 
is a dn—p-K 7r-bond. ThusXeOFj 
has T-shaped structure (see Fig. 
5-41). Ip's occupy equaiorial 
positions. 

(5) jpV* hybridisation. (j-l- 
Px+Piz+Pfi-dti + djt^yt AO’s). Co¬ 
mbination of s, px, Py, Pt, dtt and 
djt.yi atomic orbitals gives six 
equivalant sp^d^ hybrid orbitals. 
This type o^' mixing of atomic or¬ 
bitals is called sp^d* hybridisation. 
These hybrids are directed towards 
the corners of a regular octahedron 
from the origin in the ±x, d; y anc 


F 



Fig. 5'41. T-shapcd XeOFzmole- 
cule resulted from sp^d hybridi.sa- 
tior. of Xt. Each pair of electrons 
represents a Ip. ^ 

, i.e., these are pointing away 
! ± z direction of the a;-, y-, and 


+ z 



- z 

Fig. 5 42. Six equivalent sp*d* octakedial hiibWd orbital* formed by 
the coipbination of SrPm> P»» P» and di-»* ’^tomic orbitals, 
r- axes (Fig. 5-42). It is for this reason (Bat these are called octahedral 
hybrid orbitals. The angle between a, pair of the hybrid orbitals is 
equal to 90°. It is obvious from Fig, 5'42 that four hybrid orbitals, 
namely, ^ and are in the xyr^nt and the remaimng two 

(i.e., it and !^*) point along the d-:^andt w-rz axita. , 

The nor^lised equations teptfcsaBfng the Wive functions of 
these hybrids iut: 
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f ^ V(,)+ 








'F(^,) == 

4 i '^w+ 

-v/l 2 

yj i npv)-yj 4- 



— j-y T {d ^ 8 ) 

yj \;'V{Py)- ^ 


-Vt2 

= 1/ -:r T V i 

T{+,) ^ yJ-^-'Vis) - ^ idz*) 

Examples. Some molecules/ions that involve sp^d^ hybridisa¬ 
tion are SF,, AlFg* , SIF,**, PF»" ( 6 e-bonds, Ip =0, octahedral 
shape), ip's, SbFs^ • (5 c-bonds, Ip = 0, square pyramidal shape), 
iXpFg, •BrFi' (4o-boads, Ip’s = 2, square planar shape), Xe OF, 
(5 a h 1 rt bonds, 4> = 1, square pyramidal shape). The atoms in 
thick typt are the central atoms that undergo sp!*d* hybridisation and 
each pair ot dots on them represents a Ip. Ip's always occupy the 
polai positions. 


( 1 ) Sbg molecule. Electronic configuration of sulphur atom 
(central atoBi^ si the doubly-excited state is; 3.v», 3px* ipy'^ 2pi^, 


3d^, 3d^2_yi. 'These orbitals hy- 

bridije to form six equivalent sp*d* 
hybrid orbitals.- All the six hybrid 
ofbitals which are singly,:filled oyer- 
lap with singly-occupied. 2 pi orbitals 
of six nuwtine atoms td form six 
S—F a-bonds-. Thus.wfc get an octa¬ 
hedral SFg Yrroltcule -in which all 
S—F bonds are equal and F—S—F 
angle equal to 90” (Jce Fig. 5-43). 

(li) ;IFs and tXeEg molecules. 
In IF 5 molecule iodine is the central 
atom whose electronic configura¬ 
tion in the doubly-excited stale is : 


F 



F 


Fig. 5'43. Octahedral SFg mole- 
. cule resulted from hybridi¬ 

sation {bp’s a. 6, /p _ ni. 
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55 *, 5p/ Sptf-, 5d^ These atotaiM: orbitals when hybri¬ 

dised give six equivalent sp^d* octahedral hybrid orbitals. Five of 
these hybrid orbitals are singly-occupied and, therefore, overlap with 
five singly-filled Ipf-aXomic orbitals five fluorine atoms to form 
five I—F a-bonds. Sixth hybrid orbital which is at the axial position 
of the octahedron is occupied by a Ip due to which the shape of 
[F 5 molecule is not regular octahedral bqt it. is square pyramidal 
{see Fig. 5-44). 


On the basis of similar* arguments if can be shown that XeF 4 
molecule iii which xenon [Xe (in doubly-excited state) 5s*, 

5p,* Sp.^ 5<f,f atom isthe central atom ii also formed by sp*//* 

.hybridisation. This molecule has bp's'^ A and h's = 2. Two /p’s 
occupy two axial hybrid o-bitals. Due to the presence of /p’s the 
tn 0 S:cuie is square planar in shape, (see Fig. 5-45). 


F 



Fig. 5'44. Square pyramidal IF 5 
molwule resulted from sp^d* hy¬ 
bridisation. Pair of dots repre¬ 
sents a Ip on iodine atom. 


•• 


I 



I 

I 


Fig. 5-45. Square planar XeF« mole- 
wle formed by hybridisation. 

Pair of dots represents two Ip's- 


(»0 XeOF4 molecale. In this molecule Xc-atom is the central 
atom whose electronic configuration in the triply-excited state 
is 5s*, 5p,* 5p/ 5p,i, 5</^, ^‘^t._ys 5s, 5p„ 5p„, SpJ, 5</^, and 

yt atomic orbitals hybridise to give six sp*d* hybrid orbitals. 
5<4„-atomic orbital docs not take part in hybridilsatiomprocess Five 
hybrid orbitals are singly-filled while the sixth one is occupied by a h 
Four out of five hybrid orbit^s which are singly-filled overlap with 
singly-occupied four 2p-atomic orbitals of four fluorine atoms (F-> 2 s* 
2p** 2py* 2pt^) to form four Xe—F o-bonds which are sp^d*—p o- 
bonds. Similarly the remaining fifth singly-occupied hybrid orWtal 
forms a Xe—O a-bond with singly-filled ^-atomic orbital on oxvsen 
atom (O ->■ 2 p** 2 py* 2 p,f). 5<4, atomic orbital of Xe-atom which 

has not participated in hybridisation process overlaps with the remain 
jng singly-filled 2 p-orbitaJ of oxygen atom to form a Xe—O 7 t-bond 
foxvgenatomhas two singly-filled 2 p-orbitals) which is a dw—p-n- 
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bond. 



•• 


Fig - 5*46. Square pyramidal shap« 
of XeOF* resulted from hybri¬ 
disation (bp's = S, Ip = 1). 


Due to the presence of a /p in one of the six hybrid 

orbitals the shape of the molecule 
is square pynuniidal as shown in 
Fig. 5-46. Thus XeOFi molecule 
has five o- and one w-bonds. Ip 
occupies the hybrid orbital situa¬ 
ted at the axial (i.e. polar) posi¬ 
tion. 

(6) sp^d^ hybridisation (s-f- 
+ AOs). 

Combination of these atomic 
orbitals gives seven sp^d^ hybrid 
orbitals which arc directed 
towards the corners of a penta- 
gonal-bipyramid. These arc not^ 
equivalent hybrid orbitals. Five 
of them point towards the vertices 
of a regular pentagon while the other two are oriented perpendicular 
(90°) to the plane containing the first set of five hybrids. 

Examples ; (i) IF, molecule. Electronic configuration of iodine 
atom (central atom) is Ss*, 5p.K In order to make available 

seven singly-occupied orbitals for hybridisation one 5r and two 

electrons arc promoted to the vacant high energy 5dyt and 
5d orbitals. These seven atomic orbitals then hybridise to form seven 
5 p»d» hybrid orbitals all of which are singly-filled and, Uicrefore, over¬ 
lap with seven singly-occupied 2pi atomic orbitals of 
atoms to form seven I-F J-bonds. All these are sp»d^-p. ^-bonds 
and the molecule is pentagonal bipyramidal in shape (see Fig. 5 ). 

Axial I—F distances are not the same 
as equatorial I—F distances. This 
confirms the non-equivalent nature 
of sp^d^ hybrid orbitals. 

(ii) XeF, molecule. In this 
molecule Xe-atom is the central atom 
whose valence-shell configuration is ; 

5s\ 5pv* W- 1“ ‘he triply- 
excited state its configuration 
becomes ; Ss*, 5p*r 5/7„* 5pt^, 

5dyt^ These orbitals are hybri¬ 

dised to give seven sp^(P hybrid orbi¬ 
tals one of which is occupied by a 
Ip while the reraaifting six are singly- 
occupied. These singly-filled hybrid 
orbitals overlap with 2p* atomic orbi¬ 
tals of fluorine atoms to form o- 
bonds. Thus XeF, has a pentagonal 
bipynunidal structure with one Ip re¬ 
siding in the hybrid orbital at the 
axial position (see Fig. 5-48). 



Fig. 5-47. Pentagonal bipyrami¬ 
dal IFf molecule resulted from 
jp*d* bybiidiudont 
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Fig- 5-48. Pantagonal bipyra- 
midal shape of XeF* with one 
axial position being occupied 
by a tp. 

(7) dsp'^ hybridisation (J+F* 

+Py + y 2 AO’S). Combi¬ 
nation of these atomic orbitals 
gives four dsp- equivalent hy¬ 
brid orbitals which are directed 
towards the corners of a square 
in the .y>- plane, t.c., these hy¬ 
brids point away from the 
origin in the and direc¬ 
tions o'" X- and v- axes (Fig. 

5 49). 

( 8 ) dsp'' hybridisation (5-|- 

Px+Pv-^-Pi-^'^x- -y^ AO s). Com ^ ^ Fivc-square-pyramidal <fep* 

bination of these atomic orbi*' hybrid orbitals, 

tals gives five non-quivalent ds[^ 

hybrids which are directed towards the apices nf a square pyramid.. 
Four orbitals form the basal set of equivalent orbitals, while the 
remaining fifth hybrid orbital (shown as shaded orbital m 'Pig. S-50) 
is the axial orbital.. 

Some Important Results . 

The formatfoil of cr- and »^bonds to. differenf' mblecules/ions 
which we have considered so far di$C(os«s the lollowing'faCts 

(/) Single bonds are always a-bonds. double bOhda have one 
CT- and one --bond and triple bonds are composed Of one (Pr aqd two 
Tc-bonds. 

(ii) The. shape of a moleb'-"' s . ^nti^ly 'determined by 
a-bon-iS and .generally Tr-bonds.: ;'’ C)' ctoirit, e:g., co isider 

the shapes of CH 4 , NHj ^ H^O •' ;ies Although the espec- 
tive central atoms in all these ‘"ca-ics .ijc sp* Jaybiidis<. d, yei 
their shapes axe different. Tins' of the fact that these 
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molecules have diflFerent number of e-bonds (CH4-4e.bonds, 
NHja^So-bonds, bonds). 

(Hi) If the Aumber of electron-pairs used in the formation of 
e-bonds plus Ip's in a molecule/ion is equal to 2 or 3, the central 
atom will undergo sp or jp* hybridisation respectively. In a multi* 
pie-bonded molecule {i.e. a molecule having a-|-7t boiids) which has 
bp's-\-lp's=r=2 or 3 (i.e. sp or sp* hybridisation), w-bond, if present, is 
^ Pn —Pn ''^bond. In this case the central atom has a p-orbit^ 
available to overlap with a p-orbital of the adjacent atom to form 
Prt —Pn w-bond. On the other hand in a multiple bonded mole¬ 
cule having bp's+lp's=M4, 5 or 6. the w-bond will be p„ —d„ n-bond. 
In this case the central atom uses all its p-orbitals for hybridisation 
and has only d-orbitals available to overlap .with p-orbitals of the 
adjacent atom to give p„ —d„ rt-bond. 

The formation of p„ —p„ n-bond is common for the second 
period elements and is not important for the. elements of third and 
higher periods. The p„ —d„ n-bonding is more favourable than 
the p„ —p„ n-bonding for higher ^toms i.e. atoms of third and higher 
periods, since in these cases <^orbitals project out in the general 
direction of the bond. 

DELOCALISED OR EXTENDED k-MO’s 

In molecules like ethylene or acetylene, the n-MO’s formed 
are localised (i.e. bi-ceutric) between the two bonded atoms. But it 
must be remembered that all the electrons in a molecule repel all 
other electrons and attract all the nuclei so that the idea of loca¬ 
lised MO’s is only an approximation. There are some poly-atomic 
molecules and ions in which the electron pair in the n-MO is not 
necessarily confined to the individual pair of bonded atonu but is 
extended or delocalised over the whole molecule or iOn i.e., the 
it-MO’s belong to the molecule as a whole and not just to a pair of 
- bond^ atoms. These w-MO’s extend over all the nuclei i.e. are 
associated with more than two nuclei and the electrons move in the 
region encompassing all the nuclei of the molecule or ion. 

To discuss the formation of these delocalised MO’s let us 
consider the structure of SOt molecule. This molecule has a delo¬ 
calised it-MO. 

Recalling the octet rule the following structures can be written 
for SOf. To distinguish the two oxygens these have been designated 
as 0« and 0». 
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The actual structure of SO, molecule in regarded as a reson¬ 
ance hybrid of the above structures. Here we shall discuss the 
banding in (III) and (IV) structures only. O—S—O bond angle in 
SO, molecuW is appro,xinu.tely 120* (actt^ VaIue=lI9-5'’) which 
suggests that it is formed by sp* hybridisation. In structures (TIT) 
and (IV) S+, Oo' and Ob all are sp* hybridised. For the tme being 
let us consider structure (HI) in which 2r, 2p, and 2pt atomic orbitals 
of S+ (S+^2y*, 2p,‘ 2p,») hybridise to give three sp* hybrid 

orbitals out of which one is occupied by a/p and the remaining 
two arc half filled. 2p,-atomic orbital which is half-filled docs npt 
participate in hybridisation process. Similarly 2s, 2ps and 2p, atomic 
orbitals of O," (0'-*-2s* 2px* 2p^*2p^) and Ot (0-^2s*, 2p^ 2p/ 2p,^) 
also give three rp* hybrid orbitals. Two hybrid orbitals of both 
oxygen atoms contain Ip's. Ipp atomic orbitals on each oxygen atom 
remain as pure atomic orbitals, since they do not participate in 
hybridisation process. In O.' 2p„ orbital has a Ip while that in Ot is 
singly filled. Thus S+, O,' and Oj have /p’j=l, 3 and 2 respectively 
as shown below. 

Oa--.. {sp*)* (sp*)* (sp*)\ 2py* (Ip's^i) 

-» (sp*)* (5P*)* (sp*)S 2p* {lp=\) 

Ob —► (sp*)* (sp*)* (sp*)*, 2p„i (Ip’s=2) 

The singly occupied hybrid orbital on S+ overlaps with the 
singly-occupied hybrid orbital on O,' to form a S+—Oa'<r-bond 
which is a sp* —sp* <j-bond. Similarly the other singly-filled hybrid 
orbital of overlaps with singly-filled hybrid orbital on 0» atom to 
form a S^—Ob a-bond. This is also tt.sp*—sp* e-bond. Now 2py orbital 
(singly-filled) of overlaps laterally with 2py orbital (half fillcd) of 
Oft atom to form a S+—-Oft rc-bond (or a rt-MO) which is a p„ —p^ 
Tc-bond. Thus structure (III) has two S+—O,' and S +—Ob e-bonds 
and one S’*"—Oft n-bond (or k-MO). 

Now if we consider structure (IV) we shall have two S+—0*“ 
and S+—Oa e-bonds and one S+—O, ie-bond. Actually the elec¬ 
tron-pair in n-MO is not localised in one S—O region, but is 
delocalised ( extended) over both S—O bonds, l.e., the electron- 
pair in it-MO is free to move all over the molecule (see Fig. 5-51). 
The de-localised n-MO which extends over the whole molecule has 


Delocalised TT-MO 



Fia. S'51. Structure of SO, having two o-boQdt and one de¬ 
localised (or extended) n-MO. Ddlocalised n-MO 
can also be shown by dotted Unea 
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been- obtained by the superimposition of S^—O* and S+—O, 
it-MO’s. Actually all the three 2py atomic orbitals of S+, O*' and 
Ok which'.have participated, neither in rp* hybridisation nor in 
n-bonds formation overlap together and form a de-localised x-MO in 
which alHhe four 2/?y-electrons (two electrons of Oa* in Ip^ orbital 
+ode electron ofS+ in Ipy orbital +one electron of O* in 2p, 
orbital) axe wandering. Actually this de-localised n-MO (or 
Tc-Cloudl is not a single MO but is a smear of MO’s and AO’s. 

When do|^ deiocalisatloa occor ? One may ask when delocali- 
Si(tion occurs ? To explain the condition for delocalisation let us 
again consider the caie of SO|. We have seen that after two a-bonds 
have been fonned. and one electron pair on S+ and two electron 
pairs on each of the-two O-atoms have been localised as Ip's, there 
reniaihs in all ^hree 2p„ AO’s perpendicular to the plane of the 
mc^ule (one Tpy-AO on each of the three atoms) which have not 
so far participated in overlapping process and contain two electron 
pairs. 

Thus thd number of AO’s is more than that of electron pairs 
still to be used. Whenever alternative electron pair structures can 
be written, it is found that the number of orbitals left unused is 
more than the nuinber of electron pairs, once the a-bonds and /p’s 
have been assigned. It is under this situation that delocalisation of 
electrons over all the remaining orbitals results. 

ELBCniON DEFICIENT COMPOUNDS 

The compounds in which the number of usable orbitals is 
giccaitei than the number of electrons, to use all the orbitals, are 
kpoWn as electron deficient compounds. 

In other words the molecules in which there are not enough 
electrons to form two-electron bonds between the atoms are called 
^ctron d^cient molecules, e.g. (BHs)t, [Be(CH,),]„ [A1(CH,),], etc. 
are electKn deficient molecules, since they do not contain enough 
electrons to form the two-electron bonds between the atojns. 

Electron deficient compounds are given more by the elements 
of ni A «oup than those of any other group, because the atoms of 
III Ajgrimp have the tendency to be 4-cov^ent but have only three 
valencc elf^trons This, however, does not lead to the pro¬ 

perty -of electron deficiency in all types of compounds, e.g., the 
trivalcnt halides such as AICI3 are not electron-deficient. 

To discuss the structure and bonding in electron deficient 
molecules w.. shajl discuss diborane (BjH,) as an example. 

Stmeture vai Bonding of BtH«. 

The ethant-lflce structure and the ionic form, (H+)t (B,H 4 )*-are 
now to be incorrect. 

Electron diffraction jstudies Have shown that BjH, has a hy- 
didHBOkbcidged structun^ as shown in Fig. 5 52 in which two irregular 

tetMdledf« h«ve one, cdglB in common. Thus two boron atoms 
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{represented as B* and and four hydrogen atoms (called terminal 
H-atoms and hence represented as H,-atoms) lie in the plane of the 
paper (i.e., these are co-pIanar) while the remaining two H-atoms 
(called bridging H-atoms and hence represented as H»-atoms) are 
located centrally above and below the plane having two B-atoms 
(B'^ and B^* atoms) and four H-atoms more or less bridging the 
borons and B** and thus prevent the rotation between the two 
B-atoms. Specific heat measurements also confirm that rotation is 
hindered. 



Fig S.S2. Bridge type structure of diborane 

From Fig. 5-52, i,t is evident that length of B^ —Hj bond = 
length of B** — H* bond which is equal to M9 A*. This bond 
length is almost equal to that expected for a single bond given by the 
sum of the single-bond normal covalent radii of boron and hydrogen, 
i.e. Tb -f th which is eq»al to 0‘85+0'30 = M5 A 55 M 9 A- On 

the other hand B* —H* =4 B** — H* = 1-33 A>’-b + rH=115 A 
indicating the presence of fractional bond. 

Facts sapporting the iMge strnctore. (i) Nuclear magnetic 
resonance study and Raman spectra have shown that four hydrogens 
namely Hratoms are of one type while the remaining two namely 
H./ atoms are of different type. 

(if) Specific heat measurements have shown that the two ends 
of the molecule cannot be rotated against each other.- this hiadered 
rotation clearly indicates that the two bridging hydrogen atoms (/.e., 
H» atoms) lie in a plane at right angles to that in which th^ two 
boron atoms (i.e.. B^ and B^^) and'the four termiqai -hydrogen 
atonu {i.e., four Hj-atoms) lie. ^ 

{Hi) One of the most revealing reactions of B^H* is a redistri¬ 
bution reaction that occurs with methyl borane, BMej. 

BtH« -h BMe* ^ ]3iH«Me + B»H*Met -h BjHgMei 
' ' Dl-borane derivatives 
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Only the B— H bonds are subject to hydrolysis in these di- 
borane derivatives and hence the location of methyl groups may be 
determined from the hydrolysis products. 

Hydrolysis of BtHtMe 4 gives Me,B(OH), showing that a maxi¬ 
mum of the two methyl groups may be joined to a given B-atom 
in the dimer. Hydrolysis of B,HsMea gives MeiB(OH) and 
MeB{OH) 2 , i.e. 1, 1, 1-trimethyl di-borane does not exist. This 
suggests that all the six hydrogen atoms in B.H, are not equi¬ 
valent, a suggestion which is completely supported by structural 
studies. 

{iv) All the four terminal B—H bonds have the same length as 
those in borone-carbonyl, which is not electron-deficient. The elec¬ 
tron-deficiency in B,Ha lies with the B* — Hs—B** bridge system 
in which B'^ — Ht or B‘* —Ha bond is abnormally long. 

Explanation of the formation of hydrogen-bridge in terms of 
MOT. According to MOT the hydrogen bridge, B^ — Ha—B*J« in 
B»He is regarded as a three-centre, two electron bond denoted as 
{3c—2e) bond. This (3c—2e) bond is a special type of bond which 
is formed by two electrons and which binds three nuclei together, 
namely B^ Ha and B”' Thus BjH* molecule has two (3c—2e) B* — 
Ha—B** bonds. On the basis of MOT, the formation of two 
(3c—2e) B* —Ha—B** bondr in B*H, is explained as follows : 

We know that boron atom has the configuration : B- *2s*p^. 

The promotion of one of the two 2j-clectrons to 2p-orbital gives 
three unpaired electrons (B ——► 2s^ 2/7»* 2p^^ 2p»*). The hybridisation 
of the orbitals cuutaining the unpaired electrons {i.e., 2s-, 2p^ and 
2pf- AO’s) together with the empty AO, namely, 2p, orbital gives four 
sj^ hybrid orbitals : three containing one electron each and the fourth 
one empty. 

Now in terms of MOT, the. 3-centrc bond, B^ Ha — B^^ 
(or more correctly to call a 3-centre MO) results from the overlap 
of 1 j-AO of a bridging H-atom (/.«., Ha-aiom) with two ap»-hybrid 
orbitals : one from each boron atom. For the formation of a 3- 
centre MO, one of the s/»*-hybrids must be empty. A second 3-ccntre 
MO also arises in a simihu: way. 

The formation of a. 3-centre MO is shown in Fig. 5-53. The 
two 3-centre MO*s are^ indicated t by two lobes (upper and lower) 

which axe of the banana shape. Each lobe links two B-atoms (B^ 
and B^) and one bridging H-atom (i.e.rEb‘atom), but encloses only 
two electrons. A 3-centre MO is also sometimes called a banana 
bond- Thus each of the two (3c—2e) B* —H»— B** MO’s involves 
three nuclei or atoms (namely, B*' H» and B**) bonded together by 
only two electrons wfawh are delocidised (mobile) between the three 
r entw M. Clearly these two SKxntre MO’s are^rmed by sp^-s-sp* 
overlap. 
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The four (2c-2e) B-Hj a-bonds {i.e. two Bi —H| and two BU_h, 
^bonds) arise from the overlap of the remaining two in*-hybrids 
(each haying one electron) of each B-atom with Ir-AO’sof Hr 
atonu. Thus these four (2c—2e) cr-bonds are formed by sp^~s 
overlap. The 3c—2e bond is called an open (3c—2e) bond. 



Fig. 5-53. Formation of two (3c-2e) MO’s (or o-bonda) in B.H. 
on tbe basis of MOT. 

Thus we see that B|H« has the following two types of bonds : 
(0 Four terminal (2c—2c) boron-hydrogen o-bonds • two 
B‘ —H| <T-bonds and two B“ — H| o- bonds and * 

(/i) Two (3c—2c) hydrogen bridge bonds. 


Both (2c—2e) and (3cv-2c)-bonds are merely simple soecial 
caaesi of multi-centre Iwnds, which may be four-, five-, six-. irndTin 
general, n-eentred bonds [denoted as (»c—2c) bonds] ' 


Kefcreaces 

See the references of chapter 4. 
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Following are the important modern concept of acids and 
bases: 

1. ARRHENIUS CONCEPT-THE WATER ION SYSTEM 

According to this concept, an acid is any hydrogen containing 
compound which gives H+ ions iaqueous solution and a base which 
gives OH" ions in aqueous solution. Thus HCl is an ^id and NaOH 
IS a base and the neutralisation process can be represented by 
a reaction involving the combination of H"*" and OH ions to form 
H,0. 


HCl ^ H+ + cr 

H20 

NaOH ^ Na+ + OH 
H+ + OH"-» H,0 

Utility, (i) Since the reaction representing neutralisation pro¬ 
cess involves the combination of H+ and OH' ions, the approxima¬ 
tely constant molar heat of neutiralisation would be expected. Thus 
the constant heat of neutralisation of a strong acid by a strong base 
is readily understandable in terms of this concept. 

(ii) This concept has offered a means of correlating catalytic 
behaviour with the conccnttation of the H+ ion. 

Limitations. (») According to this concept, HCl is regarded as 
an acid only when dissolved in H,0 and not in some other solvent 
5 uch as CsH, or whei* it exisL' in the gaseous form. 

(it) It cannot account for the acidic and basic character of the 
materials in non-aqueous solvents, e.g., NHiNO* in liq. NH 3 acts as 
an acid, through it does not give H+ ions. Similarly many organic 
materials and NH 3 , which do not have OH" iOns at all, are actualK' 
known to show bapic chavacler. 
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(Hi) The neutralisation process is limited to those reactions 
which can occur in aqueous solutions only, although reactions involv¬ 
ing salt formation do occur in many other solvents and even in the 
absence of solvents. 

(iv) It cannot explain the acidic character of certain salts such 
as AlClj in aquous solution. 

-THE PROTON-DONOR-ACCEPTOR 


2 BRONSTED-LOWRY THEORY 
SYSTEM 


Bronsted and Lowry in 19i3 independently proposed a more 
eeneral definition of acids and bases According to them, an acid is 
defined as any hydrogen containing material (a molecule or a cation 
or an anion) that can release a proton (//+) to any other substance, 
whereas a base is any substance (a molecule or a cation or an anion) 
that can accept a proton from any other substance. In short, an acid 
is a proton-donor and a base is a proton-acceptor. 

f Molecular : HCl -- H+ Cl - 

Bronsted \cationic : [Al(H,0),f<--*-+(Al(H,0)staH))*+ 

[Anionic . HCO 3 -- H+ + CO,* 

S Moleadar ; py + 

Cationic : (Al(H,0)s (OH)]*+ -rH+ --►tAl(H»a),f+ 

Anionic ; HCO 3 ' -1- H+-► H,COs 

py stands for pyridine molecule 


one proton (H-t') going to Cl- 


+ 


Cl 


Conjugate Acid-Base Pairs 

Consider a reaction 
on e proton (H+) going to HrO 

! 1 

HCl -f H.O ^ 

In this reaction HCl donates a proton to H^Q and is, there¬ 
fore, an acid. Water, on the other hard, accepts a proton from 
HCl, and is, therefore, a base. In the reverse reaction which at 
equilibrium proceeds at the same rate as the forward reaction, the 
H, 0 +ion donates a proton to Cl' ion, nence H 3 O-.. .on is an acid. 
Cr ion, because it accepts a proton from H 3 O+ ton, is a base. Acid 
base pairs such as 

—H+ —H+ 

HCl cr and H,0+ ^ H,0, 

the members of which can be formed from each other mutually by the 
gain or loss of proton are called conjugate acid-base pairs. 

If in the above reaction, the acid HCl is 
conjugate base viz. Cl' as Basej and further, it PiQ is ^signatM 
Base, and its conjugate acid viz. H,0+ as Acid,, the equilibrium.can 
be represented by a general equation 
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Table 6*1. Acid-Base Chart containing some common 
conjugate acid-base pairs. 


Add 


Conjugate Base 


Name [In the order of 
decreasing strength 
as an acid i e-, Ka 
decreasing) 

Perchloric acid 
(Strongest acid) 

Sulphuric acid 

Hydrogen chloride 

Nitric acid 

Hydronium ion 

Hydrogen sulphate 
ion 

Phosphoric acid 

Acetic acid 

Hexa aquo aluminium 
(III) ion 

Carbonic acid 

Hydrogen sulphide 

Ammonium ion 

Hydrogen cyanide 

Hydrogen carbonate 
ion 

Phenol 

Water 

Ethyl alcohol 

Ammonia 

Methyl amine 

Hydrogen 

Methane 
(Weakest acid) 


Formula 

HClOs 

HtS 04 

HCI 

HNO, ] 

HaOi- I 

HSO4- I 

I 

HsPOs 

CHsCOOH 

[AI(H, 0 )*)»+ 

HsCO, 

HsS 

NH4+ 

HCN 

HpOs- 

CsHsOH 

HsO 

CiHsOH 

NHs 

CHsNHs 

% 

CHs 


Formula 

Name {In the order of 
increasing strength as 
a base i.e-, Ki, 
increasing) 

CIO4- 

Perchlorate ion 
(Weakest base) 

HSO4- 

Hydrogen sulphate ion 

cr 

Chloride ion 

NQy- 

Nhiuie lor. 

HjO 

Water 

SO4*- 

Sulphate ion 

H»P 04 - 

Dihydrogen phosphate 
ion 

CHjCOO- 

Acetate ion 

lAKHsO)* 

(OH)]*+ 

Hydroxo penta aquo 
aluminium (III) ion 

HCO3- 

Hydrogen carbonate 
ion 

HS* 

Hydro sulphide ion 

NHs 

Ammonia 

CN- 

Cyanide ion 

CO3*- 

Carbonate ion 

vsHsO- 

Phenoxide ion 

OH- 

Hydroxide ion 

QHsO- 

Ethoxide ion 

NH,- 

Araide'ton 

CHsNH- 

Methyl amide ion 

H- 

Hydride ion 

CHs- 

Metbideion 
(Stnmgest baie) 
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Conjugate acid-base pair 


Acid, - 1 - Bases Acid, + Base, 

(HCI) (H,0) (HsO+) fCI-) 

1 ---^_I 

Conjugate actd>base 
pair 

This is the fundamental equation representing the relation¬ 
ship between an acid and a base on the basis of Bronsted concept. 
Thus on the basis of this concept Acid, and Base, form one conju¬ 
gate acid-base pair and Acid, and Base, form another conjugate 
acid-base pair. ■ 

Two important axioms of the Broqsted concept and position of 
equilibrium in acid-base reactions : 


Let us again consider the reaction 

HCI. + H,0 ^ H,0+ + 


acid, 


base. 


acids 


ci- 

bascj 


In the equilibrium mixture two adds HCI and ,on are 

competing to donate ptotons-to a base. Since HCI wins it is th^ 
stronger acid. Similarly two bases. H,0 and Cf ion, are wmDetino 
to accept protons. Here HjO is the stronger base. It will 
that the stronger acid, HCI, has the weaker conjugate base Cl' ion 
Md the stronger base, H,0, has weaker conjugate acid, H 3 O+ ion 
The stronger acid arid weaker base form one conjugate acid-base pair 
and weaker acid and stronger base form another coniugate acid W 
pair. Some common acid-lme pairs are listed in acid-basreS 
given in Table 61. From this chart it is quite evident that HCIO 
IS the strongest acid J its conjugate base CIO,-ion, is consequent 
the weakestjiasc. CH, and H, are the weakest acids ; their coniu- 
f?ronJ?st ba^«* ^ respeciively, are consequently the 

As a stronger acid, HQ is highly ior ijed even in concentrated 
aqueous solution At equil^num. the above reaction proceeds fS 
ito the right, with most of HCI ionised to forib HaO-t-and Cl' ions 
This fact can be illustrated by using arrows of unequal length to 
designate the forward and reverse reactions respectively. Thus 

Stronger Acid-b Stronger Base Weaker Acid+Weaker Base 

HCI -1- H,0 H,0+ + cr ...(i) 

lies Jhe St" equilibrium 

In the ionisation of CH,COOH in H,0, equilibrium is reached 
when the reaction nas proceeded to the right only to a sliuht extent 
rtrtonly a,mu fm.k,n„f .h. CH.COOH KnV'lf.h:S 


Weaker Acid-f Wfeaker Base 
Ci^,COOH-|- 


Stronger Acid-4-Stronger Base 
H»0+-F CH,COO- ...(2) 
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Here the longer arrow indicate* that the position of quilibrium 
lies to the left. 

Evidently H3O+ ion in equilibrium ( 2 ) is stronger acid and 
CHjCOO' ion is a stronger base. It is also evid- n, ih i the stronger 
acid ion has the weaker conjugate base, HjO and the stronge- 
base, CH3COO has the weaker conjuga.tc acid, CH,COOH. VVe 
thus see that all the proton transfer reactions vi.e., protolysis reac¬ 
tions) run downhill to form predominantly the weaker acid and 
the weaker base. 

Relative Strengths of Acids and Bases 

According to Bronsted concept, a strong acid has a strong 
tendency to donate a proton and a strong base has a strong tendency 
to accept a proton At least two general methods are generally used 
for the comparison of relative acidity of given acids. 

( 1 ) The hrst of these consists of making a comparison of 
proton-donating tendencies of different acids towards the ame base. 
For moderately strong acids, HjO is generally used as the base. 
Suppose we have to compare the acidic strengths of CH 3 COOH and 
HCN. Experimentally it has been observed that the ionisation ot 
acidity constant, Ka, for CH 3 COOH and HCN at 25' is l-8xl0'‘ 
and 4-Ox 10'*® respectively. 

CHjCOOH -f H..0 H,0+ ~ CrfgCOO (Kc-1-11 x lO"®) 

HCN -f H,0 H,0+ h CN' (Ka=--4 0x 10-»») 

CKsCOOH is, therefore, a stronger acid than HCN and CN" 
ion is a stronger base than CH,COO ion. 

(») The second method is the competitive protolysis method, la 
this method one acid is added to the conjugate base of another 
and the equilibrium concentrations are determined experimentally. 
For example, when NaOCjHs is added to HjO, it is experimentally, 
seen that OCjHs ion, which is the conjugate base of CjHjOH reacts 
fairly completely with HjO to form CjHsOH and OH" ion. 

Stronger acid Stronger base Weaker acid Weaker base 

H,0 -I CjHsO- CjHbOH -f OH" 

Ethoxide ion, C,HgO" is, therefore, a stronger base than OH* 
and HjO is a stronger acid than QHbOH. 

Periodic variations of acidic^ and basic inarperties. 

The discussion of this topic is made under the following heads. 

(A) Hydracids of the elements of theaame period. We can con¬ 
sider the hydracids of the elements of 2nd period viz. CH*, NH», 
HjO and HF. These hydrides become increasingly stcidic as we move 
from CH4 to HF. Thus CH4 has negligible acidic properties, but 
NH, donates a proton {H+) to strong bases to form NH,“, HiO 
loses a proton even more readily and HF is a fairly strongly acid. 
The increase in the acidic properties cf these hydrides is due to the 
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fact that as we move from CH* to HF, the stability of their conju¬ 
gate bases viz CH,'. NH,". OH- and F' increases in the order : 

CH,- < NH,- < OH- < F-. 

The increase in acidic properties is supported by the successive 
ii^crcase in the dissociation constant values of these hydrides as 
shown ; 

CH«(=10-“) < NH,(=10-“) < H,O(=10-W) < HF(=,10-«) 

(B) Hydracldes of the elements of the same group. The follow¬ 
ing examples make this point clear; 

(i) Hydracids of VA group elements (NH,, ^H,, AsH,, SbH,, 
BiH,). All these hydrides show basic charactpr. With the increase 
in size and decrease in electronegativity from N to Bi, there is a 
decrease in electron density in sp^ hybrid orbital and thus electron 
donor capacity {i.e. basic cliaracttr) decreases. 

(//) Hydracids of VI A group elements (H,0, HjS, HjSe, H,Tc). 
Aqueous solution of the hydrides of this group behave as weak dip- 
rotic acids and ionise as : 

H,R ^ H' -l-HR- 
HR- + 

The strength of the hydrides as acids increases in the order : 

H,0 < H,S < H,Se < H,Te. 

This order is supported by the successive increase of their dissocia¬ 
tion constants as shown : 

HiO(= 1-3x10 “) < H,S(=1-1 xlO ’) < HjSc(2xl0"«) 

< H,Te(=2-3x10-9); 

The increasing acidic character reflects decreasing trend in the elec¬ 
tron donor ability of OH-, HS-, HSe' or HTe' ions. The increasing 
acidic character is explained by saying that as the charge density on 
the conjugate base decreases from OH' to HTe , the proton is less 
tightly held in higher members and, therefore, acidic character in¬ 
creases. 

{Hi) Hydracids of VIIA group elements (HF, HCl, HBr, HI). 
The aqueous solutions of these/lydrides show acidic character which 
increases in the order HF < HCl < HBr < HI. This order is 
explained by saying that as we pass from HF to HI, there is a 
gradual decrease in the bond-energies of H—X bonds (H—F=135 
kcal/molc, H-^C1 = 103, H-Br=88, H—1=71)., This decreasing 
order of bond energies increases the tendency of HX molecule to 
split up into H+ and X' ions in aqueous solution and thus the acidic 
character increases from HF to HI. 

(C) Oxyaclds. (/) The acidic dtaracter of os^acids of the same 
element which is in different oxideti^'stem increases with the increase 
of its oxidation ‘ The following aeries follow this'rule (called 
oxidation number or ojcidatkm state ruh) 

(a) HCl+Q < HCl*+0, < HCF+O, ^ HCF+O, 

{b) H,S«+0, < H,S«J04 (c) HN»+0, < HN»+0,. 
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Expiration. With reference to the oxyacids of haJogens expla- 
nationof the oxidation rule can be given as follows. It is well known 
that the stronger the acid, the weaker will be its conjugate base and 
vice versa. How the conjugate bases of the acids are : CIO', CIO,- 
CiO,- and CIO 4 * respectively. The oxyanions in which the central 
atom (/.c. chlorine atom) has larger oxidation number has 
tne larger number of lone oxygen atoms for participation in exten- 
Sion of the n-bond. Thereby the charge on the ion is delocalised 
which greatly stabilises the ion and thus decreases its tendency to 
accept ^ proton i.e., causes the ion to be a very weak base with the 
result that the strength of the acid increases. 


0 

r (3 1 

[0 Cl). [o-CI o], [o-^CI--o], 

1; 

O^-CI-O 

^ 1 

1; 

L 0 J 


nuniber 


+ 3 4 5. 

Charge delocalisation increasing 


+ 7 


Acidiiy increasing and basicity decreasing 


When the oxidation state rule as given above is applied to the 
oxyacids of phosphorus viz. H,P+0„ H,P*+0, and HjF+O^, it is pre¬ 
dicted that the acidic character of these acids should be in the order : 
^sP‘''Oi < H,P *+03 < H 3 P*+ 0 «, but the experimental observation 
suggests the reverse order v/z H,PO, > H,PO, > H,P 04 . 

Explanation. The experimental order can be explained when 
we consider the structures of these acids as given below. In these 
the num^r of protonated and unprotonated oxygen atoms have also 
been indicated. The oxygen atom attached with a proton is called 
protonated oxygen while that attached directly with phosphorus 
(central atom) is known as unprotonated oxygen. 


K O—H 

Structure: '^p ^ 

✓ N 
O H 

H,PO, 

Nature of the acid : monobasic 
No. of protonated 
oxygen atoms ; 1 

No. of unprotonated 


H O-H 

H,PO, 

■dibasic 


H-O O-H 
\ / 

P 

y \ 

O O-H 
H.PO4 
tri basic 

i 


oxygen atoms ; 


,1 

The proton attached to any oxygen atom has a far greater chance 

of dissociation than tfmt linked directly with phosphoms atom SSi 
is the central atom). Thus in this series, since the number of protona- 
fed oxygen atoms and consequently thenumberof dissociable protons 
incre^es from one in H 3 P 0 , to three in H.PO,, the acidity of theS 
acids decreases in the order : HjPO* > HjPOa > H,P 04 . ^ 
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(//) The acUBc character of the oxyacids of different elements 
fhkh are in the same oxidation state decreases with the increase in the 
atomic number of the central atom. The foUowing series follow this 
role (a) HOCi»+> HOBr»+> HOI»+(ft) HCP+O, > (c) 

Explanation. As the atomic number of the central atom 
increases, its electronegativity decreases and its size increases. As 
a result of this the tendency of the acid to lose a proton to water 
decreases. This makes the acid a weaker acid. 


(D) Hydrated metal ions. Under favourable conditi^ms 
one or more protons may dissociate from the coordinated aqao 
groups : 

[M(H,OV]"+ f H,0-»[M(H,0), (0H)](--i)++H,0+ 

Hydrated 
metal ion 

Thus hydrated metal ions also develop acidity. The other 
tmngs being equal, acidity increases with the increase of positive 
fhcr^ and basicity increases with the increase of negative charge. Thus 

stronger acid than fFe(H,0,l*+ ion ahd 
[Ni(OH) 4 ]*- is a stronger base than [Ni(OH) 4 ]' ion. 

.rtinphiprotonic substances. H,0 can act as an acid in the pre¬ 
sence of bases stronger than itself such as NH,, amine, C.HsO' 
ion, OH* and CO,*'ions. 

proton (H+) being transferred 


I 


1.0 

r" 


i 

± _NH, 5=±NH4+-t-OH- 


-l-OH* 


-I 

H,0 + CO,** ;?=:± HCO,* 

t-[H*l—, 

Ha ^p=± H,o+ + a- 

In fact the anaphiprotonic nature of H,0 is well illustrated in 
the extremely slight dissociation or selMonisation : 

Weaker StTooger Stranger 
add base 
H,0 -1- H,0 5=a: H,0+ + OH* 

(K« -1 lOxli}-**) 

The lerelliiig effect, levelling and t^irenta 

The api^nt streng^ of a protonic acid is dependent on the 
solvent in the acid it dissolved. WhenaU the acids in the 
acid chm 61:) which are stronger than H,0+ ion (i.e.. the 

acidsa^ve HaO+'ion in the acid chart nam^ HaO*. HQ 

HsO, th^dSam a SiSTto HW 
to form H/)+ ion and appear to have equal stiwo^ since all f hm 



Modern Concepts of Acids and Bases 


208 

■ S. 

acids are levelM to the strength of HsO-^ ion which is left in solu¬ 
tion and IS common td all such solutions. This phenomenon viz. the 
strength of all the acids becomes equal *;3 that of H*0+ ion is called 
levelling effect of the solvent, water, and here water is called a 
levelling solvent for all these acids. 

In aqueous solution all very strong bases like Na+H', 
Na^NH*', Na+OCtHj are levelled to the strength of OH' ion, for 
they react completely with H»0 to produce OH*ions. 

The solvent in which complete proton-transfer occurs are 
called levelling solvents. In other words, the solvent in which the 
solute is ~100% ionised, are called levelling solvents. Since HF and 
HCI both arc 100% ionised in liquid NH* to give 100% NH 4 + 
ipns, these appear to be of equal strength and^ liq. NH, acts as a 
levelling solvent for HF and HCl. In H 2 O, HF is only partially 
ionised, whereas HCl and HBr are ~ 100% ionised. Thus HjO is 
a differentiating solvent for HF, but for HCl and HBr it is a level¬ 
ling solvent. Several mineral acids are partially ionised in glacial 
CH»c 60H medium because CHjCOOH is a poor proton-acceptor 
but rather a better proton donor. CHjCOOH, therefore, acts as a 
differentiating solvent towards the mineral acids. But, for bases, 
CHaCOOH acts as a levelling solvent. 

Utility of Bronated Concept, (t) It defines acids and bases in 
terms of the substances themselves and not in terms of their ions in 
aqueous solution. Thus HCl is an acid because of the fact that it can 
give a H+ ion. 

HCl H+ + Cl- 

(//) The Bronsted concept recognises that acid-base behaviour 
is neither restricted to, nor depends on, any particular solvent. 

^ 1 ( 7 ) This concept is useful in accounting for the hydrolysis 
pf salt solution. When a salt is dissolved in water, an unbdance in 
the concentration of the solvent cation (HtO'*') and anion (OH~) 
will result, if the salt cation and anion differ in their proton-donor 
and proton-acceptor properties towards HiQ. This point can be 
illustrated by considering the aqueous solution of FeCIs. Aqueous 
solution of FeCI| is acidic, since the proton-donor ability of the 
hydrated ferric ion, lFe(H,0),y+, exceeds the proton-acceptor ability 
of Cl ' ion and a coMiderable excess of HjO-r ion is produced in the 
solution, making FeCls acidic. 

FeCl, -f JcJHtO [Fe(H,0),)»+ + 3Cr 

Aqueous solution of a NatCO, is alkaline in character, because 
the proton acceptor ability of CO|** ion exceeds the proton-donor 
aUlity of hydrated sodium km, [Na(H|0)s]+. 

2x H,0 -H Na,CO, 5 =± 2 lNa(H,0).J++ CXJ,*' 

UmltatfaNiii; 0 Th» concept lays excessive emf^Stt on the 
protondrai^ar. Atlfami^ it is true that most common wi dt are 
protoiBMn nature, yet there are many which are not. 
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(//) There are a number of acid-base reaptions in which no pro¬ 
ton transfer takes place, e.g.t 

SO, + SO, 5=^ SO»+ 4- SO,*' 

Acid, + Base, <—Acid, -f Base, 

Thus the protonic definition cannot be used to explain the 
reactions occurring in non-protonic solvents such as COCl^ S(\, 
NjO, and BrFe,. 

3. GENERAL THEORY OP SOLVENT SYSTEM 

The protonic definition of acids and bases given by Bronsted 
can be extended to the reactions occurring in non-aqueous solvents 
containing hydrogen such as NH„ N,H,, HF, HjSO,, CH,COOH, 
HCN, and alcohols. 

In an attempt to have more general definition of acids and bases 
applicable to protonic and non-protonic solvents, several definitions 
have been proposed. One of these is due to Cady and Elsey (1928) accord¬ 
ing to whom an acid is a solute that, either by direct dissociation or by 
reaction with the solvent gives the anion characteristic of the solvent and 
a base is a solute that, either by direct dissociation or by reaction with the 
solvent, gives the cation characteristic of the solvent. If for example, we 
consider the solvent H 2 O, its characteristic cation and anion are H 30 ''^ and 
OH" respectively as shown below : 

acid base acid base 

H,0-1-H,0 5=± H,0+-|-0H- 

Thus all those compounds which can give H,0+ ions in HaO 
will act as acids and all the compounds which can give OH* ions in 
HaO will behave as bases. 

Similarly in NaO, as solvent substances such as NOCI which 
yield NO-^ ions are acids and the substances such as NaNO, which 
yield NO," ions are bases. 

Acid Base Add Base 

NaO, + N,0, 5=± 2NO+ -f 2NO,- 

Bvldently this definition of acids applies equally well td protom'c 
and non-protonic solvents. 

The auto-ionisation of some protonic and non-protonic solvents 


is shown below. 

Acid 

THaO 

4- 

Base Acid Base 

H,0 H,0+ 4 - OH- 

Protonic I 

NHa 

4- 

NH, ^ NH,+ 4- NH," 

solvents [_ 

CHaCOOH 4 - CH,COOH CH,COOH,+ 4 - CH,COO 

Non- 

fSOj 

+ 

SO 2 ^ S02+ + SO 32 - 

protonic 

BrFj 

+ 

BrF 3 ^ BrFJ + BrF^ 

solvents 

N2O4 


NjO^^ 2NO^ + 2NO3 
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Just as with the Arrhenius definition, neutralisation is a reac¬ 
tion between an acid and a base to produce a salt and the solvent. 
Neutralisation reactions in some non-aqueous solvents are given 
below: 

Acid Base Salt Solvent 

in liq. NHt : NH 4 CI + NaNH, ^ NaCl + 2NH, 

In N 2 O 4 : NOCI + NaNOj NaCI + N*0« 

In C/r, COOH ; HCl + CH,COONa ^ NaCl + CH,OOH 
In liq. SOt : SOdi + lN(CH,) 4 l.SO, 2 [N(CH,) 4 ] CI+2SO, 

It may be. seen from the following reactions that there is a 
complete analogy between the solvolytic and amphoteric behaviours 
in aqueous solvents. 

Solvolytic r In liq. NHj ;AICl 3 + NHj —► [AI(NH»)]»+ + H+ +30' 

behaviour L In HiO : AlCIi + HiO —*■ [A1.0H)1*++H+ + 3CI' 

Amphoteric Tin liq. NH« ;Zn(NH<)s+2NHt- -* [ZhtNH^I,)*- 

behaviour L In H»0 : Zn(OH»).+ :0H- —► iZn(OHj 4 )* - 

Utility of the concept. Evidently this concept of solvent 
system can be used to explain the acid-base reactions occurring in 
aqueous and non-aqueous solvents (protonic and non-protonic both) 

Limitations. (/) This theory does not consider a number of 
■acid-base reactions included in the protonic definition. 

(//) it limits acid-base phenomena to solvent systems only. 
Thus it do« not explain the acid-base reactions which may occur in 
the absence of solvent. 

(/i7) It cannot explain the neutralisation reactions occurring 
without the presence of 10 ns. 

Thus this theory can simply be said to be an extension of the 
Arrhenius water-ion system. 

4. THE LEWIS CONCEPT—THE ELECTR(»4-DONQR-ACCEPTOR 

SYSTEM 

This theory eKpthjns the acid-base phenomena not in terms of 
ionic reactions but in teVms of electronic structure of the acid and 
base s'ong with the fornaation of a coordinate covalent bond. Accor¬ 
ding to Lewis (1923), an .acid is any species (molecule, radical or ion) 
that can accept an electron-pair to form a coordinate covalent bond 
and-tt bate is any specks that can donate an electron-pair to the forma¬ 
tion of a coordinate covalent bond. Thus’, in the Lewis system 
an acid is an electron 'pair-acceptor qnd a base is an electron pair- 
donor: 

Thus according to Lewis theory, the process of neutralisation 
IS srmply the formation of a coordinate bond betwefcn an acid and a 
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base. The neutralisation product, tanned as coordinate complex or 
adduct, may be either non-ionisable or may undergo dissociation or 
COndepfatioa reaction depending on its stability. 


Now consider the reaction between a proton (H+) and :NHj 
molecule as shown below : 

An electron pair from tNHj being transferred to H+ 


H+ 

(proton) 

Acid 


:Nk 


Bate 


(H NH,)+ 
Adduct 


Evidently in the above reaction proton (H+) accepts one 
electron pair from :NHj molecule and is, therefore, an acid, whereas 
iNHs molecule which donates an electron pair, is a base. The adduct 
is NH«+ ion. 

Lewis bases and Bronsted-Lowry bases are the same substan* 
ces, since any molecule or ion which accepts protons does so because 
of the presence of an unshared pair of electrons. In the above 
example NH 3 molecule is a proton acceptor (l.e. Bronsted-base) and 
an electron pair donor (I'.e. Lewis-base). 

Bronsted and Lewis theories are thus identical as far as bases 
are concerned except that the wording used for definition of the bases 
is different in both the theories. Thus NH 3 , H,0, OH", C 1 -, CN* 
etc. are the bases on the Bronsted as well as on the Lewis systems. 
There are however, few compounds such as amides, ethers, nitriles, 
CjH*, C3H3. C,H, etc. which have little or no tendency to accept 
protons but react readily with Lewis-acids. 

Classification of Lewis Acids. 

Any Lewis acid must contain at least onct empty orbital in the 
valence shell of one of its atoms to accept an electron pair from a 
Lewis-base. Kewis-acids may be classified as : . 

(i) Molecules containing a centra! atom with an incomplete 
octet. Typical examples of this class of acids are electron defi¬ 
cient iTTolecuIes such as alkyls and halides of Be, B and Ai. Some 
reactions of this type of Lewis acid with Lewis bases are shown 
below ; 


Lewis Acid 

+ 

Lewis base 

-► Adducts 


FaB 

+ 

0(C,H*), 

-- F,B «- 

0 (C,H 4 ), 

CI 3 AI 

+ 

NCsH, 

-► CI,A1 -- 

NCjH* 

Me,,B 

4- 

N.H 4 - 

—* Me,B 4 - 

N,H. 


(if) Molecules containing a central atom ^th vacant d-orbitah. 
The central; a|om of the halides such a$ GeXt. TiCI*. SnX*, 
PX,, PF 5 , SF4, SeF*. TeCU, etc. .have vacant d-orbitals. These subs- 
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tances can, therefore, accept an electron pair from the Lewis base 
to accommodate in their vacant d-orbital and can thus form adducts 
with a number of halide ions and organic bases. These substances 
are, therefore, Lewis acids. These halides are vigorously'hydrolysed 
by H^O to form an oxy acid of oxide of the central atom and 
the appropriate HX. The hydrolytic reactions take place pres¬ 
umably through the intermediate formation of unstable adducts with 
H,0, 


; (»7) Simple cations. Theoretically all simple cations are poten¬ 
tial Lewis acids. Reactions of some’ cations as Lewis acids with 
Lewis Bases are shown below. It will be seen that these reactions 
are identical withihose which produce Werner complexes. 


Lewis acid Lewis base -> Adduct or Addition 

compounds 

Ammonation : Ag+ + 2(: NH,)—► [NH, Ag *- NH,1+ 


Cu*+ -f 4 (: NH,) 


Hydration : Co*+-f 6(: OH,) 


H 


Akoholation : Li+ -|- : O 




\ 


CH, 



i*+ 


The Lewis acid strength or coordinating ability of the simple 
cations which, aepording to Lewis, are Lewis acids, increases with. 

an increase in the positive charge carried 1>y the cation (h) an 
increase in the nuclear charge for atoms in any period of the perio¬ 
dic table, (c) a decrease in ionic radius, (d) a decrease in the 
number of shielding electron shells. 


Evidently the acid strength of simple cations increases for the 
elements on moving from left to right in a period and from Attorn 
fo top in a group of periodic table. Thus : 

Fe*"*" < Fe*+(positive charge increases, -f2 --► 4 - 3 ) 

lt+ < Na+ (on moving from bottom to top in a group) 
Li+ < Bc*+ (on moving from left to right in a period) 
—-^-stieasth of Lewis acids Increasiag— ___> 

(hr) having a multiple bond between atoms of dlssimi- 

!m tktuo-m^athrky. Tyinral examples of molecules fallj^mthis 
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class of Lewis acids are COt. SO, and SOt. In these compounds the 
oxygen atoms are more electronegative than ^ or C-atom. As 
a result, the electron density of ic-electrons is displac^ away from 
carbon or sulphur atoms which are less electronegative ’ than oxygen, 
towards the O-atom. The C- or S-atom thus b^mes electron defi¬ 
cient and is, therefore, able to accept an electron pair from a Lewis 
base such as OH' ions to form dative bond. 


.. S* J- 

:o=c=o: 

acid 

SO| also reacts in 


r OH n 

*• - I 

:oH —► c 

** 

Lewis liase t O OI 

Bicaxbonaie ion 

the same manner with OH* ion 


r V 

• • h* s- •• .. I 

;o-s=o: -r :oH — ► s 

•• ^ • 

.x\. 

Lewis acid Lewis base O O _ 

Bisulphite ion 

(v) Ele^nts with an electron sextent. Oxygen and sulphur 
atoms contain six electrons in their valence shell and can, therefore, 
be regarded as Lewis acids. The oxidation of SO,*- to SO**- ion by 
oxygen and to S,0,*' ion by sulphur are the acid-base reactions. 

Lewis base Lewis acid Adduct 


so,*- 


SO,* 


+ : O 


: S 


to«-SO,]*- 

[S «-SO,]* 


Utility of Lewis concept. (/) This concept also includes those 
reactions in which no protons are involved. 

(i7) Lewis concept is more general than the Bronsted-Lowry 
concept (i.e. protonic concept) in that acid-base behaviour is not 
dependent on the presence of one particular element or on the pres¬ 
ence or absence of a solvent. - • 

(ill) It explains the long accepted basic properUe$ Of ni<.tain «. 
oxides and acidic properties of non-metallic oxides. 

(iv) This theory also includes many reactions such as gas- 
phase, high temperature and non-solvent reaction as ineutralisa'n^ 
processes. 


(v) The Lewis approach is, hmBeveri of great value; itf ehses 
where the protonic concept is Inapplicable, for exampleTin reaetibn 
oetween acidic and basic oxides in the fused state. 
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Limitationj. (i) Since the strength of Lewis acids and bases is 
found to depend on the type of reaction, it is not possible to arrange 
them in any order of their relative strength. Thus, for example, 
experihients show that fluoride complex of Be*-*-iolt| is more stable 
than that of ion, indicating that Be*^ ion is more/ acidic than 
Cu*+ ion. On the other hand amine complex of Cu*+ is”more stable 
than that of Be®+ ion indicating that Cu*+ is more acidic than 
ion. 


(fi) According to the phenomenological criteria, an acid-base 
reaction should be a rapid reaction. There are, however, many 
Lewis acid-basc reactions which are slow. 

Classification of Lewis Acids and Bases into Hard and Soft Acids 
and Bases ; 

Soft and Hard Bases. Soft Lewis bases are those in which the 
donor atoms are easily polarised and have low electro-negativity. 
Hard Lewis bases arc those in which the donor atoms have low 
polarisabilities and high electro-negativities. Table 62 contains 
some typical bases which are classified as hard, intermediate and 
soft bases. It will be seen that within a group of the periodic table, 
softness of the Lewis bases increa.ses with the increase in the size of 
the donor atonf. Thus, among the halide ions, softness increases 
in the order: F" < Cl' < Br- < I- Thus F' is the hardest and 
I' is the softest Lewis base. 


Table 6-2. Classification of Laris bases as hard, intermediate 
and soft bases {R =alkyl or aryl group) 


Hard bases 

Boderline li e. 
intermediate) bases 

Soft bases 

HjO. OH', F-, CH3COO-, 

SO«*-, CI-, CO3*-. CIO3-, 
NO3- 

ROH, RO-. R2O, NHj, 
RNHs, N.Hi 

C,H*NH*. QHjN, 
Br* 

nc)2-, so**-, N* 

R 2 S, rsh, rS'. r.scN- 

S2O3*', R3P. R3AS, 
(R0)3P, CN-, RNC, 
CO,C*H«.G,H,.H- 


Soft and Hard Acids. A hard acid, like a hard base, is difficult 
to polarise. A cationic hard acid, such as AF+, generally has (/) a 
small size (//) a high positive charge and (Hi) a noble gas electronic 
configuration. 

Soft acids, like soft bases, are readily polarised. Thesctf/) have 
a large size (//) have low positive or zero charge and (//7) do not 
have a noble gas electroniejeonfiguration. 

In Table 6-3 are given some hard, soft and intermediate 
Lewis acids. 
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Table 6‘3. Classification of LAwis acids as hard, intermediate 
and soft acids. 


Hard acids 

■Borderline (l.e. Inter¬ 
mediate) acids 

Soft odds 

H+, Li+.Na+. K+,Be*+. 
Ct*+ 

Fe*+. eo*+. Ni*H, 
Cu*+. Zn*+ 

Cu+, Ag+. Au+. T1+, 
Hg+ 

Sr*+, Mn*+, Al*+, Ga*+. 
ln*+ 

Pb*+. Sn»+, Sb»+. 
Br>+ 

Pd»+, Cd*+, Pt*+. Hg*+ 

La*+, Lu»+. Cr»+, Co>+. 

Fe»+. As*+, Si*+. Ti«+. 
Zr*+ 

TM+ U«+, Ce»+. Sn*+, 
VO*+ 

UO**+, MoO*+, BF*. 

SOj, Ci*+ 

Rh*+. SO*. NG+. 
GaH* 

TP+ BH*. GaOs, InCI, 
I+. Br+. I*. Br, 

Zerovalent metal atoma 

F+. I»+. CO*. (HF), 




SHAB principle and stability of the complex A : B 

The typical Lewis acid-base reaction can be generalised as : 

A + • B ■—» A : B 

Lewis acid Lewis base Adduct or complex 

(acceptor) (donor) 

A concept known as Principle of Soft and Hard Acids and 
BasM (abbreviated to SHAB principle) is very helpful in makine a 
prediction of the stability of the complex A : B. This principle was 
proposed by Ralph G. Pearson (1963). According to this principle 
the complex A : B is most stable when A and B arc cither both soft 
or both hard. The complex is least stable when one of the reactants 
(namely A and B) is very hard and the other one is very soft. 

^ This principle also means that if there is a choice of reaction 
between an acid and two bases, or between a base and two acids a 
hard acid will prefer to combine with a hard base and a soft acid will 
prefer to combine with a soft base and thus a more stable product will 
be obtained. 


Applications of the 
some typical examples. 


SHAB principle. For this let us consider 


f stable but AgF,- docs not exist. It will be seen 

from Tables 6-2 and 6-3 that Ag+ is a soft acid, F- is'a hard base 
and Iv |s a soft base. Hence Aglj- (soft acid-I-soft base) is a stable 
complex and AgF*" (soft acid+hard base) docs not exist. Siniilarlv 
It can also be shown that OF,»- (hard acid-f-hard base) is 
stablethan Col**'(hard acid 4-soft base). . 
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(/i) Consider the case of Hg(OH)* and HgS. Evidently HgS 
(soft acid+soft base) will be more stable than Hg(OH). (soft 
acid-hhard base). More stability of HgS than that of Hg(OH)» 
explains why Hg(OH)* dissolves readily in acidic aqueous solution 
but HgS does not. 

(Hi) The existence of certain metal ores can also be ration¬ 
alised by applying the SHAB principle. Thus, biird acids such as 
Mg*+. Ca*+, and Al*+ occur in nature as MgCGy, CaCOj, and AljOj 
and not as sulphides (MgS, CaS, and AUSj), since- the anions COj*' 
and O*" are hard bases and S*' is a soft base. Soft acids such as 
Cu+ Ag+, and Hg*^-, on the other hand, occur in nature as 
sulphides. The borderline (i.e., intermediate) acids such as Ni*+, 
Cu*+, Pb*+ occur in nature both as carbonates and sulphides. The 
combination of hard acids and hard bases occurs mainly through 
ionic bonding as in Mg(OH), and that of soft acids and soft bases 
occurs mainly by covalent bonding as in Hgl 2 . 

If we arrange the donor atoms (i.e. As, P, C, Se, S, I, Br, 
N, Cl, O and F) of most common Lewis bases in an increasing order 
of their electro-negativity values (i.e. xx values), we will get 

--► electro-negativii^' increasing -► 

As, P < C, Se, S, 1 <Br <N, Cl <0 <F 
XA- values : 2 0, 21, 2-5, 2-4, 2.5, 2.5<2.8<3 0 3 0<3.5<4.0. 

Soft Lewis acids will form more stable complexes with left 
hand members of the above series, and hard Lewis acids will do so 
with right hand members, e g. a rare earth ion (Ln»+ ion) which is a 
hard Lewis acid, will form complexes with N, O and F donor atoms 
(i.e. right hand members of the above series) or with hard bases. 

5. THE USANOVICH CCWSCEPT—THE POSITIVE-NEGATIVE SYSTEM 

The most comprehensive of all the acid-base theories is the 
Usanovich concept according to which an acid is any species capable 
of giving cations, combining with anions or electrons or neutralising a 
base to give a salt. In other words an acid is a cation, a cation donor, 
an electron pair acceptor, 

A base is defined as any species capabtt of giving up ajiions oi 
electrons, combining with cation or neutralising an acid to give a 
salt. 

It is thus obvious that this concept includes all the previous 
acid-base definitions. .It also includes many reactions such as 
oxidation reduction reactions as a special class of acid base 
reactions. 

The acidic and bash character of a molecule depends on 
the valence of the atoms of which the molecule is composed and 
usually the atom of the highest valence affects. |Bo« the acidic 
and basic character of the molecule.. The acidic charade* of the 
elements increases on. moving from left ,to right in a period m'the 
periodic tabk. Th^ basic character of the elements increases on 
passing from top to kottpm qTzt group of the periodk table. Thus 
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the oxides ofl..the alkali alkliline ^arth metals are essentially 
basic whereas-those of N'^d'S a^e acidic. The acidic character of 
a molecule increases wi(¥me in^ease in the oxidation state of the 

i;.iv II 

element in a molecule ; jthus^nS* is more acidic than SnS. 

Acid-Base Relationships according to Usanovich concept with 
some specific examples : According to Usanovich concept acid-base 
relationships can be represented by considering some specific exam¬ 
ples such as : 


Acid-base reactions 

Explanation 

Acid -f Base -► Sait 

1 


SO3 ^ N32SO4 

NajO gives 0*' ion ; SO, com¬ 
bines with 0 *- ion. 

Na,0-►2Na+-f-0*- 

SOa-fO*-—>804*- 
2 Na+-|-S 04 «-—►Na,S 04 (salt) 

It II 

Fe(CN), -I-4KCN—»K 4 [Fc(CN).] 

KCV gives CN-ion, Fe(CN), 
combines with CN- ion. 

4KCN-►4K-*--f4CN- 


Fe (CN).-f 4CN-—►IFe”cN).l*- 
n II 

4K+ -)-[Fc(CN),]‘--►K 4 (Fc(CN).] 

Cl, + 2Na -► 2NaCl 

Na atom loses an electron ; Cl 
combines with this electron. 


-2e- 


2Na—►2Na+-|-2e- 


2CI-|-2e--►2C1- 

2Na+-f2Cr-»2NaCI. 


^ Utility.. This concept is particularly advantageous in classify¬ 
ing together all examples of acids and bases. It is thus the most 
general of alf acid-base concepts. 


Limitations. (/) It is extremely general. 

(//■) It includes many reactions such as oxidation-reduction 
reactions which can perhaps be better considered from some other 
point of view. 

. (m) This theory virtually considers alUhe chemical reactions 
as acid-base .reactions. 
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Most of the chemical reactions take place in aqueotis lolutions.' 
The reacting substances should be in a dispersed condition (i.e., as 
ions, atoms or molecules) in a suitable medium (solvent) before 
appreciable interaction can take place. It is rather unfortunate 
that we usually lay stress on reacting substances only and ignore 
the importance of the solvent on the course of a chemical reaction. 
By changing the solvent, the reactants may give altogether different 
products or even the course of a chemical reaction may be reversed, 
e.g. NH4CI and LiNOj do not react in aqueous solution but give a 
precipitate of LiCl in liq. NHj. 

NH,'/) 

NH*CI + LiNO, -► LiCl|+NH«N03 

ppt. 

Again AgNO, and BaCl. in aqueous.solution react to form a 
precipitate of AgCI 

HjO , 

2AgNO,+BaCl, -► 2AgC4 + Ba(NOs)* 

ppt. 

But in liq. NHs reverse reaction takes place and a precipitate, 
of BaC^ is formed 

NHj(/) 

2 AgCH-Ba(NO,)» -► BaCIi 1 +2AgNO, 

ppt. 

The above description shows that- while choosing a solvent 
various practical factors are to be taken into consideration. 

CXASSlFICATlON OF SOLVENTS 

Solvents have been classihed in a number of ways dcpendiijfe 
on theif physical and chemical properties. 


2/S 
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(I) This IS a cpmrtion iflassification which is based on proton- 
donor and proton-acceptor property of the solvents. On the basis of 
this classification the solvents may be classified into three types : 

(/) Protlc or protonic solvents. These solvents have hydrogen 

o*' t'vo ‘yPes- (a) Acidic or prltogenic 
tendency to donate protons (e.g. H.SOi, 
HI, CH3COOH, HCN etc.), {b) Basic or protophilic solvents. These 
have^/wn^ tendency to accept proto,pt (e.g., NH„ QH„ amines, 

(//) Aprotic or non-protonic solvents. These may or mav not 
have ^y^ogen m their formula and rteitber donate nor accept protons 
(e.g., C»H„ CHClj, SO 2 , CCI 4 , BrFjl 

so«»«n‘s- The$e have hydro- 
gen in their formula and donate or accept protOiv, depending on 
Wc reacting sptcies, i.e., these can act both as adds and 

bases and consequently are jmphpteric in nature. Th»ise solvents dis¬ 
sociate feebly into protoi.s and anions. Examples : CH3COOH, H^O 

nice" based on the fact that "like dissolves 

like . Thus this classification gives (/) Ionising (polar or ionic) 
solvents and («) Non-ionising (non-polar or non-ionic solvents). ^ 

, Ionising solvents are polar or ionic in 
^Th dissolvMonic Compounds and iiftiatfe ionic reac¬ 

tions. These exist as lohs in their pure state and thus are weak 
conductors of electricity. These have high values of dielectWc wns^ 
‘beir polar nature they have strong tendency to 
fcrm assotiated structures. Examples: H,0, NlH„ HF SO etc 

These solvents undergo/self-ionisation as shown below. 


HjO+HjO^rriHaO! +OH- ; NHj-f-NH,; 

SOj -f SOj-jzziSO* '■ -f SOj*' 


!:NH«++:NH,- ; 


(II) Non-ionising soivents. These are non-polar or non-i^n.v- 
and d*n^n dissolve only non-polar or nyutral compounds 

Th reactions. These have low dielectrircont- 

have little associating and solvating tendency between 

self-ionisation of HiO and non-aquoeus solvents are 

™™cjiv.ly rc?ul..d fro™ .he ,.;K„to,io„"oV 

co/zrepranda large number of chemical riii 
tions have been correlated in terms of this concept. 
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Some of the parent solvents and analogous groups are given 
below » 

✓ H ,0 + H.O 5=± H, 0 + + OH- 

✓ NHa + NH, 5=i: NH4+ + NH,' 

^ NH,OH + NH,OH NH.OH+ + NHOH- 

. HaS + H»S 5=^ H,S+ + SH' 

I_I I_I 


Solvents Analogous groups 

In this chapter we shall confine our attention to the study of 
ionising solvents only in which inorganic substances ionise and give 
ionic readions similar to water. Non-ionising solvents are of 
interest particularly in organic chemistry. 

GENERAL PROPERTIES OF IONISING SOLVENTS 


Physical Properties. . ^ ... .^1 

Some of the physical properties of some ionising solvents are 

given in Table 71. 

Table 71. Physical properties of some ionising solvents. 


Solvent 

Viseosiiy 

{mUUpoise) 

Dipole moment 
(in Debye units) 

Dielectric constants 

Water 

lOOR 

1.84 

78-5 (25‘’Cj 

Ammonia 

2-65 

1 46 

22-0 (-33-5*0 

Hydrogen 

guoride 

2-40 

190 

83-6 (04)*O 

Hydrogen 

cyanide 

200 

2-93 

106-8 (25*0 

Sulphur dioxide 

2-28 

1-61 

17-27 (-16-5°0 


i 


Auto-ionisation 

Ionic 

product 

2H|0 ■=£. HsO-t- + OH- 

10-1* 

2NH, NH«-+ + NH*- 

10-S3 

3HF ^ H*F-t- + HF*- 

> 10-« 

2HCN HtCN+ + CN- 

io-» 

2SO* SO*+ 4 SO**- 

10-“ 


(/) Dipole moment. The product of char^ and distance 't¬ 
ween' the two charges is called dipole roomenL, preater is the po^r- 
ity the bond, greater will be the charge separation and higher will 
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be the dipole moment. Solvents having higher values of dipole 
moment dissolve the polar substances (i.e. solutjes) readily. This is 
because of the fact that greater the polarity of a solvent moleaJe, 
greater is the solvation energy released on dissolution of a solute. 

Dipole moment value of solvent also gives an idea about the 
extent of association in the liquid state and hence its liquid tempera¬ 
ture range. 

(//) Dielectric constant and dissolution of ionic compounds in 
polar solvents. Coulombic force of attraction, F betvveen a cation 
and an anion in an ionic crystal is given by the expression 

where 9 + and q' = charges on the cation and anion respectively, r — 
distance between the cation and anion and D=a constant, called 
dielectric constant which depends on the nature of the solvent in 
which the ionic crystal is kept. The above expression show? that 
for the same values of q' and r, if F is small, D will be large, 

I e., a solvent having a high value of D will reduce F. In other 
words a solvent with a high value of D will weaken the force holding 
the ions of ionic crystal together and ultimately will dissolve the 
ionic crystal in it, e.g. water w'hich has greater value of dielectric 
constant (=78-5) than liq. NH 3 (= 22 - 0 ) is abetter solvent for dissolv¬ 
ing ionic compounds like NaCl. 

When NaCl is dissolved in water; the positive ions viz. Na+ ions 

are attracted by the negative dipolar end of H 2 O f ^ and the ne- 

\h/ ) 

gative ions viz. Cl" ions are attracted by the positive end of HjO molecules 
and thus Nat. I pa>scs into HjO. Na+ and Cl" ions removed Iro 
•the ionic crsstal (I'c. NaCl) get attached with some H^O molecule 
Such tons are caned hydrated or solvated or aquated ions. Nat" and Cl" 
ions probably contain a least six water molecules attached with them. 

It is imperative that in order to have a solute dissolve in an ionic 
solvent, the solute itself must be ionic. This explains why a non-polar 
substance does not dissolve in ionic solvents like water. 

The dissolution of an ionic compound in a polar solvent •'bccurs 
only when the energy of solvation of the ions exceeds the lattice energy 
of the crystal. 

The reader should note that solvent-solute interaction leading tc 
solubilitv is more involved than would anoear from a series of dielectric 
;onstants alone. Other factors that might inituence. in'sp'’>ific case; 
arc lon-dipole, dipole dipole, hydrogen Dondtng and even :r-compiexing 
interactions- 

( 1 //) Electrical conductance. These solvents are sdf-ionisiag, 
hence,electrical conductance gives an idea about the extent of stich 
ionisation. Greater is the ionisation, easier it is for acid-base reac¬ 
tions to occur in the solvent. 

(fv) Viscosity. Viscosity is an important pro^rty of a‘liquid 
solvent. Some solvents are highly nuid, e g. water. low molecular 
weight alqohols, liq> NEt,, udiilc some are -viscous e.g, anhydrous 
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H 1 SO 4 , high igolecular weighi alcohols etc. Solvents with low 
viscosity can be.handled rather easily. Precipitation, crystaJlisation 
and hkation.are carried out. joiLthd''other hand, with considerable 
diflSculty in solvems of High viscosity. 

(v) Proton afiBnit//- It is applicable for protonic solvents only. 
It greatly adepts the'b^aviour of a solute in a given solvent system. 
NHa has greater proton affinity than water. Acetamide which 
behaves,as a very weak base in aqueous solution, shows acidic pro¬ 
perties in liq. NH|. 

CH„C0.NH,+H»0 ?=> CH,.CO.NH,+ -f OH' 
CH,.CO.NH,-t-NH 3 3P=i: CU,.CO.NH--f-NH«+ 

Cheinica] reactions 

Chemical'reactions that can occur in ionising solvents are of 
the follq.iKlf)g- types : 

.(!) ^id-base reactions (or salt formation or neutralisation 
reactions).' Ip these reactions an acid and a base react together to 
prodycea salt and the Solvent. 

Ionising .solvents afe polar compounds and hence undergo 
self ibnisation to s<wne extent. Self-ioni^tion of some polar solvents 
are shown belotv: 


Acidi 


SBase, 


Acid, 


Base, 

H,0 

-V 

H 3 O 


H,0+ 

+ 

OH- 

NH, 

+. 

NH, 


NH 4 + 

+ 

NH,- 

SO, 

+ 

SO, 

-—*• 

SO*+ 

■f 

so,*- 

hp 

t 

H,F, 

4=^ 

H,F+ 

+ 

HF,- 

NsO* 

4 

N,04 


NO+ 

+ 

NO,- 


Adcoi^g 10 the definition of acids and bases given by Cady 
.and^^y<^B»a«) an acid is a substance which increases the concen- 
tr^iidl \6f i^itive ions characteristic of the solvent and base is a 
suHstanop'wWch increases the concentration of negative.ions 
(^taract^s^tt of thO. solvent, eg. all ammonium salts in liaiiid 
ammboia wf . bdhaye as acids, sin^ they will'provide NIL+'ions 
thus ific^^e. tl» poncentration of positive - ions which a>e 
cbw^Vstic of tl^ wilvent, liq. NH,. Similarly all soluble amides 
will befcave asrbasts, as they will increase the conccaeratiflw of NH - 
19ns l(negative 10ns) characteristic of the solvent, liq. NfT.- Thus 
the region , between KNH,is an acid base Reaction 

which can be followcd^y «Sing phcnolphthalein as indicator. 

NH«" -i-'-K.+NH< :;=i: K+Cl--}- 2 .NH, 

i-cid base salt solvent 

The above oqjiation cafti also be written ionically as • 

NHi+ + NH,- 2NH, 

„ (" ro™«lio. ™alo.). When end 


m., be a nefcn.«uon br a hSw 'of S; 
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chemical linka^, the reaction is known as solvation reaction. The 
products obtained as a result of solvation reactions are called 
solvates. The solvation reaction faking place in water, liq. NH,, 
alcohol, hydrazine and ether are known as hydration, athmonation! 
alcoholation, hydrazination and etheration respectively and the 
solvates obtained in these reactions arc called hydrates; amnroniates 
alcoholates, hydrozinates and etterates respectively. 

The attachment of the solvent molecule to the solute species 
may be through ion-dipole, hydrogen bonding or coordinate bond¬ 
ing. In the last type of bonding the solvent may act as a Lewis 
base or as a Lewis acid depending on the acceptor or donor pro* 
perty of the solute respectively, e.g., 

BF, + NH, -- BF,.NH, 

Ammoniate 


CuCl, -t- 4H,0 , 

solyue acting so IvenC 
as a Ij^Wis acting 

acid as a Lewis 

base 

KI -H 4SO, - 
solute acting solvent acting 
as a Lewis as a Lewis 

base acid 


tCu(H,Q)4]*+ + 2C1- 
hydrate 


K-KSO,),!]- 

solvate 


The solvates are addition compounds or adducts. 

(3) Sobolysis or solvolytic reaction^ Solvolysis reactions tor. 
solvolytic reactions) aCre those in which the solvent is split into two 
parts ^d one or both parts get attached to a solute molecule *or' 
'on. In solvolysis reactions the concentration of either cation or 
anion is increased which is characteristic of auto-ionisation of the 
solvent. The solvolysis reactions taking place in water, liq. NH, 
and alcohol are . called hydrolysis, anaoDOlysb and alctdiolysis 
respwtiyely. Examples of solvolysis reactions in different solvents 

H,0-I- H,0 5=i H,0+Tf. OH- ,.(/), 

CuSO, -|-4H,0 5=i: Cu(OH), + + 2H,0+ ...(, 7 ) tegj* 

CN- + H,0 5=i; HCN -I- OH- ...(,//) J 

Evidently in reactions (/) gnd (/i) the c^cefitration of H,0+ 
ipn IS increased by the auto-ionisation of HtO-while iti feacHon (lu) 
tne concentration of OH- ion is 'increased. ^ 

solvolysis reaction in lia. 50 , the concentration of eithei 
aU + or SO,* ion is.increased 

SO, + SO, z=± SO*+ + so,*- 
Zn (C,Hs), 2SO, ;=£ Zn=--f- SO,*- + (C,H,hSp 

JP c^e of amiffpnolysis the concentraton of either NH,+ or- 
NH, ion IS increased. * 

NH, + NH, 5=fc NH,+ + NH, 

SiCl, + 8NH, ^ Si (NH,)j + 4 NH 4 + 

H- -P NH,:;^ NH,- + H, 
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(4) Metathetiod or j^vcipitatioo reactioiu. One of the familiar 
chemicsd reactions is the formation of a precipitate when two solu¬ 
tions are mixed together. The formation of a precipitate depends 
on the solubilities of various products formed in a particular solvent 
and these depend critically on the solvation energies of the ions 
considered in that solvent. Hence the precipitation reaction mainly 
depends on the nature of the solvent used in the reaction, e.g. when 
aqueous solutions of fiaClt and AgNOj are mixed together, AgCl 
in precipitated 

water 

2AgNO, -{■ BaCI, -► 2AgCl ; +Ba(NO,), 

However, in liq. NHs, on mixing solution of AgCl and BaNO*, 
It i& BaClt which is precipitated. 

liti. NHi 

■Ba(NO,), + 2AgCl -► BaCl, j -l-2AgNOs 

(5) Redox reactions. In general, same type of redox reactions 
occur in non-aqueous media as occur, in aqueous system. How¬ 
ever, a solvent itself may be susceptible to redox reactions, e.g. water 
is susceptible to reduction, hence strong reducing agents whose elec¬ 
trode potentials are above hydrogen in the electrode potential series 

\eannot be used in aqueous system. However, oxidation reactions 
can l)e easily carried out in aquoeus systems. The reverse is true 
for. NH<i -It. is stable towards reduction but susceptible to oxidation. 
Thus, water is a suitable medium for oxidation reactions while NH 3 , 
r^uction reactions. Liquid SO 3 , on the other hand, is inert 
'tt;^¥(l 9 j^ox reaction. Hence, it serves as a suitable medium for 
OXidation^reduction reactions. 

, ' 1 

UQldo AMMONIA AS SOLVENT 

• • . 'i The ease of the availability of liq. ammonia and its water like 
^'Ks^jtieS have made it a very useful solvent and reaction medium 
for carrying out various types of organic and inorganic syntheses. 

A 

The melting point and boiling point of ammonia are abnormal 
wi^ mspect to PHj, AsHj and SbH, due to the inter-molecular 
^si^ation ocourrtng in it due to H-bonding. - Its freezing point and 
tipHin^ point qrp lower thhn those of water. The lower value of 
its dielectric Constant ( =22) as compared to that of water (78-5) 
slipWs that liq. NH, is a poorer electrolytic solvent than water. 
H 0 vii(fVer, the lower visTOsity of liq. NH 3 might be expected to pro¬ 
mote greater ionic mobilities and thereby overcome, to some extent 
the dielectric constant effect. ■ 

NH 3 moleculC'h'as some degree of polarity which results from 
pyramidal structure of the molecule and the polarity of the bond 
■ The K atom in it is sp* hybridised. , The three jp* 
. hybrids are'tt^ for boitdjng with three H atdms and the fourth has 
an elec^n lone pair, 'in NH, molecule there are bond dipoles 
which apU; vectorially , to giVe^ NH^.^ net dipole. The total dipole 
mQ^eitt^'46 Dv also Includes a -c^ribhtion from the lone pair in 
.si?'%btlde orbital. 
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The bond angle H—N—H is 107® which is somewhat less than 
the tetrahedral angle (= 109‘5®) because of the fact the repulsion 
between lone pair anc bonding pair of electrons is greater than that 
between two bonding pairs of electrons. 

Solubility of Sul istaacea in Uq. NH, 

(i) Inorganic co mponnds. Since dielectric constant of NH| is 
much less than that < if HfO, liq.NHi is a poorer solvent for ionic 
substances. Moleculis having many electrons such as iodine com¬ 
pounds and non-polai substances such as hydrocarbons are, however, 
soluble in liq. NH,. 'titrates, thiocyanates, perchlorates and most 
cyanides are solubl:. Oxides, hydroxides, sulphates, carbonates, 
phosphates, sulphites, and most sulphides are insoluble. The general 
order of the solubili y of halides in liq. NH, is I- > Br- > F*. 
Most iodides are soluble, bromides are less soluble, only NH^+I 
Be*+ and Na+ chloi ides are soluble and most fluorides are in¬ 
soluble. 

Most of the a nmonium salts (except those of multivalent 
anions) such as NH 4 h)[ 0 „ NH 4 SCN, NH 4 (CH,COO) are soluble in 
liq. ammonia. All the metal amides, except those of alkali 

are insoluble. LiNH, is also insoluble. ’ 

$ 

(if) Organic coaspoaiids. Alcohols, halogen compounds (e.g. 
chloroform etc.\ ketones, esters, simple ethers and phenol and fts 
derivatives are soluble. The aromatic hydrocarlmns are in g'^neral 
sparingly soluble. 

Uii) Non-metals. The non-metals (e.g. P, S and I) dissolve in 
liq. NH, reacting with it. 

^ ISi -H 16 NH, —r NiS, -J. 6 (NH4),S 

Adraatages of ushig LiquM Ammonia as Solveat: 

(O.One of the greatest advantages of using liq. NH, as a sol- 




dissolved alkali-metals can be recovered simply by 'evaporating the 
alkali metal-ammonia solution. 

(if) If a reducing ^ent stronger than hydrogen is to be used 
in an aqueous medium, it will react with H,0.to liberate H, and 
hence cannot be used in aqueous solution. In such many 
alkali-metal-ammonia solutions which conUin mobile ntninoni«t-d 
electrons, e'(o»), can be used for reducing the materials soluble in 
liq. NH,. 

(Hi) NH, has lesser tendency than HiO to undergo roholysis 
reactions with dissolved solutes. 

? 

Disadvantages of osing Liqaid NH, as a solvent 1 

(i) The boiling point of liq. NH, is —33-5® and hence while 
working with this solvent, a lower temperature is to be maintained, if 
high pressures are to be avoided. - 
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(i7) The use of liq. NHt as a solvent and a reaction medium 
requires elaborate equipment and'-special techniques are to be 
us^ 

(i77) Due tp the hydroscopic nature of liq. NHj, reactions are 
done in sealed tubes so as not to allow ammonia to come in contact 
wjth moisture. 

AiLtp-ionisatl(n .of Uq. NHj. Liq. NHj undergoes auto-ionis¬ 
ation similar to UiQ but to a lesser extent than HtO. This is 
clea^ from its lower electrical conductance value as compared to 
water’ 

NH,-1-NH, NH4++NH,- 

H,0-|-HiO 5=i H,p+-l-OH- 

The .ionic product of NH3, [NH4+] [NH*'] = 1-9 x 10‘** at 50®C 
is a very low Value as compared to that of water, [H3O+] [OH'] = 
1x10'“ at 25‘’C. 

On .he basis of auto-ionisation of liq. NH 3 as shown above 
it is said that any substance wfiich gives NH*-^ ions in liq. NH 3 (e.g. 

VNH 4 CI) lY an ammpoo acid, w/u7e rhe substance which gives NH|', 
NHf" or hi*' \qns. (e.jg; NqNH 3 , PbNH, BiN) is called an ammono 
b^. The interaction of an ammono acid and an ammono base gives 
a^ltJcaVed ainmono salt) and the solvent, liq. NH3. 

Chemical ructions occurripg in liquid ammonia. 

Chemical reactions that can take place in liquid ammonia, 
can be of the following types : 

(1) Metathetical-or preci^ithtion reactions. Because of differ¬ 
ences in solubilities of various substances in liq. NH 3 and in water 
numerous precipitation reactions that normally do not occur in 
^atpr may take place in jitq. NH3. Some of. the. reactions of this 
tvtop qrh mentfoncd beloM': 

• (i) Most of the chlorides, except those of Na, Be and 
^hd|lpbniuih. are insoluble in liq. NHs. When solutions of KI and 
ammdn'ium chlorides in liq* NH 3 are mixed together, a white preci- 
pitatC’oS'KCl is obtained. 

NH3(/) 

KI -H NH 4 CI KCU + NH 4 I 

^ white ppt. 

(i7), When solutions of various nitrates [e.g. SrfNOsjj, ZnfNOsls] 
in liqj ' NH, a-j mixed with the solutions of NH 4 Br'or NH 4 I, the 
corfes^n^ng metallic brt^ides and iodides are precipitated,, 

NH3(/) 

SrfNQs), - 1 - 2Nh*Br SrBr. j -f 2 NHiN 03 

NH3(/) 

Zn{Np,), -f ,5NH^-;=±:^Zn^ i +2HHiNOa. 

(/i7) Sodium ca?!ba*naie is precipitated in liq.'NHs 
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NH.(/) 

NH«INH,CO.O]+ NaNO, -► NiiJ;NH,CO.O] +NH«NO, 

stxOam carba¬ 
mate ppt* 

(rv) dissolved in Ilq. NH, can precipitate the sulphides 

of yanow ttetals such as Mg. Zn. Cd, Mn, Co. Pb, Hg, Bi/ Cu 
and Ba fitom the nitrate solutions of these metals 

NH,(/) 

(NH4),S -I- 2 AgNOa 5=zfc Ag,S | + 2NH4N6, 
(NH«),S+Cd(N03), 5=t CdS i -f 2NH4NO, 

metal nitrates metal tuiphides 

(v) The metal alcoholates, M"+(OR),. can b<{' precipitated by 

the reaction of an appropriate metal salt with K-alcoholate. KlOR) 
in liq. Nlla ' \ / 

liq. NHa 

M"+ -f- nK(OR) -► M"+(CR)„ ; + nK+ 

liq. NHa 

Ba(N 03 ),-|- 2 K( 0 C,H,)-► B^(OC,H,), ; + 2 KNO 3 

(vi) Many insoluble halides can be precipitated as complex 

amines ^ 


2NaCl -f- Ca(NQ,), + ^NHa ^ [Ca(NH,),JCI,. j + 2NaNO, 

(2) Ammonia as a proton-acceptor. Liq. NH, has a stronir 
tendency to pick up protons even .from-' llippareiitly neuttol or weaklv 
basic substances. It picks uj^ a proton from H,0 molecule 

H,0 :?=£ OI|--i-tt+ 

H,N+H+ :f=* [H 3 N '^- H]+ 

NH,+H,0 5=iNH*++OH- 


The very high solubility of NH, in water or of water in NH, is 
because of the strong tendency of the above reaction to occur. 


-u r proton-acceptor propcfty of liq. NH, that 

the following facts can be explained * 


(a) CHjCOOH is a weakacid maqubous solution but behaves 
as a strong acid in liq. NH., because NHj+ ions are produced in the 
reaction. 


CH,COOH+NH, 5=* CH3COO- 


(b) Acetamide and 'urqa are weblcly odsic in 
but show acidic-wJODerty in liq' NH3. 


aqueous solution. 


CH3C01jJH, + NH3 
Acetamide 


CH3CONH-H-NH3+ 


NHgrONH, + NH3-» 

Urea 


NH3CONH--t-NH4+ 
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(c) Similarly AgNH 2 which is a weak base in aqueous solution 
behaves as an acid in liq. NH 3 

AgNH*-H2NH, (Ag(NH,)a]-+NH4+ 

In all the above reactions the concentration of NH 4 + ion is 
increased in liq. NHs. According to Cady and Elsey, all these 
substances, therefore, behave as acids in liq. NHa. 

(3) Ammonation reactions and formation of ammoniates. Am- 

monation reactions are those in which one or more molecules of liq. NH 3 
are attached with the solute species containing an acceptor atom by 
any of the chemical linkage and give the products, known as ammoni¬ 
ates. In these reactions NHj molecule acts as a Lewis base (i.e. 
electron donor), since it has a lone pair. The lone pair focuses its 
negative charge on the empty orbital of the acceptor atom in the 
solute species to form the ammoniate which are simply addition 
compounds or adducts. 

The formation of some typical ammoniates is shown below: 

OtNHJ 

S0,-|-2NH3 -» SO,/ (or SOs. 2 NH,) 

\NH, 

SiF4+2NH3-► SiF4. 2NH, 

BFa-t-NH, -► BF3.NH3 

[Cu (H, 0 ) 4 ]‘++ 4 NH 3 —► 1 Cu(NH 3 ) 4 ]*+-|- 4 H ,0 

[Ag(H,0),l+-|-2NH, -► (Ag(NH,),]+-l-2H,0 

The first two ammoniates formed in the above reactions are 
1 : 2 adducts while thp third one is a I 1 1 adduct. 

As we go down a group of the periodic table (e.g. Mg*+, Ca*+, 
Sr^->-, Ba^), the ions increase in their sire and the ammonia molecu¬ 
les Income more weakly attached. 

NH, is a better Lewis base than water. Presence of an extra 
electron pair on oxygen atom in water hinders the approach of 
water molecule towards acceptor molecule. 

(4) Reactions of ammono acids. As already stated the ammqno 
acids are the substances which in liq. NH, give NH4+ ions. The reac¬ 
tions of ammono acids with various substances (e.g. metals, inetal 
oxides etc.) are illustrated by the following examples : 

(/) Liq. NH, solutions of ammonium salts can react with 
active metals to give hydrogen e.g., when blue solutions of alkali- 
metals in liq. NH 3 .react with ammonium salts, they are decolorised. 

Na+NH4+ -► Na+-l-iH,+NHi 

Metal oxides (e.g. Na,0) and hydroxides (e.g., NaOH) get dis¬ 
solved in ammono acids. 

NH,(/) 


Na,0-f2NH4Cl 


2NaCI+2NH,-fH,0 
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NH,(/) 

Na 0 H+ 2 NH«N 03 -► NaCl+NH^+HjO 

(//) When magnesium silicide, Mg,Si, and Mg-germanide, 
MgtGe, react with liq. NH 3 solution ofNH 4 Br, high yields of lower 
silanes and germanes respectively are obtained : 

NHiBr. NH 3 (/) 

MgjSi-► SiH* 

NH 4 Br, NH 3 (/) 

MgjGe- ^ GeH* 

(Hi) There are compounds, which do not donate protons to 
water but readily undergo protolysis in liq. NH3. Thus guanidine, 
urea, acetamide, acetamidine and sulphamide which cannot donate 
protons in aqueous solutions, donate protons to NH3 in liq. NI^. 
This fact is evident from the following reactions. 

HjN . C = NH.NHj+NHa-► HN. C = NH. NH 3 +NH*+ 

Guanidine 

H 3 N. C = NH. NH 3 +NH 3 -- -HN. C = O. NH,+NH 4 + 

Urea 

HjC. C = O. NH 3 +NH 3 -. H 3 C. c = o.nh-+nh,+ 

Acetamide 

HaC. C= NH. NH2 + NH3 -► H3C.C = NH. NH-+NH«+ 

Acetamidine 

H,N. SOa. NH3+NH3 -- H*N. SO*. NH-+NH4+ 

Sulphamide 

Similarly sulphamic acid acts as a monobasic acid in aquebus 
solution but in iiq. NH 3 it acts as a dibasic acid. 

H 3 N.SO,. OH+HtO-► HtN. S 03 . 0 -+H 30 + 

H,N. SO 3 .OH+ 2 NH, -► HN. SO,. O-+ 2 NH 4 + 

Sulphamic acid 

(5) Reactions of ammono bases. Many metal salts react with 
ammono bases to give amides, imides and nitrides which get pre¬ 
cipitated in liq. NH,. e.g. 

NH,(/) 

salt+ammono base-► salt 

NH,(/) 

AgNO,+KNH, -» AgNH, ; +KNOb 

amide 

NH,(/) 

PbI,+ 2 KNH, -<► PbNH \ + 2 KI+NH, 

imide 

NH,(/) 

BiI,+3KNH, -► Bi N | +3KI+2NH, 

nitride 

(6) Add-base'reactions and formation of ammono salts. These 
are also called nentralisation reactions. In these mctions ammono 
acids and ammono bases react together and give the ammono salt and 
the solvent liq. NHf 
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The followitig reactions illustrate the acid-base reactions in liq. 

NH,(/) 


NHs. 

Ammono acid-f Ammmono base 


NH«N0,-|-KNH2-► KNO* 


Ammono salt+solm^t 
+ 2NH, 


NH,(/) 


K+[HN.C = NH.NH*]--i-NH, 


H,N. (S; NH. NH,-fKNH, 

Guanidine 

NH,(/) 

; H,C. C = O. NHa-l-KNHii-K+IHsC. C = O NH]-+NH, 

Acetamide 


HtN.C = O. NH,+ KNH, 
urea 


NH,(/) 


K+tHaN. C = O. bJHJ +NH, 


NHatt) 

2NH4l+PbNH -► Pbl, 

NH,(/) 

3NHJ+BiN -► Bilj 


+4NH, 


(7) Ammonoljtsis reactions (or ammonolytic reactions). In these 
drcactiotnrtfce concentration of eithdl^ NH*+ or NH*' ion is increased. 

NH, + NH, 5=t NH*+-»-NH,- 

SiCI* -H 8NH, 5=i Si(NH,)4-|-4NH4+-f 401* 

H' + NH, 5=t NH, +H, 

In these reactions an atom, ion or radical from the compound 
undergoing ammonolysis is replaced by —NH, ,= NH or s N 
groups. Let us study the ammonolytic reactions under the following 
headings : 

(i) Ammonolysis of Inorganic halides. The ammonolytic reactions 
of inorganic halids have been studied in detail. Many inorganic 
covalent halides undergo ammonolysis in liq. NH,, while the ionic 
halides do not tend to ammonolyse. The ammonolytic reactions 
and the formation of corresponding ammonolysis products in case of 
some inorganic halides are shown below : 


NH,(/) ^ 

BX, - - B(T4H,), -I- 3 NH 4 X 

NH,(/) , 

SOiCl, —- S0,{NH,),+NH4C1; 

TiCl, is ammonolysed in steps in excess oTjiq. NH, 

+NH,(/) 

TiClji t-► TtCl,(NH,)--► TiCl,(NH,), 

+NH,(/) _ +tffUlO 

-- TiCHNH,), -► Ti(NH ,)4 

HgnCl, and BnX, l^alides are not completely anamonolysed. 
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NH,(/) 

Hg,CI, -► Hg+HgCl(NH,) + NH 4 CI 

NH,(/) 

SnX* -► SnX(NH,), 

-33-5*C 

(ii) Ammonolysis of Organic Compounds. Organic halides also 
undergo slow ammonolysis at the boiling point of liq. NH 3 and give 
mixtures of prin^ary, secondary andbiertiary ainines • 

RX +w3NHa -* RNhi + NH*X 

+NHs 

RX + RNH, -► R,NH + NH 4 X 

+NHs. 

RX+R,NH -» RjN+NHaX 

(X = F. Cl, Br, I), 

(Hi) Ammonolysis of alkali metal hydrides and oxides has also 
been fotind possible. 

NH*(/) 

MH —» M(NHs) + H» 

NHa(/) 

M»0 -► 2M(NH*) + H»0 

( 8 ) Complex formation reaction^. We know that hydroxideyiOir 
oxides of certain metals dissolve Jn excess of alkali to yield 
hydroxo complex, e.g. 

HtO 

Zli(OH), + 2NaOH -► Na*[Zn(OH) 4 ] 

(Insolgble; Soluble hydroxo 

complex 

Similarly many insoluble metal amides, immides and nitrides 
dissolve in solution of KNH, in liq. NH» to form soluble amido com¬ 
plex, e.g. 

NH, (/) 

Zn(NHt)( + 2K.NHt-► Kt[Zn(NH 2 ) 4 j 

(Insoluble) Soluble aipido 

complex 

Aluminium amalgam reacts with KNH, solution in liq. NH 
and forms soluble complex ion, ammono alUmmate, [Al(NH,) 4 j * 

NH*(/) NH* (/ 

Al»+ + 3NH,- :?=£ IAI(NH,) 3 j \ ^ [AKNH,),]- 

insoluble +Ni:. Soluble amide 

complex 

SnCb reacts with NHi at —63®C and an ammonolysis product 
SnCl(NH*)i, is formed by the replacement of three chlorine atoms 
in SnCU by three -NH, groups. At —36'’C it has been observed 
with the help of ion*exchange expnlments that the resulting solution 
contains only one mole of ammonium chloride, the probable explana¬ 
tion of which is that the higher temperature (namely —36°C) gives a 
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more concentrated solution of NH 4 Ci which breaks down the poly¬ 
meric structure of SnC!(NHj), and forms the complex compound. 

“•63*C 

SnCIi + 6 NH 3 -► SnCl {NH ,)3 + 3 NH 4 CI 

Ammonolysis product 
with polymeric structure 
-36"C 

-» (NH4'jfSnCl3(NHs),} + NH4CI 

Complex compound 

Similar is the case with TiT 4 . 

higher 

Til 4 + 6 NH 3 -► TiI(NH3)3-l-3NH4l -» (NH 4 MTil 3 (NH,) 3 ]-|-NH 4 l 

temp. Complex compound 

(9) Reduction-oxidation (Redox) reactions. Redox reactions are 
those in which the nitrogen or hydrogen of ammonia molecule 
undergoes a change in its oxidation number. 

Following are the important redox reactions occurring in 
liq. NH3. 

(/) Catalytic oxidation of NHs to NO. 

Pt 

4 NH 3 4- 502 -► 4NO 4- 6H,0 

(//) Reduction of metal oxide with liq. NHs a-t high tem¬ 
perature. 

3Cu0 4- 2NH, -» 3Cu 4 - 3HsO -f N» 

(///) Oxidation of active metals ; 

3Mg 4 - 2NH, -. Mg,N, 4-83H. 

(/■y) The followirtg reactions illustrate the reduction reactions 
which may be carried out in liq. NHs. 

(fl) lNi(CN) 4 ]*- 4- -» [Ni(CN),]*- 4 - CN- 

'-^-- 

I +e‘(«iii) 

INiVChOs]*- 

Evidcntly.(in‘reaction (a), Ni** is reduced to Ni#. 

(fe) Cul -f Na -* Cu -F Nal. 

NH,(/) 

(c) 4ZnI,4-9Na -* NaZn* 4 - 8 NaI 

(y) In liq. NH» elementary iodine acts as a we^ oxidising 
agent and can, therefore, oxidise ICJSn** (NHt) 4 ] to 
K,[S°*'^(NH,).]. 
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It . +NH*(/) ly 

K4Sn"(NH,).] +1, (NH,),] + 2KI 

Petassium aramono- Ppt. ammono-siannate 

stannite 

(vi) The oxidising action of very strong oxidising agents in 
liq. NH 3 is considerably weaker than in water solution, 
e.g., HNO 3 in liq. NHj does not act as an oxidising agent 
and permanganate (e.g., KMnO^) acts as a weaker oxidi¬ 
sing agent in liq. NHg. KMnQ 4 is reduced by a solution 
of potassium in liq. ammonia nrst to K 2 Mn 04 qnd finally 
to MnO. The latter reaction is represented as ; 

K^MnO* + 4K -f 3NH, MhO -f SKNH^ -f 3KOH 


KMn 04 is also reduced to K 2 Mn 04 by a liq. NH, solution of 
KNH*: 


NH3(/) 

6 KMn 04 -I- 6 KNH 2 6 K*Mn 04 + 4NH, - 1 - N, 


(vi7) Various organo-metaJlic compounds have been reduced by 
an alkali metal solution in liq. NHg 
NHs(/) 

(CsHj) 2 BiI + 2Na [(C,H,) 2 Bi]Na + Nal 


(10) Metal-ammonia solutions and their reactions, (a) Solutions 
of metals in liquid ammonia. Metals that have low ionisation ener¬ 
gies, low energies of sublimation and high energies of solvation, 
alkali metals, alkaline earth metals, Al, europium and ytterbium 
readily dissolve in liq. NHj and give metal-^monia solutions. These 
are blue in colour in dilute and bronze-coloured in concentrated solu- 
tions. The absorption spectra of the blue Solutions are alike, regard¬ 
less of the metd dissolved in the solution. The blue solutions are 
excellent electrolytes. The bronze-colouretl solutions (/>. concentra¬ 
ted solutions) have high thermal coefficient of electrical' conductance 
approaching that of the free metal whereas the electrolytic conduc¬ 
tance of the blue-coloured solutions (/ e. dilute solutions) is of the 
magnitude of an electrolytic solution. 

By simply evaporating' the alkali-ihetal-ammonia solutions, 
alkali metal can be recovered. Alkaline earth metal-ammonia 
solutions on evaporation give hexammbnate, MCNHj)*, where 
M = alkaline earth metal, indicating thh.t the solvent action is 
chemipal. 

All metal ammonia solutions, upon Ic^ng standing or in presence 
of a suitable catalyst, undergo decomposition and give Hj gas and 
the metal amide. 

M - 1 - «NH,-► t -I- M(NH,). 

This decomposition reaction proce^ rapidly in presence of 
small amounts of certain catalysts such as FetOs or R^black. 


The blue metal ammonia dilute solutions are paramagnetic in 
character (I'.e. if these solutions are placed in. magpetic field, they 
will be attracted into the field), indicating the presence of unpaired 
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electrons. /As the concentration of the solutions increases, the 
magnetjfi ftsceptib>'ity ikr !&ole of the solute ^decre^s. 

It now eileved that in concentrated solutions the electrons 
are largeljf free i.e. 


M M-^ + e ...(1) 

On the otiier hand in dilute solutions the electrons and the 
metal ions,. M+, are solvated {i.e. afflmoniated) reversibly as : 



M-t -f ;tNH3 ^ M{NH3),+ 

ammoniated 
cation 

...(2) 


c--1->'NH3 (f* c(NH,)^- 
ammoniated 
electron 

...(3) 

Thus the properties of metal-ammonia solutions are best 
accounted for in terms of an equilibrium represented by (4) obtained 
by adding (1), (2) and (3), 

;■ 

-:-M (.V J)NH3^LM{NH3),|+ HNH3)„J 


or 

NH3(/J 

M ^ - r -f- ^ (am) 

...(4) 


where the ammoniated cation and ammoniawd electron have been 
represented as M+(«m) and e‘(«w) respectively. 


The electrons are believed to occupy the cavities in the solvent 
surrounded by NHs igplecules whose protons are oriented towards 
the ftee electrons. As the concentration increases, the cations 

tend to bond together by c'(««) into aggregates such as M,, Mj, etc. 
In the concentrated bronze-coloured solutions, the cations 

and e (am) are bonded together in a naanner which is similar to that 
of ordinary metal ions of the same size in a molten metal. 

(ft) ■ Reaction of metal-ammonia solutions. Since thb blue metal- 
amlnonia solutions contain highly mobile, ammoniated electrons, 
such solutions can act as strong reducing agents, particularly for 
reducing those substances whieh are soluble in liq. NH,. 

Now since the reducing agents which-are-stronger than hydro¬ 
gen, react with water to Tiberate hydrogen,, these cannot ^generally 
be used in aqueous solutions/ It is for tUs reason that many metal 
ammonia solutions which are stoaqg reducing agents am widely 
used to bring about a number of reduction reactions. ' Some- typic^ 
reactions are mentioned belaw • . 

(/) Reduction of,non metallic elements. If mqtal-aipmonia 
solution is tceBtedjKkh.ikA-niip^’tllic-element, reduction product!! are 
obtained b> direct combinatioo. 

(u-) Me*«t- aiurtiptiia solytions are quickly decolorised by am¬ 
monium salts or by other acids which are reduetKi. 

NH*+ + eiem) —+ i H, 
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This further supports the view 
ammdniated electrons 

,NH, 

'NH, 

(///) Many organic compounds 
ammonia solutions., 

metal dissolved in 

RCsCM 4 - --- 

Acetylenic NH,(/) not in 

hydroc&rbon excess 
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that ’•he blue colour is due to 
.NH- 

< ' + H. 

undergo reduction in metal- 


RC=CH + 


metal dissolved 

JH, ---- 

in NHs(/) in excess 


RCsC' + H 
Acetylide ion 

RC=CH* 
ethylenic derivatives 


(/v) A large number of organometallic compounds of various 
types can react with metal-ammonia solutions and form a series of 
compounds containing metal bonds. 

LIQUID SULPHUR DIOXIDE AS SOLVENT 

Liquid sulphur dioxide is a water like soliSht and as such is 

T# K a number of chemical reactions. 

Its filing point IS JO C and freezing point—75-5°C. Since the 
liquid range is sufficiently high, it can be used as a solvent. 

The auto-ionisation occurring in liq. SO, takes place as follows- 
SO, -I- SO, SO*+ + so,*- 

m to the hydronium ion 

(H, 0 +) and NH 4 + ion and SO,*- ion corresponds to OH* and NH," 
lon of the aqueous and liq, NH, system 

H,0 + H,0 5 =:£ H,0+ + OH' 

NH, -f NH, NH 4 + + NH,' 

, _of SO, is 1-61 D. Its dielectric constant is 
17-27 (at —16-5 C) and it can dissolve many salts. 

The true structure is considered to be a resonance hybrid of I 
and II structures shown below ; 


-.0: p: -.0. 


• 9 - 


Electron dlBmclion has shown that its jt-iMBrc |s 

o ■ S 
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Since S-atom contains a vacant bonding orbital, it can act as an 
electron acceptor and c^n, therefore, form molecular complexes. 

Solubility of Inorganic materials in liq. SO 2 . In general, iodi¬ 
des are most soluble fqllowed by thiocyanates. The solubilities of 
alkali metal halides decrease in the order MI > MBr > MCI > 
MF. Alkali metal sulphites and acetates are soluble. Metal 
sulphates, alkali metal thiocyanates and cyanides are soluble. Metal 
sulphates, sulphides, oxides and hydroxides are virtually insoluble. 
Many of the ammonium, thallium and mercuric salts are soluble. 
The substances such as IBr, PBra, CCIi, SiCli, GeCl 4 and SnCU arc 
quite soluble in liq. SOj. 

Many substances such as Br^, ICl, BCI3, PCI3, AsClj CS,, 
POCI3, SOCI2, SOlCHjCOO), and many sulphuryl compounds, 
SO 2 X 2 , are completely miscible with liq. SO 2 . The miscible nature 
of SOCI2 has been utih'led in the preparation of a large number of 
thionyl derivatives by the metathetical reactions of liq. SO,. 

Solubility of Organic Compounds in liq. SO,. As might be 
expected from the value of dielectric constant of SO,, covalent 
organic compounds are more soluble in liq. SO, than the ionic 
compounds. Aromatic hydrocarbons and alkenes are more soluble 
than the alkanes. Liq. SO, has also been used as a medium for 
conducting a number of organic reactions such as Friedel-Crafts’ 
sulphonation and bromination reactions. 

Conductivity of salt solutions in SO,. The solutions of alkali 
metals, ammonium and tetraalkyl ammonium chlorides, bromides, 
iodides and thiocyanates in liq. SO, are moderately good conductors. 
On the other hand the mono-, di- qnd tri-alkyl ammonium salts are 
very poor conductors. 

The conductivity of electrolyte solutions in liq. SO, roughly 
increases with the size of the cation. Thus the order of conductivity 
may be shown as: Na+ < NH*+ < K+ < Kb+ < (CHjljS*- < 
(CH 3 ) 4 N+ etc. The conductivity of the anions increases ir the order 
SCN- < CIO 4 - < Cr < 1 - etc. 

Many covalent compounds such as Br,, I,, PBr^, AsBrs, SbClj, 
S.Br,, IBr, ICl, ICI3, SOBr„ (CaHjIsCCl etc. behave as electrolytes in 
Kq. SO,. 

The solutions of many tri-substituted hydronium salts such as 
[(C,H 5 ) 30 ]BF 4 , [(CH 3 ) 30 ]BF 4 and [(C,H,) 30 ],SbCl, in liq. SO, are 
moderately good conductors. 

Chemical reactions that can occur in liquid sulphur dioxide. 

Chemical reactions that can occur in liq. SO, can be classified 
under the following headings | 

tV' (i) Metathetidai or precipitation reactions., Precipitation reac¬ 
tions in liquid SO,, have been-studied by Jande^. There are many 
precipitation reactions'^which may conveniently be carried out in. liq. 
SO, due to the'specific solubility relationships. Equations illustrat¬ 
ing^ the precipitations of several insoluble materials upon mixing the 
soluble compounds in! liq. SO, are as follows : 
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Bai, + Zn (CNS), 5=i- Ba(CNS), ^ +ZnI, 
SbCl, + 3LiI 5=i Sbl, | +3LiCl 
AICI3 + 3NaI ■!=* 3NaCl | +AII3 
PbF, + LitSO* 5=!: PbSO* | +2LiF 


A large number of new thionyl derivatives have been prepared 
from the miscible solutions of SOCI 2 in liq. SO„ 


2Ag (CH3COO) + SOCl, 
2KI + SOCl, 
2KBr + SOCl, 
2NH4(SCN) + SOCl, 


SO,(/) 

StMD 

sewo 

SOtll) 


2AgCl ^ +SO(CH,COO), 
Thionyl acetate 

2KC1; + SOI, 

Thionyl iodide 

2KU I +SOBr, 

Thionyl bromide 

2 NH 4 CII +SO(SCN), 

Thionyl thiocyanate 


S0(CH3C00),, SOI, and SO(SCN), have not been isolated 
from the mother liquor of these reactions, presumably due to 
secondary decomposition reactions that occur. 

The reaction of NH, and its organic derivatives with the sol¬ 
vent, namely SO,, can be represented as ; 

2 [)n]+2SO. =.[()«)_so ]so,^ 

[()n)_soP + so..- 

(2) Acid-base (or salt formation or ncntralisation) reactions. For 
the first time Cody and Elsey proposed the auto-ionisation of liq. 
SO, which was later on supported by Jander and Wickert. 

SO, -H SO, so^ + sq,*- 

Addi Base, ■3=2 Acid, + Bas^ 

Fromithe equation representing the auto-jonisation of liq. SO,, 
it is clear that the compounds containing or nqaking available SO,*~ 
ions will act as typical bases in liq. SO,. Thus^he alkali metal sul¬ 
phites such as Na,S 03 behave as bases in liq. SO*. 

S imilar ly the compounds containing • or ibaking available SO*+ 
ions will iKhave as typical acids in liq. SO,. The compounds such 
as SOCl, and SOBr, behave as acids in liq. SO^. 

Some of the neutralisation reactions studied by Jander in liq. 
SO, are mentioned below : 

Acid Base Salt Solvent 

SOCl, -f Cs,SO, -► 2Csa -H 2SOs 

SOBr, -h IN(CH,) 4 ],S 03 -► 2[N(CHJ)4]Br + 2SO, 

SO(SCN), K,SO, -*> 21{.(SCN) + 2SO, 
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Hie reactions occurring between sulphites ai^ thionyl com¬ 
pounds liq. SOt assumed to occur by ionic mechanism. 

SO,* -1- SO^ -- 2SO, 

When SO<% oif SOBr, is dissolved in SO, tagged with radio¬ 
active isotope, S**, exchange is ve^ low which makes it clear that 
free SO*+ plays no important role in the mechanism of reaction in 
liq. SO,. 

(3) Solvelysis ot solvolytic reactions and formatioa of solvolytic 
products. It is only a limited number of salts that undergo solvo¬ 
lysis reactions in liq. SO,. 


Many ^kalides except SbCl„ SbCl„ SiCl,, and SnCI*, VC1„ SC1„ 
wClt andjl^ Cl* readily undergo solvolysis inJiq. SO,. 

I'd, 4 SO, (/) —, POCI, -1- SOCI, 


70“C 

NbCl, -l-'SO, (/) -- 

TVC 

WCI, + SO, (/) -► 

UCl, + 2SO,(/)-* 




NbOCl, + SOCI, 

WOCI* + SOCI, 
UO,CI, -I- 2SOC1, 


I In sealed 
r tubes. 


However, the halides such as SbO^,, SiCl*,- SnCl*. ..undvrgp 
hydrolysis, form cle&r solutions in liq. SO,, with no sign of solvo- 
lysis. 

(4) Solvation reactions and formation oT solvates. Many of 
the most soluble salts form the addition compounds with the sol¬ 
vent. The addition compounds are called solvates which are 
analogous to hydrates and ammoniates formed in water and liq 
NH, respebtively. Typical examples of solvates arc : Nat.4SO,, 
KI.4SO,. RbI.4SO„ SrI,.4SO,. K (SCN).2SO„ Cs (SCN). 
0.5S0,, [(CH,)*!^]. 3SO^. Dioxane . 5SO,, Dioxane . 2SO,, 

Anisole . SO,. 


(S) Con^lex f^naathm renctioas. Walden and his collabora¬ 
tors for the first timje reported that the formation of complex com¬ 
pounds in liq. SO, is also possible. 

A large number of complex compoundr is formed by SbCl, 
and SbCl* in liq. SOJ, e.g„ 

SOrf/) 

SbCl, + 3KCI -► K, [SbCU 

SO,(/) 

SbCl, -1- KCl -► K [SbCl,] 

SO,(/) 

SbCl, + [N(CH,),] Cl —. (N(CH,)4](SbCI,] 

SO,(0 

SbCl, + CI^,COCl —► [CH,CO][SbCl,] 

Liq SO, has also been used as a raldiumiuthe reactions for 
the preparation of hexa chloro-antimonates, e g., ^ 

80,(0 1 

2SbC4 -fc 3SOCI, -► ISO], [SbCl*], I Hexa chtoro- 

80,(0 I aniimonates 

SbCl, + NOCl -- [NO] [SbCl,] J 


Complex 

compounds 
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( 6 ) Amphoterism reactions. The salts of the metals whose 
hydroxides are emphoteric behave in aquoeuS and tiq. SOj in an 
analogous way, e.g. the reaction of AlCU with OH ions in aqueous 
medium is analogous to its reaction with SO,*" ions in liq. SO,, 
since in both the cases a precipitate is obtained. 

H,0 

Ain. + 30H--► A 1 ( 0 H )3 \ - 1 - 3 CI- 

DDt. 

SO,(/) 

2AICI3 + 3SO32- -> Al2 (S03^3 i + 6C1- 

ppt. 

These precipitates dissolve in excess of the precipitant viz. OH" 
and SO-*- ions, respectively to form the solutle complex 

H,0 

A1(0H)3 + OH" -» [Al^Olll]- 

ppf. (excess) soliiHte complex 

AI 2 ( 803)3 + 3SO^- -2[A1{^03)3]3- 

- ppt. (excess) soluble complex 

■'e behaviour of GaCl, is also similar to that o' AICI 3 . 

The amphoterism reactions of liq SO, ire included in complex 
formation reactions. [ 

(7) Reduction-oxidation (Redox) reactions. At high tempera¬ 
tures gaseous SO, may act either as an oxidising agent or as a reduc¬ 
ing agent, depending on the nature of thr substance with which 
gaseous SO, reacts. On the other hand liq. SO, does not have any 
strong oxidising or reducing properties, althbugh it may serve as a 
medium for oxidation-reduction reactions. 

Although liq. SO, cannot reduce bromine or iodine, a sulphite 
in liq. SO, reduces iodine as is indicated by the reactions shown 
below : 

I, -h 2 RSO, -► RSO 4 4 RI, + SO, 

I, 4 2((NE't3), SO] SO, -► [(NEt,), SpiSO* -f [(NEt,), SO] I, 

+ SO, 

Conversely soluble iodides such as K1 can be oxidised to free 
iodine by thq reagents such as SbCl,. 

' ^KI -L •'SbCU 31, ■+ SbCI, -f- 2K3[SbCl,] 

Son^e other reactions- in liq.. SO-, are : 

GHjCOBF, 4 - CHjCOOK^^^(CHaC:)), O + KBF, 
acetyl fluoborate 

^ SO, in 

CHjCOBF, + (C,H,)3CC1-. (CH,CC)C1 + (CeHsljCBF, | 

Triphenyl chloro- yellow powder 

methane 

( 8 ) Reactions with organic compounds Various organic com¬ 
pounds are soluble in liq. SO,. It is a uieful solvent for several 
types of organic synthetic reactions due to its non-inflammability, 
relative inertness and convenient temperature range. It serves as a 
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medium for a number of organic reactions some of which are 
mentioned below : 

{a) Sulphonalion. Various aromatic hydrocarbons undergo 
sulphonation in liq. S(^ and thus give good yields, e.g., 

SO, (/) 

QH, + 91SO,H -► C,HsSO,H -F HCl 

(b) Friedel-Craft's reactions. Since AlCl, which is used as a 
catalyst in this reaction is highly soluble in liq. SO,, Friedel-Craft’s 
reaction is carried out ^n liq. SO, mcdiu n. 

O O 

/ AlCl, / 

C,H, + C,H,—C -- C,H,0-C -F HCl 

\ liq. SO, \ 

Cl C,H5 

o o 

/ AlCl, / 

CtHsOH + C,H5—C -► C,H,0-C + HCl 

' \ SO,(/) \ 

Cl C,H5 

, (c) Bromination. Liq. SO, is also used as a solvent in various 
bromination reactions 


*H,-C 


1—CH=CHi 


-F Br, 


i-CHBr—CH,Br 


addition compound 


—OH 


I-OH 


+ HBr 


substitution compound 


LIQUID DINITROGEN TETRAOXIDE (liq. N, 04 ) 

Because ot its corivenient liquid range its very interesting chemical 
characteristics and ease of preparation and purfication, liq. N 20 ^ has been 

the subject of much research during the years 1935-40 as a medium for 
chemical reactions. Since it is a powerful oxidising agent, it can oxidise 
reducing substances explosively particularly of organic nature. Conse¬ 
quently extreme care tnust be taken in carrying out the reactions with 
reducing agents so that the possibility of such substances being oxidised 
cxplosivplv mav be rninimked 

It has a low dielectric constant and hence is a poor solvent for 
ionic substances but good solvent- for organic compounds. Ti e 
auto-ionisation of liq. NjO, takes place as 

N,0* -F N,p* jrrt 2Na+ -F 2NOa- 
Nitrosyl ion Nitrate ion 
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The auto-ionisation of liq. Nj04 can be pronioted by solvents 
of high dielectric constant such as nitromethabe. 

Chemical reactions 

Following are the important chemical reactions that occur in 
liq. N2O4. 

0 ) Acid-base (or neutralisation or salt formation) reactions. 
Auto-ionisation of liq. N2O4 as shown above indicates that, accor¬ 
ding to solvent system concept, substances furnishing NO+ ions 
{e.g. NOCI, NOBr etc.) would behave as acids in liq. N2O4 and 
those furnishing NO3- ions {e.g. AgNOj, (Eta NH2] NO3) would be¬ 
have as bases. Thus the solution of NOCI in liq. N2O4 reacts with 
solid AgNOa to give AgCl (salt) and the solvent. 

NOCl + AgNOa (r) -» AgCl i -f N2O4 

acid base salt st>lvent 

( 2 ) Reactions with metals. Very active metals like alkali 
metals react with liq. N2O4 in the same manner as water does. 

M -b N2O4 -► NO -h MN63 

M + H2O -► MOH -f i tii 

I 

Addition of HCl to H-^O increases the reactivity of HjO to¬ 
wards metals. Similarly the addition of NOCI to liq. N364 also 
increases its reactivity towards metals, e.g. 2 ,n, Fe, Sn react with 
solution of NOCI in liqr N2O4. 

N 204 (/) 

Zn -I- 2 NOC 1 -». ZnClj + 2 NO 

N 204 {/) 

Sn + 4 NOCI -*. (NO.) SnCl4 -f 2 NO 

H2O 

M -f 2 HC 1 -► MOj+Hj 

( 3 ) Complex formation. Zn(N03)2 dissolves readily in a solu¬ 
tion of diethyl ammonium nitrate, [Eti NH2]N(P3 in liq. N2O4 to yield 
a nitrato zinc complex which is of undetermined composition. 

N 204 (/) 

Zn(N 03)2 + ^ [Et 2 NH 2 ] NO 3 -► [Et 2 NH 2 ]* ,[Zn(N 03 ),+*] 

solid '-j-V- ' 

Diethyl ammonium 
nitrato zincate 

The above reaction also indicates the amhhoteric reaction. Some 
solvate are also formulated as complex salts ^ shown under solvate 
formation reactions given below. 

( 4 ) Solvate formation reactions. Nitrat 4 s of some metals such 
as Zn, U and Fe react with liq. N204 to fqrm the solvates, e.g. 
Zn (N03)3. 2N2O4, UOj (N03)2. N2O4 and Fb(N03)3. N2O4 respec¬ 
tively. T^ese solvates may also be formulated as complex saJts: 
(NO), [Zn(N03)4], N0[U02(N03)2] and NO IFi(N03)4]. 
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(5) Solvolysis reactions. A number of soivo\ysi.s reactions 
have been studied in liq. N1O4. Some examples are ; 

[Mg(HjO)e]Cl2 + N* 04 (/) -► tMg(H 20 ),](N 0 *), + . 2 NOCi 

[EtaNHjJCl + -► [EtjNHJNOs + NOCl 

Mg(a04)2 + 2 Nj 04' (/) -- \;g(N03)2+2N0CI04 

LiCOs gets solvated in presence of traces of water. 

In preseiri 

LijCO, + 2N2O4 CO-► 2LiNDs + N2O3 

traces i}fHiO +-COo t 

LIQUID HYDROGEN FLUORIDE (Ilq. HF) 

Liq. HF has’ a wide but convenient liquid, range (—SS'C to 
19 - 4 °C) The disadvantages of using HF as a'solient and reaction 
medium are that it can dissolve only relatively few substances 
without chemical reaction and that it has poisonous character. 

Although HF has a rather low sofcitp conductance, its high 
dielectric constant ma^s jt an excelletiJ ^onising soJvent. It is regar¬ 
ded as one of tne most, wMer-kke of all. opn-aqueous solvents. It 
dissolves many inoTganic ahd organic compobpds to give highly con¬ 
ducting solutions. Iiiorgariic substances are generally more soKible 
than organic compounds. 

The dissolution of a solute in HF takes -place by any of the 
following mechanisms : 

(1) hF wf”' yi"-. H and F’ ions as other 

ioni, Suh 'ill' ■<'. 

HF —> H' +F' 

AF5 + F”-► AF^ 

(A = Sb, As. P)_ 

AF5 + HF -> AF' + 


Such solutions behave as acidic solutions. 

(//) Chemical dddition of HF to the solute followed by its disso- 


ciatton to give F' ion, e.g. 


CHsCOOH-l-HF 


CH3COOH . HF -► CHsCOOH2 -'-+F' 

HNO3-FHF ^ HNO3 . HF — HN03m-FF- 

KNO3+2HF KNO3 . 2 HF —► K++H.HNO3-+2F' 

am The anion of the solute may be replaced by ion, e.g. 
KCN-FHF —kf-fhcn 
KI-FHF-* KF+HI 

(/V) Chemical reactions involving mort:than simple replacement 
may take place, e.g. ^ 

HiSOt+HF-- HSOaF+HjO 

H» 0 -FHF -. H 3O++F- _ 

HS 03 F-FH 30 + -F F 
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Anto-ionisatioB of HF. The auto-ionisation of HF can be 
represented as : 

HF-f-HF-► H^+ +F* 

Flaoroniuiq FlaotMe ion 
■fon 


According to the theory of solvent s 
capable of giving HiF+ ions will behave as an 
whereas any substance giving F~ions will act 


system^ any substance 
acid in this solvent 
IS a base. 


can ddnaie protons 
*». HiSO« etc. which 
behave as bases in 


There are only a few substances which 
readily to HF. Thus the substbnces like HN({). 
can b^ave as strong acids in aqheous solution 
HF, e.g. ^ 

HNO,-t-HF-► H,NO,+-|-F[- 

H,S 04 -hHF-► H,S 04 +-|-fI 

HCIO 4 which is probably the strongest a<jid in aqueous solution 
is amphoteric in HF. 

HCIO 4 +HF-► HCIO 4 ++F- 

HCIO4-I-HF -► C104-+H,EJ^ 


(HCIO4 acts as a base) 
(HCIO4 acts as an acid) 


The only compounds acting as acids iii liq. HF are certain 
electron-acceptor fluorides (e.g. BF,, AsF,, PFi and SbF,). 


BF*-1-2HF-► H»B+-t-BF 4 - 

SbF,+2HF-► H,F++SbF. 

These acceptor molecules dissolve in l^F to give 

This is au 


solutions 

evidence 


ionic fluorides which 
lecrease that ofHiF' 

as bases in HF, e.g. 


which dissolve electropositive metals like Mg. 
in favour of the acidic nature of these solutes. 

Substances acting as bases in HF ate 
increase the concentration of F' ions and c 
ions. 

Weak acids in other systems behave 
CH4CX)0H behaves as a base in HF. 

CH,COOH-|-HF —► CH,COOH.HF CH,COOH,++F- 

OxUatioB-rediiction reactionat OxidutiiiFwauctioir 'tactions 
between hydrgfuo acids and metals in HF are not grncMtlly different 
from these taking place between HNO, and met^ ft the affueous 
system, e.g. 

3HAsF.+2Ag-» 2AgAsF,-{-A^Fs+3HF 

7HIF,-|-6Ag-► 6AgIF,+HI-f-6HF 

4HNp,-|-3Ag-► 3AgNO,-|-ls(( 

Piedpitatien reactions. Some of the 


_—- 'z.zr-j — — precipitation reactiaas 

occurring in liq. HF are exemplified by the following reactions/ 

HF(/) 

Na*S 04 + 2 AgF-» Ag,S041 +2NaF 


0-|-2H,0 
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HF(/) 

KCIO4 i-TlF-► TICIO* ; +KF 

HF(/) 

NaClOt-AgF-► AgC104 1 +NaF 

The precipitatiou reaction resulting in the formation of silver 
tetrafluoroborate, Aj;BF4 is the most important. AgBF* is obtained 
as a precipitate whe^ AgNOj and BF, solutions in HF are mixed. 

AgNOj + BFj + 2 HF- > AgBF4 + HjNOjF 

ppt 

Formation of addition compounds. HF also forms a number of 
addition compounds with metallic fluorides, e.g. KF.HF, KF. 2 HF, 
KF. 3 HF, NH4F.HF etc. 

UQUID HYDROGEN SULPHTOE (llq. HjS) 

Liquid HjS beeves more like an organic solvent than like 
water and is thus a Imuch poorer solvent for ionic compounds than 
water. Only few inorganic compounds dissolve in this solvent 
without chemical reaction. 

Liquid H2S possesses a very narrow and inconveniently low 
range (— 85 ° to —6()°C) for experimental work and is highly poison¬ 
ous. 

Auto-ionisatiod of liq. H^S and acid-base reactions. H^S ionises 


H,S HaS+H-HS- 

Thus the subsiances yielding HsS+ ions (or H+ ions) behave 
as acids in liq. HjS ^hilc those giving HS* ions behave as bases 
in this solvent. Some acid-base reactions have been observed in 
this solvent, e.g. neutralisation reaction between HCl and triethyl 
amrnonium hydrostllphide, [N(Et)3H]SH has been studied in this 
medium. 

[N(Bt),H]SH -F HCl-► [N(Et),H]Cl-|-H,S 

base acid sail solvent 

Solvolysb rea^ioDS. A number of solvolysis reactions have 
studied in liq. H.4S. The following reactions illustrate these 


icncttons. 

compouna 

onCl^ 

PCI5 

SbClj 

HgCl 2 


r Solvent 

t- 2H2S(0 
+ H 2 S (0 
+ HjSlO 
+ HjSCO 


Solvolysis product + xHU. 

SnSj + 4HC' 
PSCI 3 + 2HC1 
SbSClj + 2HC1 
HgS + 2HC 


liouid hydrogen cyanide (llq. HCN) 

1 iflu^d hvdroten cyanide is a highly associated Uquid through 
u a hondina. It has the highest dielectric constant and 

hydroge ^8 water-like solvent. On the basis of 

sS properties we would expect liq. HCN to ^ the b«t of 
,1 • solvenfs. But surprisingly, as an lomsing solvent, 

HCN S not c|me up to our expectations. In comparison to 
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water it is undoubtedly an inferior solvent. The poisonous nature 
of HCN has seriously limited the studies in this solvent. 

Solubility of differeot compounds. Many organic compounds 
like benzene, aniline, methanol, glycerine, urea and ethanol are 
readily soluble in HCN. Triethyl ammonium chloride, triethyl 
ammonium picrate and potassium dichloi o acetate are also readily 
soluble in HCN and give solutions with high electric conductivity 
Propylamine is also soluble but its solution does not conduct 
electricity. 

HCN dissolves both covalent and ionic compounds. NaCl, 
KCl, NH^Cl, NaNOj, KjS 04 and KI are either soluble or sparingly 
soluble in HCN. Many covalent chlorides like POCI-, SOCU, 
BiCla, SbCls and HCl are soluble and produce ions in the solvating 
process. SnCU, SnBr 4 , Snl 4 and I* dissolve in HCN without under¬ 
going ionisation. 

Auto-ionisation and acid-base reactions. There is an cvidance 
to show that liq. HCN ionises according to the equation 

HCN+HCN 1 —► H*CN+-1-CN 
H4 CN+2H+4 CN- 


HCN-|-HCN :;z =±2H+42CN- 

Thus, on the basis of acid-base concept the substances capable 
of releasing protons (c.g. soluble acids likb H 2 SO 4 , HNO 3 , HCl etc.) 
act as acids and the compounds giving CN' ions {e.g. alkali metal 
and substituted ammonium cyanides) act as bases in liq. HCN. 

The examples illustrating the conductometric and potentio- 
metric titration reactions are given below ; 


Solute Titrant 

I) KCN-1-H*S04 

C*H*N4H,S0* 

CjH»NHHS04+C»H4N 


HCN(/) 


2 C 4 H 5 N-{-H,S 04 


HCN W 


Products formed 

KHSO 4 +HCN 

C5HSNHHSO4 

(C 5 H 5 NH)*S 04 

[ (C 5 HgNH) 4 S 04 


HCN (/) 

{Hi) S03 4(CtH6)3N- -*■ 

C1*CHC00H-KC,H4),N-► 

CUCHCOO G2H»)3NH+C1,CHC00H- 


S 03 .(C 3 H 5 )sN 

Cl.eHCOO(C,H»),NH 

—♦CUCHr dO(C*H 3 )sNH- 
CljCHCOOH 


(IV) 2C1,CHCOOH-1-(C,Hs)3N- 


HCN U) 


Cl,CHCOO(C,H*)sNH.Cl,- 

CHCOOH 
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the complex formation re: 


FeCls+3[(C,H5)iN 
Trlethyl a 
ium cyani 
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ijeactions. The following reactions illustrate 
fction in liq. HCN. 

HCN (/) 

H]CN- -►Fc(CNl, I + 3 [C,Hs),NH]Cl 

Blue ppt 


Me 


Fe(CN)3+3I{C,H5)3NlkjCN 


Solvolysis reactions, 
pond to hydrolysis reacti 
solvolysed according to th 

Ag2SO* -J- 2 
CH3COCI+ 


HCN (/) 


I(C 2 H 3 ),NH] 3 »+[Fc(CN),]»- 
soluble complex 


Solvolysis reactions in liq. HCN corres- 
fons in H3O. AgS04 and CHgCOCl are 
[ie equations. 

2HCN-» 2AgCN+HtSO« 

.^CN » CH3COCN+HCI 

Formation of solvates. HCN forms few solvates. The solvate 
AICI3.2HCN is best desifribed as iminoformyl carbylamine and 

IL.NHCHNC. SO3.3HCN or tOHlaSfCN), 
ftewithSOs. 


hence is formulated as A 1 
is another important solv^ 

ACETIC ACID (CH3COOH 

It is an associated s^ilvenl and exists as a dimer in the liquid 
sta.te. It has a conveniei^tly wide liquid range il6-6°C tollS C). 
It is non-ionic and stable under ordinary conditions A most serious 
disadvantage of this solvent is the difficulty which is involved in the 
preparation of anhydrous acid. Its dipole moment is zero and the 
value of dielectric constaht is low (= 9 - 7 ). From these properties 
CH3COOH would be ex(>ected to be a poor solverft for ionic com¬ 
pounds but surprisingly 
soluble in this solvent. 


a large number of such compounds is 


Auto-ionisation and acid-base reactions. There is an evidence 
which, indicates that CH3COOH ionises as : 

CH3COOH-I-CH3CGOH T—» CH3COOH3+-bCH3COO 

Thus on the bas'^s of solvent s^ stem concept of aciddtase, 
substances giving the sedvated proton (CHsCOOHg^) in solution are 
regarded as acids while (fiose giving the CH»COO- iorts are consi¬ 
dered as bases. Typical acid-base reaction between soluble acetate' 
and strong arid is shown below : 

“^H.COONa -f HO- ► NaCl + CH3COOH 

base ' acid salt solvent 

Weak organic bases li^ acetamide and acctanili<de cannot.be 
titrated in aqyeous mediuta but they may be titrated in CH,COOH 
medium. Perchloric acidi which is the most hi^ly dissociated of 
the strong ^ids in CHjCOOH, is generally used as the titrant. 
The neutrali^tion reaction is follow^ potentiometrically and also 
by indicator^. The weak organic bases function as quite strong bas^ 
due to the occurrence of the reaction viz. 

B +CH3COOH-*BH+-fCH,COO- 

Woftk organic 
base 
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I 

Precipitation reactions. The ^following I reactions are the pre¬ 
cipitation reactions talcing place iiTliq. CHjCOOH. 

CHsCOOH (0 

AgNOj-l-CaCl,-► 2A^CU 4 -Ca(N 03 )* 

CH,COOH(/) , 

Pb(CH3COO)j-t-2NaCl-►PbCjl, | -f2CH3COONa 

CHsCOOH(/) 

Cd(CH 3 COO),-l-HtS-►CdS H- 2 CH 3 COOH 


Amphoteric reactions. Certain 
Zn(CH9COO)3 exhibit amphoteric behaviour 


compounds such 
in liq. CH 3 COOH 


Zn*++2CH3COO- 


ZnCCHjCOO)*- 

Insoluble 


f 2 CH 3 COO 


Complex formation reactions. Certain complex formation 
reactions take place in liq. CH3COOH just like in aqueous medium, 
eg Fe®+and CNS" ions react in this medium to form red-coloured 
complex (insoluble). [Fe(CNS)«p-. The sa^e complex is formed in 
aqueous 3 olution. 

CHaCOOHt/j 

Fe’++ 6 CNS- --- [Fe(CNS)3p- 

Red-coloured 
insoluble complex 

The amphoteric behaviour of Zn(CHsCOO)3 in liq. CH3COOH 
as shown above may also be included uijder complex fbi;mation 
reactions. 


SoKolysis reactions, 
following reactions : 

SO,Cl2-|-4CH3COOH 


These reactions 


S02(CH3C|oO)*+2CH3C00H2^ 

CN +CH 3 COOH —CH 3 COO--t-HCN 

Solvate formation reaction CH 5 (' 00 K. 2 CH 3 C 00 H is a 
typical example of a solvate formed in liq. pH^COOH. 

LIQUID BROlVlINE TRIFLUORIDE (liq 

A fairly high specific contance of liq. BrFy indicaid^ that it 
ionises as : 

BrF 3 -i-BrF 3 BrF,++BrF«- 

SbFs acts as an acid in liq. BrF, beca use it increases the con¬ 
centration of BrF2'*‘ ions as shown below . 

SbF6+BrF3-► BrF,+-FStiF,- 

KF on the other hand, acts as a baise in this solvent, because 
it increases the concentration of^rF4- ion^ as shown : 

KF-FBrF,-► K++BrF«r 


as 


[Zn(CH 3 COO) 4 ]‘- 
soluble complex 


are exemplified by the 
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NeatralisatioD reactions. Neutralisation reaction occurs on 
ofSbF, and KF in liq. BrFa and the salt 

K+[SbFg]- IS formed. 


KF+BrFj 

SbFs+BrFa 


K++BrF4- 
SbF. 


+BrFj^ 


KF+SbF 5 + 2 BrF 3 -► K+[SbF.]-+ 2 BrF 3 


or K+[BrF 4 ]- + [BrFj]+[SbF 6 l 
base acid 


K+[SbF,]-+2BrF, 
salt solvent 


Neutralisation re actions of this type help us to synthesise 
many compounds which are difficult to prepare by other methods. 
Some examples of such syntheses which can be carried out by 
neutralisation in liq. BrFj are given below : 

3cid salt solvent 

Ag+ [BrF4]- + [BrFj]^ [AUF4]- - v Ag+ [AUF4]- + 2 BrF 3 

2[NO]+[BrF4]- + [BrF|j]2+[GeF*]*- -► [NO],+[GeFsj‘-+4BrF3 

Ag+[BrF 4 ]-+[BrF 2 ]+[SbF 4 ]* -- Ag+ISbF,]' +2BrF, 

OXYHALIDES 

A number of oxyhalides such as phosphorus oxychloride 
(POCI3), selenium oxychloride (SeOCl*), NOCl, COCl„ CH 3 COCI 
etc. have been used as Solvents. The auto-ionisation of these solvents 
takes place as: 

POCIs-f-PC^Ia-» 2 POCI 2 +-}-2C1 (Dielectric constant 

, =130) 

SeOCIj+SedCI, —— 2SeOCl++2Cl- (=46-2) 

COClj+CcjlCU —-► 2COCI++2CI- (= 4 - 34 ) 
CH 3 COCl+CH,C(t)Cl-► 2CH,CO++2Cr ,= 16-9) 

Formation of adducjts. POCI 3 with halides like FeClj, SbCl 
AICI 3 , TiCl 4 eterforms 4dducts. Since the solutions of these’adducts 
are conducting ^nd can be titrated with bases like rEt 4 Nl+CI' their 
structures are POCl,+Fep 4 ', POCI,+SbCl,-, POCI.+AICI^, pbci,+ 
TiCU' and conse^ntly the titration reaction can be shown as : 

POCl3+SbGl,-+[E|«N]+CI--» POCl«-f[Et«NirSbCle] 

acid b^se solvent salt 

These adducts behave as acids. 

Mechanism of ad^ct formation. All the Cl' ions to form 
FeCl«- ion come from FeClj as shown below : 


‘FeCIs-fPOCl,; 


Cl 




Cl4Fe4-0=«P.^Cl 


\ 


Cl 


Cl Cl 

uhs^ble species 
Cl--t-F<[ci 3 -» FeCls- 


►[CljFe^POeijJ+ 

+Cj (/) 


(//) 
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On adding (/) and (/i) we get 

2FeClj+POCls izzt Fea*-+[Cl,Fe.«-POCI,]+ 

[FeCl4]-[POCl,]++FeCl3 

or FeCIs+POCla [FeCU]-[POCI,]+ 

Adduct 

The reaction of SnCl* with ScOClj to form the adduct 
SnCl**' 2SeOCl+ can be shown as : 

SeOCl,+SeOCl 2 :p—*• 2SeOCl++2Cr 

SnCl4+2Cl- SnCl,»~ _ 

2SeOCI,+SnCl4 SnCI**-.2SeOCl+ 

This adduct behaves as an acid. Alkali metal chlorides and 
organic bases {e.g. CsHjN) form bases with SeOCl* while SnCl 4 , 
TiCl 4 , AsCIs, FeClj, SO* etc. form acids. 
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Transition Elements 
(d'Block Elements) 


DEFINITION AND ELECTRONIC CONFIGURATIONS OF ATOMS 

The elements lying between s- and p-bjock elements of the 
periodic table are collectively known as transition or transitional ele¬ 
ments (T.E.’s); These elements either in their atomic state or in any 
of their common oxidation state have partly filled {n — l)d orbitals of 
{n—t)th main shell. In these elements the differentiating electron enters 
{n—l)d orbitals of {n~ l)th main shell and as such ’th^e are called 
'49l-biock element* 

The valence shell cotifigurations of these elements can be re¬ 
presented by (n—l)d^-^'*.ns *’*. The predicted and observed valence- 
shell configurations of these elements are given in T-ablt 81. 

The configuratiors clearly show that strictly, according to .the 
definition of d- block elements, Cu, Ag and Au should be excluded 
from d- block elements, since these elements, both in thc^ir atomic 
state [with configuratioji l)d*®nj'] and in their -i-1 oxidatiotj state 
[with configuration do not have partly filled (/;—1) rf orbi- 

taJs. Similarly Zn, Cfd' and Hg which both in their atomic stau. 

and in -t+ 2 oxidation [(n—l)d‘®) db not contain partly 
filled (n— l)d orbitals, shoyld also be excluded from d-block elemcht». 
Similar is the case vt(ith Pd atom with configuration 4</w5i«. Vet, 
in order to maintain ^ rational classification of elements, thfese ele¬ 
ments {viz Cu, Ag, Au, Zn, Cd, Hg and Pd) are also generally studied 
with d- block elements 

All the 5-block elements are classified' into four series viz 35, 
AdJSd and 65 series corresponding to the filling of 35, 45, 55 and 65 
orbitals of {n—\)th main sbell. Each'bf 35, 45and 55Vcries has ten 
elements {see Table 81) while 65 series has at present;.only one ele¬ 
ment yiz Acg* whose v^ence shell configuration is 65* 7s* 

Irregularities in ConfigiiratioDS.--Table 8-1'’clearly shows that 
the observed configurations of the elements sh6'vn,Vith asterisk ar 
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Obaerved and predicted valence-shell conhsurations of d block elements. 
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*Note the irregularities in configurations. 
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different from their predicted configurations. The irregularities in 
the observed coiifitniraticns of Cr, Cu, Mo, Pd, Ag and Au are 
explained on the basis of the concept that half-filled and completely- 
filled d-orbitals are relatively more stable than other d-orbitals. 

On the basis of the above concept it is, however^ not easy to 
explain the irregularities found in the observed electronic configura¬ 
tions of the atoms of other elements, since one has to consider the 
net effect of so many other factors such as (/) nuclear electronic 
attraction (;/) shielding of one electron by several other electrons (m) 
inter-electronic repulsion (jv) the exchange-energy forces etc. All 
these factors play an important part together in determining the final 
stability of an electronic configuration of an atom. It is not easy to 
explain why W unlike 4ji) and Mo(4# 5si) should have the 

idealised electronic configuration (4/** 5d* 6s*). 

'r 

GENERAL CH.\RACrERISlnCS OF TRANSmON ELEMETNS 

Some important properties of 3d- series elements are given in 
Table 8-2. 

The properties of transition elements of any given period are 
not so much different from one another as those of the same period of 
non-transition elements. The reason of this fact lies in the electronic 
configurations of transition elements. We know that electronic con¬ 
figurations of transition elements is invariably * 

which indicates that (/) the electronic configurations of transition 
elements differ from one another only in the number of electrons in 
in d orbitals in the (n—l)th shell and (i7) the number of electrons in 
the outermost shell, ns, is invariably 1 or 2. 

Some of the important characteristic properties of </-block ele¬ 
ments are mentioned below ; 

(1) Metallic Character 

All the transition elements are metals, since the number of 
electrons in the outer-most shell is very small, being equal to 2. 
TTiey are hard, malleable and ductile. They exhibit all the three types 
of structures : face centred cubic {fee), hexagonal close packed {hep) 
and body centred cubic (bcc). Metals of VIII and IB Groups are 
softer and more ductile than other metals. 

It appears that covalent and metallic bonding both exist in 
the atoms of transition metals. The presence of unfilled d-orbitals 
favours covalent bonding. These metals are good conductors of 
heat and electricity. 

(2) Melting and Boiling Points 

The transition elenients have very high melting and boiling 
points as compared to those of s and p block elements. Zn, Cd 
and Hg have relatively Ipw values. The reason for these low values 
is that these metals have completely filled ^/-orbitals with no unpair¬ 
ed electron that may be available for covalent bonding amongst the 
atoms of these metals. The formation of covalent bon<fing occurs in 




Electronegativity (Pauling’s) 
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the rest of the ^-block elements on account of the presence of un¬ 
filled d-orbitals. 

Although melting and boiling points show no definite trends 
in the three tr^sition series, the metals having the highest melting 
and boiling points are towards the middle of each transition series. 


,3) Atomic (Covalent) and Ionic Radii 

me atomic and ionic radii (M*+ ions) for the elements of 3d- 
series ^re given in Table 8'2. It will be seen that these values de¬ 
crease generally, on moving from left to right in the period. This is 
cme to the fact that an increase in the nuclear charge tends to attract 
the electron clpud inwards. The atomic radii for the elements from 
Cr to Cu are, however, very close to one another. This is due to 
the fact that simultaneous addition of electron to 3d- level exercises 
the reverse effect by screening the outer 4r- electrons from the 
inward pull of the nucleus. As a result of these two opposing 
effects, the atomic radii do not alter much on moving from Cr to 
Ou* 


The ionic radii of M*+ and ions follow the same trends as 
their atomic radii. The radii of M*+ ions,'although somewhat smal¬ 
ler than that of Ca*+ion (=0-99A°) are comparable with it. Thus 
MO 'oxides of transition element should be, similar to' CaO in 
many ways, although somewhat less basic and less soluble in water. 
Similarly the hydration energies of M*+ ions should be similar to 
but somewhat greater than that of Ca*+ ion. This is borne out by 
facts, since the hydration energy of Ca*+ ion is 395 kcal and the 
observed values bf hydration energies for the elements Ti*+...Cu*+ 
are^between 446 kcal and 597 kcal (Table 8-2). 

The radii of M3+ions are slightly greater than that ofGa*+ 
ion (=0-62A°). Thus MjO* oxides of transitional elements 
^ould be similar to but slightly' less acidic (more basic) than GaijOa 
and th^ hydratjon energies of M*+ ions should be less than 1124 
kcal which is the hydration energy of Ga®+ion. The observed 
values of hydration energies for the series Sc®+...Fe*+ are between 
947 kcal and 1072 kcal. 


(4) iQuisaifion Potentials 

, first ionisation potentials of transitional elements lie bet¬ 
ween, the values of those of j- and p-block elements. The first 
ionisation potentials of all the transition elements lie between 5 to 
10 electron volts. In case of transition elements the addition of the 
extra electron in the (n—1) d level piovides a screening effect which 
shi^dS the outer nr electrons from the inward pull of positive 
nu6lea»-on the outer ns electron^. Thus the effects of the ihereas • 
in,'Miucleftr charge and the iSlpelding effect created due to the ex- 
p^r.-Asipn of i(n—,1) d orbital oppose each other. On account of these 
punter affects, the ionisation pO(entials increase rather slowly on 
ifioving in a period of the first trarrsftion series. 
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firct potentials. Table 8-2 contains the values of 

fv O’n for the elements of 

w iT ?“ ® evident that the values for the first 

four 3^ block elements (Sc. Ti. V and Cr) differ only slightly from 
one another. Similarly the values for Fe, Co, Ni and Cu also are 
?"®/o°^*ter. The value ofljforZn is considerably 
higher. This is due to the extra-stability of 3d^o level which is 
completely filled in Zn-atom. , 

Second ionisation potentials. The second ionisation potentials 
° tno'-e or less regularly with the increase of 

atomic number. The value of for Grand Cu are higher than 
those of their neighbours. This is due to the fact that the electro- 

3 cP®^leveh*^^^**°”* stable 3d^ ajid 

There is a sudden fall in the values of ionisation potentials 
m going from 11 B (Zn-group elements) to IIIA sub-group. This 
sudden fal IS explained on the basis that in case of IIIA grouo 
elements the electron to be removed is from a 4p-orbital which is in¬ 
completely filled, while in case of the II B group elements, the elect¬ 
ron to be removed is from 4s-orbital which is completely filled. Thus 
more energy will be required to remove an electron from a filled 4 j- 
orbita in comparison to that used to remove an electron from a 4 n. 
orbital which is incompletely filled. ^ 

Electropositive charcicter of transitional elements as compared to 

that of alkali metals and alkaline earth metals. The values of first 
ionisation potentials of transitional elements in most cases lie bet 
ween those of j- aqd p-block elements. Thus the transitional 
elements are less electropositive than the elements of I A and II A 
groups. Thus, a’though the transitional elements jdo form- ionic 
compounds, yet they do not form ionic compounds so readily as the 
alkali and alkaline earth metals do. Also, unlike the alkali and 
alkaline earth metals, the transitional elements also have a tendency 
to form the covalent compounds under certain conditions. Gene¬ 
rally the compounds in which the transitional elements show a 
smaller valency are ionic, while those in which a higher valencv 
is exhibited are covalent in character. ^ 


(5) Oxidation States 

One of the most important property that distinguishes transition 
elements from s- and p-block elements is that they show variable 
oxidation states, s- and p-block elements have oxidation states either 
equal to their group number, G or equal to ( 8 -G); The transition 
elements on the other hand exhibit variable oxidation states. 

This unique property is due to the fact that the energy levels 
of 3d, Ad and 5d orbitals are fairly close to tiiose of 4j, 5s and 65 
orbitals respectively and, therefore, in addition to ns electrdns and 
variable number of (n— 1 ) d electrohs are also lost in getting various 
oxidation states ■ 
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More common oxidation states shown by 3d, 4d and 5d series 
cle ncaits are shown in Table 8’3. The following points may be 
o^ied from this Tdble ; 


Table 8‘3. Different oxidation states exhibited by transitional metals 
{mosf. stable oxidation states are in brackets) 


IIIB 

m 





VIII 


IB IIB 



Elements of id- series (Period 4) 


1 Scji 

Tisi 

V 23 

Crji 

Mn2s 

Fe** Cost 

Ni2g Cu29 Znso 

1 


• 

4-1 




4-1 

1 

+2 

4-2 

4-2 

(4-2) 

(4-2) (■f2i 

(-^2) 

(42) (42) 

\ (+3) 

•f3 

4-3 

(4-3) 

4-3 

(4-3) (4-3) 

43 



(+4> 

4-4 

4-4 

(+4) 

4-4 

4-4 




(4-5) 

4-5 








(~f Q 

4-6 

(4-6) 







(4-7) 






Elements of 4<f- 

series (Period 5) 


Y„ 

Zrso 

Nbu 

MO 42 

TC 43 

R«44 Rh45 

Pd4S 

Ag47 Cd4j 








<+’) 



4-2 (?) 

4-2(7) 

(4-2) 4-2 

(4-2) 

42(?K (42) 

( + 3) 

+ 3 

4-3(7) 

4-3(7) 

(4-3) (4-3) 

4-3(7) 

(43) 


(+4) 

-h4(?) 

4-4 

(4-4) 

(4-4) (4-4) 

4-4 




(4-5) 

4-8 


+5 +5 

4-5 


' 



(4-6) 

4-6 

4-6 4-6 

4-6 



(+7) +7 

Elements of Sd- series (Period 6) 


Lass 

Hfvs 

Ta73 

Wts 

Rcts 

OS76 

lr77 

Pt78 

AU79 

41 

Hgso 

41 

■ 


42(7) 

42(7) 

42 (T) 

42 

42 

(42) 


(42) 

1 tk-ii 

4 31? 

43(7) 

43(7) 

43(7) 

43 

(43) 


(4-3) 


1 ■ i 

(44) 

44(7) 

44 

44(7) 

(4 4) 

(44) 

(44) 





(45) 

45 

45 (?) 


45(7) 45 






(46) 

t46) 

(46, 

+6 

46 
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(i) [Minimum oxidation state. All the transition elements 
with the exception of Cr, Cu, Ag, Au and Hg which have a mini¬ 
mum oxidation state of-f -1 exhibit a minimum oxidation state of 
+2. In most cases this -f 2 oxidation state arises due to the loss ot 
two ^-electrons. 

(//) Maximum oxidation state. Each of the elements in groups 
III B to VII B can show the maximum oxidation state equal to its 
group number. Thus, Cr in group * VIB shows a maximum oxida¬ 
tion ^ate of +6 in Cr,0,*- ion. Most of the elemwts in VIII group 
show a ma.ximum oxidation state equal to-f 6 . 

Os have a maximum oxidation state equal to -fS which is the highest 
oxidation state shown by any element. 

(iit) There is. an increase in the number of oxidation states 
in going from left to right in a period. However, the elements to¬ 
wards the middle of a period show more oxidation states than those 
towards the end of the period. The increase in the number of oxi¬ 
dation states in proceeding from left to right in a period is due to 
the ready availability of s- and d- electrons for binding. 
number of oxidation states is reached somewhere in the middle of a 

series. 

(iv) Relative stability of various oxidation states. The relative 
stabilkics of various oxidation states of 3d- scries elements can be 
Correlated with the extra stability of 3do, 3d^ and 3 d^o configurations 
to some extent. Thus Ti‘+ (3^/o) is more stable than Ti“+ {3d^) ar\d 
similarly Mn'+ (3^^^) is more stable than Mn*+(3d‘). It may, how¬ 
ever, be^pointed out that such a generalisation for the reblive 
stability of various oxidation states *f 4d- and 5d- series elements., 
is often rather difficult to realise. 

The higher oxidation states of 4d and 5d scries elements are 
generally more stable than those of the elements of 3J scries, e.g., 
Mo, Te (4</-serics elements) and W, Re (5<f-series elements) form 


he oxyanions ; Mo'^* 


Tc^'"' O- 




Re'^" o:; 


. 4 ,- ^ 4 .” -4 , -^4 which are 

stable and in wTTich 'thT transition elements concerned show 
their maximum oxidation states. The corresponding oxyanions 

ofCr and Mn namely Cr^^O/-and Mn''"or are strong oxidising 

agents. 

Furthermore, the highest oxidation slates of second and third 
row elements are encountered in compounds containing the more 
electronegative elements viz. F, O and Cl. Thus for the compoun s 
Vlll ' - VIII. __.VI - - VI. 


Ru" O4, 0 s'“ 04 , w 


Cls and Pt Fe ther“ are no analogs 


being formed by 'the first row elemeMs. The lower-oxjdati^ slates 
nLtfcularly +.2 and -H3 -are important iji the chemistry o^<5uated 
Ld complex ions of the 3rf-series (ire first row) elements but these 
ioiw are not veryt'important in the chemistry cf second^.e. 4d series) 
and third ( 5 i/^ scri«)Tow elements. In shor.t it sailLthat in 

g^g down a sub-gyoup the‘stability of the higher- oxidation states 
increases while that of lower oxidaftiod states decreases. 
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(v) Formation of ionic and covalent compounds. Transition 
elements caoinot form ionic compounds in higher oxidation states 
because the loss of more than three electrons is prevented by the 
higher attractive force.exerted (oh the electrons) by the nucleus, 
Higher oxidation states of these metals are not formed by the actual 
loss of electrons but due to the formation of new hybrid orbitals 
involving (n — l)d, ns and np orbitals. 

The transition elements form ionic bonds in the lower oxida¬ 
tion states and the ipnic character of the bond decreases with the 
increase in the oxidation state. With this decrease in the ionic 
character of the bond the basic character of the oxides decreases, e.g. 
MnO (oxidation states of Mn=-t-2) is basic, Mn02(Mn=+4) is 
amphoteric and MnOa (Mn = -f-6) is acidic. 

(6) Magnetic Properties 

First of all we describe the principles of magnetism and defi¬ 
nition of some terms. 


Pole strength. The unit pole is defined as the pole which 
when placed in air (or in vacuum) one cm. away from a pole of 
unit strength repels or attracts it with a force of one dyne. 

Intensity of magnetisation or magnetic moment per unit voiume, 
I.is defined as the pole strength induced per unit area. Thus, if 
m=pole strength, /=distance between the poles and A=area Of the 
pole, then 

■f _m m . I magnetic moment 

~~^~A.l~ Volume 
Hence I is the magnetic moment per unit volume. 


Gauss’s law and total magnetic inductioi;, B. A magnetic field has 
one unit intensity when one unit of force passes through 1 sq. cm. 
When a substance is placed in a magnetic field of strength H 
gauses, m^netic effect is induced in the substance ar;d ihc <otal mag¬ 
netic induction or magnetic flux {i.e. total number of lines of mag¬ 
netic force per unit area in the sample), B induced in the sample is 
equal to the sum of H and 4tr times of pole strength induced per 
unit area, I (Gauss’s law). Thus : 

B=H-f-4jiI 


or 


4 - 1 + 4 . 


H 


...(81) 


Magnetic permeability, P represents the ratio of the lines 
of magnetic force per unit area in the sample to the lines of force 
per unit area of magnetic field in vacuum. Thus P is given by : 

P=B/H. 

Susceptibility per unit volume (or simply volurne susceptibility), X 
(pronounced as chi, (unf) is given by X=I/H-, and gives the extent to 
which 4hjama.terml is susceptible (i.e. sensitive)^to the external mag¬ 
netic fiOT^or susceptible to magnetisation. It may be noted that if 
I and-'H are measured in the same unit, X becomes dimensonless 
quantity. P and X both are dimensionless quantities. 
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By placing B/H=P and I/H=X in equation (8*1), we get 

P=I+47tX ...(8-2) 

Gram sasceptibility. In practice, susceptibility is usually ex¬ 
pressed per unit mass (i.e. gram, specific or weight susceptibility, 
X,) rather than per unit volume. X, is given by 
.. volume susceptibility X 

-diHiky-=-T 

The molar susceptibility,.X m, is then given as : 

XM=gram susceptibility x mol. wt. 

=X, X M 



For normal paramagnetic and diamagnetic substances X, X. 
and Xm are constants independent of field strength. 

Origin of magnetism. If an electric current which is a flow of 
electron is allowed to flow through a wire coiled a round core, a field 
is produced which behaves as if it were due to a magnet, i.e. mag¬ 
netic field is produced. Now we know that, according to classical 
model of an atom (Bohr’s model) the electron has two types of 
motion (/) orbital motion which is due to the motion of the electron 
round the nucleus in an orbit. Orbital motion can be compared to 
the flow of electric current through a coiled wire.' The orbital 
motion, therefore, like an electric current flowing in a coiled wire also 
produces magnetic fiel I or magnetic moment which is called orbital 
magnetic moment or simply orbital moment of the electron (ii) spin 
motion which is due to the spinning of the electron round its own axis 
This spin motion also produces magnetic field or magnetic momSni 
which is called spin magnetic moment or simply spin moment of the 
electron. These two magnetic moments (/.e. orbital magnetic 
moment and spin magnetic moment) make an atom behave like a 
small magnet, i.e. it is these two magnetic moments which produce 
magnetic properties in substances. 

Now we know that when one magnet (s placed in thje field of 
another magnet, the magnetic field produced by one magnet will inters 
act with that produced by the other. This in other words ‘means that 
when a substance (which behaves as a magnet due to orbital and spin 
motion of Its electrons as we have seen above) is placed between 
the poles of a magnet, the magnetic field produced by the orbital 
and spin motion of the electrons interacts with the extemallv 
applied magnetic field. It is interesting to note that when the 
various substances are placed between the poles of a magnet (/e 
in a magnetic field), they do not behave in a similar way / e they 
show different behaviours which are known as magnetic behaviours 
These are classified as diamagnetisrrt, paramagnetism, ferromagnetism 
antiferromagnetism eendferrimagnetism. Of these the fast thr.-e ar- 
of rare oc. rrence and will, therefore, not be ponsidered in detail 
On the other hand, paramagnetism and diamagnetism areofereat 
importance. * 
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Magnetically dilute substance. A magnetically dilute substance 
is that in which the individual magnetic centres in the crys^l lattice 
are sufficiently apart to minimise any further magnetic interaction 
between near neighbours. Conversely substances in which the 
individual magnetic centres in the crystal lattice are close enough to 
initiate the further magnetic interaction are called magnetically 
concentrated substances. 

The various magnetic behaviours differ in regard to : (/) sign 
and magnitycle of'/. (//) temperature dependence of X (Hi) field 
strength dependence bf X. 

The salient features of various types of magnetic behaviours 
are summarised in Table 8 4- 

Diamagnetism. 

The substances which, when placed in a magnetic field, decrease 
the intensity of the magnetic fie;Id ehan in vacuum are called 
diamagnetic substances and the property due to which they show this 
behaviour is called diamagnetism. The nj[a£netic lines of force tend 
to avoid such substances and as such diamagnetic substances are 
repelled by the magnetic field and -such substances set themselves at 
■ rigid tfngles to the magnetic field [see Fig. 8’1(h)]. 



(a Pi ramagKetit (h) Diamagnetic 

Mibsiance ia a substance in a 

magnetic field. magnetic field. 

Fi^- $'l Effect of magnetic held on paramagnetic and 
diamagnetic substances. 

PrigiiEdf'diamagnetism. If two electrons with opposite spins 
are paired inrthe same orbital,, the magnetic field produced by one 
electron IS cancelled by that caused by the other electron, because 
each of tl e^^wo electrons has eiju.afSna opposite magnetic moment. 
Thus the substance ■having only paired electrons give zero resultant 
magnetic moment and consequently are didrnagnetic. 

biam'aghetic is temperaturtrwdependent-and is shown by all types 
of substances [evert by paramagnetic.substances^' Since diamagnetism 
is much-w«alf4f than paramagnetism (1 to f09 times weaker) and 
both act .opposite to-each other, it is difficult for the substances 
having uiipaired electrons to show diamagnetism, i.e. the substances 
having unpaired elections show a net paramagneti^ix 

For diamagnetic substances B < H. As Pis less than 1, X 
will be negative. Hence I is opposing H. 



Table 8'4. Main types of magnetic behaviour and their salient properties. 
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Antiferroinagne- Two lattices of ^articlek Very small, and positive Increases below Neel KNiFa, many dimeric 

tism having spins of one ~ 01 tol0^xl0~* cgs temperature complexes of Cu(ll)and 

lattice antiparallel to the units oxovanadium (IVj 

spins of the other 
lattice 
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Paramagnetism. 

The substances which, when placed in a magnetic field, allow 
the magnetic lines of force to pass through them rather than 
through vacuum, are called paramagnetic substances and the property 
due to which they show this behaviour is called paramagnetism. 
A paramagnetic substance tends to set itself with its length parallel to 
the magnetic field [see Fig. 8T (a)]. Thus a paramagnetic substance 
is attracted into a magnetic field. 

Paramagnetism is sub-divided into (/) normal paramagnetism 
(i/) temperature independent or Van Vleck paramagnetism (TIP) and 
(ill) Pauli or free electron paramagnetism. 

For paramagnetic substances B > H. As P is greater than I, 
X will be positive. Hence I is acting in the direction of H. 

Origin of paramagnetism. Paramagnetism of a substance con¬ 
sisting of atoms, ions or molecules is caused by the presence of un¬ 
paired electrons in the substance. The greater the number of unpaired 
electrons, the greater will be paramagnetism shown by the sub¬ 
stance. ^ 

:ln substances containing one or more unpaired electrons the 
magnetic fields caused by these unpaired electrons are not mutually 
cancelled, since each of the unpaired electrons has equal magnetic 
moment and thus some permanent and definite value of resultant 
magnetic moment is obtained. This resultant magnetic moment 
which is a combination of spin and orbital magnetic moments is 
sufficiently of high magnitude to overcome the small magnetic 
moments induced by the externally applied magnetic field. Such a 
substance, therefore, instead of experiencing repulsion like diamag¬ 
netic substance, experiences attraction in a magnetic field, i.e. it 
shows paramagnetic behaviour. 

Paramagnetic molecules are free to orient themselves ideally 
in the gas phase, but in practice also in solution and even in the 
solid state, if magnetically dilute. They are subject to two opposing 
cfiTects : (i) the magnetic field, H which tends to align the molecular 
magnets in the same direction as that of the field, and (ii) thermed 
agitation or thermal energy, IcT (called kT effect) which tends to 
orient the molecular magnets randomly. The effect of the applied 
magnetic field becomes more pronounced with the decrease in the 
value of absolute temperature, T, 

Magnetic moments from magnetic susceptibility. Paramagnetic 
susceptibility, X, is given by : 



where N=Avogadro’s Number, ft=magnetic moment, it=Boltzman 
constant=l-38^ 10'“ ergs/deg and T= absolute temperature. 

The value of Xm calculated from the experimental value of X, is 
the algebraic sum of Xp, 'H.jip and X^k,, i.e. 
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As we do Mt usually know the value of , corrected molar 
susceptibility,which is equal to Xm— is also Jn t,Io 

of Xp in the above equation (8-5) The value* nf ° P^^ce 

obtained by putting Xm«- in^lice of x/S eq^Lfon^S 

3/tT' 




...( 8 - 6 ) 


or 




3A:T X X.M^o" 


N* 


B.M. 


On substituting (he values of k and N in this equation we get 
/^«//=2-83 v/Xm-’-’^xT B.M. /-g.y) 

One B.M*"r8iv7„""bT: (® “-) 

y From expression (8-6j it is evident that 

Thus: proportional to T. This ^s called Curie’s ui. 


Xm"" oc 


I 

T 


or 


Xm«"= 


C 

T 


...( 8 - 8 ) 

where C is a constant which is equal to Nw*e»e/3/J- ThicV^.,^* . • 
characteristic of the substance \nd is caH^d Curie? 
the expression (8-8) is called Curie’s equation. From this eauatlon 
lUin7t TT wSr^'''"'’'”‘°^^"T against 1/T (^r of ?/XmJ°” 

not go through the origin but cuts the T axis fx--axis^ at a 

c 

y„rorr_ 

~T- 9 ...(8-9) 

temperature at which the line cuts the T axis and is 
^frhevalueo/e is positive (i.e. above 0°K\ 

belZ^n°T\^h^ T‘^ ferromagnetic and if 9 is negative (u” 

below 0 K), the substance is said to be antiferromaghetic. ^ 

lawis^veriy^^^^'"' substances which obey Curie-Weiss 


F«//=2.83 \/Xm'“’''X(T— li; B.M. ...(8 ;o> 
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Thermal energy and magnetic moment. 

We know that, according to Russel-Sa.unders L-S coupling 
scheme, the ground term symbol of an atom of ion is represented as: 
Ground term symbol = 2S+iLj — “+’Lj 


where the superscript 2S-|-1’^ 1 is the multiplicity ofL, state. It is 

simply the permitted values-of J for a given value of L. n = No. of 
unpaired electrons, S = resultant spin quantum number, L = resultant 
orbi(al quantum number. Tts different values have beeii represented 
by particular term letters as shown ; 

Values of I. >= 0 1 2 3 4 5 6... 

Term letters = S PDF G H I--- 

The subscript J is called resultant inner quantum number and is 
obtained by coupling L and S. J is a measure of the total angular 
momentum (spin angular momentum) and atomic orbital angular 
momentum of the atom. Thus J is also called total angular momen¬ 
tum. Different values of J obtained by coupling L and S vary in 
integral steps between | i ^rid | L—S | , total numt^r of 

values which J can have are (2S+1) if L>S and (2L-u 1) if L<S. In 
particular if L = 0 (i.e. S state), J can have only one value viz J = S. 

J must always be positive, never negative, since it represents the total 
angular momentum of the atom. 

Let us consider term, as an example, to calculate different 
J values. Since for ^F term 2S+ 1=3 or S =■ 1 and L = 3 (for F letter 
L 3) J = 4, 3, 2. Thus term is split by spin orbit (/3) coupling 
into three states viz 3F«. and ^Fj. Each of these states corresponds 
to a particular energy. The last one is the lowest in energy. In a 
magnetic field these three states are again split into i2J+1) levels 
each of which is separated from its immediate neighbour by an 
energy g?H which is equal to ehl^-mnc. Here g = LanJe splitting fac¬ 
tor for the substance, ?> = Bohr magneton a.nd H afield strength. All 
these (2J+-1) levels taken together constitute a multiplet. The 
energy difference between'two successive J levels of a multiplet is 
called multiplet width of the levels {i.e. energy separation between the 
levels). In which J level the atoms of a particular substance will go 
will depend on the value of multiplet width of the successive J errergy 
levels relative to the thermal energy (or thermal agitation). kT available 
to the atoms. kT is approximately 200 cm Mor 0-6 kcal/mole) at 
300°K. Such considerations lead to the following cases : 


(i) Multiplet width large compared to A:T. If the multiplet width 
is large compared to kT (as it is for some, though not all, tripositive 
lanthanide ions), the L and S' vectors couple very strongly i.e. the 
spin-orbital (L-S) coupling of unpaired electrons is significant in this 
case. Lowest energy J levels obtained by this type of strong L—S 
coupling is only populated by atoms. The other J levels are much 
above the ground state J level and are not populated. 

In this case the effective magne^moment, Pf,f is given by 

g VHJFl) W ^ ..•••(8-1I) 

where e is known as Lande splitting factor and's given by 

, . J(J+1)-FS(S + 1)-L(L+1) 

-WTi)- 
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The values of magnetic moments of lanthanide tripositive ions 
can "be calculated by using the above equation {see magnetic proper¬ 
ties of lanthanides in the chapter on Lanthanides). 

{//) Multiplet width small compared to kT. When the multiplei 
width of different J-levels is small compared to A:T (as it is for some, 
through not all, ions of the metals of first transition series), J levels 
are so close together that the thermal energy leads to virtually efjual 
population of all these J levels with atoms. This means that the 
coupling of L and S vectors is yveak and hence these vectors maintain 
their individuality. Consequently L and S vectors interact indepen¬ 
dently with the externally applied magnetic field. The effective mag¬ 
netic moment is then obtained by adding the magnetic moments due 
to orbital motion (i.e. orbital magnetic moment, /jl) and that due to 
the spin motion (i.e. spin magnetic moment, ^s) of the electron given 

by: • * _ 

Orbital magnetic moment, v'L(L+1), 

and Spin magnetic moment, ^is=^s VSfS-f-1) 

Here gL and gs are the Lande splitting factors for orbital and 
spin magnetic moments. Since for/ xl. 1 and for^s=2 ,/^l 
and are given by : 

PL— VL(L-i-1), 

S(S+1)= V 4S(S+T) 

Thus Pt/f is given by : 

VL(L-hl)+4S(S-fl) B.M. ...(8-13) 

This equation is generally used to calculate the values of ptft 
of the ions of the metals of first transition series {see Table 8-5). 

For the ions with S term symbol (e.g. Mn-+ and Fc^+- ions), L=0 
(L=0 for S term symbol), i.e. there is no contribution of orbital mag¬ 
netic momerit to p,„for the ions which contain S term symbols. For 
these ions for which L =0, the above equation (81.3) giving the value 

of Pfn becomes ; _ 

\/4S(S +J)B.M. ...(8'14) 

Now since S=ix« = ///2(n = No. of unpaired electrons), 

Pt„=\f 4n/2(w/2-(-l)= \/n(n + 2)BM ...(8-l.‘5) 

Since the value of g,// given by equation (8-14) or (f'T5) is that 
which contains only the contribution made by the spin magnetic mo¬ 
ment resulting from the spin motion of the electron, it is called spin- 
only magnetic moment, onh wh'ose value is thus given by : 

P>vin o„iu= \''4S(SH-r)BM= v//i(n + 2)BM ...(8T6) 

The formula represented by equation (8T6) is called spin-only 
formula and the values of magnetic moments calculated from this 
formula are called spin only values. Thus we see that for the ions 
with S ground state {e.g. Mn*+ and Fe®+ —ions), the magnetic mo¬ 
ment is due to the spin magnetic moment and the orbital magnetic 
moment is largely suppressed or quenched by the electrostatic field of 
other atoms, ions or molecules surrounding the metal ion. The atom. 
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ion or molecules surrounding the metal ion restrict the motion of the 
electrons round the nucleus (the so-called orbital motion) ow/z/iuj 
the contribution due to the orbital magnetic moment is quenched. 

theory, as the six ligands in an octa- 
hedral complex approach the central metal, any electrons in the 
<f-orbitals of the metal ion are repelled i.e., the energy of the rf-orbit- 

fs remov(Sf’^^T?s th-" degeneracy of the tf-orbitals 

removed. It is this removal of degeneracy of the ^/-orbitals which 

^ quenching of the orbital contribution to the 

effective magnetic moment. * 

oThS inn<fformula also holds good for 
mnfo f for calculating their magnetic moments. Fromthisfor- 

confainina^''*‘^^”*H^^f^ magnetic moments for the ions 

4 electrons, «= 1 , 2, 3. 4...etc are 1-73, 2-83 3 87 

It n;ayaJrsl:ntom^t?aW^£^ 

wa^r.Xime‘’„S’;rel'‘^ c„„Bgura,io„,, i„ „„„e agr^.eni 

orhitaf°In!l® elements of second and third transition series the 
comnlLfI!w moments interact with each other in a 

spin-only formula cannot be used for 
calculating the magnetic moments of these elements. 

meth^"**”*** determination of magnetic susceptibility by Gouy’s 

susceptibility of substances can be determined by 

^ is the most simple and 

hence is commonly used. 

omr./"- . ruethod a thin cylindrical glass tube, filled with the 

a iTm ^ ■ vertically suspended from the beam of a balance (kept on 
a table) in draught free enclosure in such a way that its lower end 

^ magnet, preferably an electromagnet 
(p aced under the table) and the upper end lies in a negligible field 

“PP®r end of the tube is zero). The 
weight of the sample 4 s, determined with the field off and with the 
■? . Similar deterlliiftation is also made with the same sample 
be so as to allow for a diamagnetic correction of the glass tube. 

, force </F experienced by the sample of volume sus- 
eptibiJity, X and small volume, dv in a magnetic field H is given by : 

dF == H. X dv. 


where 


da 

dx 


dx 


is the field gradient. 


Now if A is the cfoss-sectional area and dx is the small height 
of the sainple, then A.dx — dv and henpe 

dE = H. X. A. dx. ^ 
dx 

« H. X. A. da. ' 
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On integrating we get 
H H 

jrfF = j H. X. A. dH 
Ho Ho 

or F = A. X. i (H^-H^^o) 

where H and Ho are the lower and upper limits of magnetic fields. 

Volume susceptibility X 
Now since Xo = -d^nsity~— ^ 

F = A. /„. d. i (H*-Ho*) 

Mass (m) 

Now since density (d) = 

mass (m) _ 

^ area (A) x length (/) 


Ad = 


above equation becomes 


F X,.- 




If Ho is neglected, then 

V = 

' H- X m 

Since the force, F acting on the sample is measured as a change 
in the weight of the sample in the magnetic field, the above equation 
becomes ; 

2 /X change in weight of the sample 
H=x Weight of the sample 

t 2 /X change in weight of the sample molecular weight 
H*X weight of the sample J 'of the sample(M) 

...(/) 

The quantity 2//H* is called the tube calibration constant. This 
constant is first determined by taking a measurement on a standard 
substance such as CUSO 4 . 5H,0 (X, = 5-92 x 10'« cgs units), 
Hg[Co(SCN) 4 ] (X 5 = 16-44X 10'« cgs units] for which 7., is accurately 
determined. The same tube is then cleaned and used to determine 
the Xj of the substance under investigation. For paramagnetic sub¬ 
stances the value of Xm as calculated from equation (/) is corrected 
for the diamagnetism of the ligands using Pascal’s constants. The 
corrected value of Xm (represented as Xm"’^'") is then used to calculate 
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the effective magnetic moment, m<// with the help of Curie equation 
given below; 

= 2-83 VXM'^'xCX-e) BM 
(7) Colour ^ Transition metal ions 

Unlike the cations, anions, and oxyanions of the representative 
elements all of which are colourless, the transition metal ions 
and their oxyanions such as Cr 04 *' (yellow), Cr, 07 *' (orange) and 
MnO*' (purple) are generally coloured. The colours of the hydrated 
cations of some transition series elements are given below. For 
simplicity, water molecules associated with each ion are omitted. 

(n =0) -*• Sc*+, TH+ (all are colourless), 3d^ (n= 1) -> Ti®+ 
(purple), V«- (blue) ; 3d* (n = 2) V*+ (green^ 3d* ((« = 3) -> 

Cr*+ (dark green), V**(violet) ; 3d* («=4)->Mn*+ (violet), Cr*+{blue); 
3d* (n = 5)->Mn*+- (faintly pink or flesh colourless) ; 3d* (n = 4)-*- 
Fe*+(pale green or faintly green), Co»+ (blue) ; 3</^ («=3)-»-Co’+ 
(pink), 3d* (n=:2)-^Ni*+ (green), 3d* (n = l) ->.Cu*+ (blue), 3d^<> (n=0) 
-»-Cu+, Zn*+ etc. (all are colourless). Here n indicates the number of 
unpaired electrons present in the ions. 

These colours show that the ions such as Sc»+, Ti‘*+ which have 
no (/-electrons (d”) are colourless. Ions such as Cu+, Ag+, Zn*^-, 
Cd*+, Hg*+ etc. arc also colourless, since these have completely 
filled (/-orbitals ((/*“) which are not involved in coordination with 
water molecules. Zn»+, for example, uses s/>* hybrid orbitals to give 
[Zn(HjO) 4 ]*+ion where no (/-orbitals are involved. Thus the com¬ 
plex ions of transition metals with partially filled (/-orbitals are 
frequently coloured. 

Origin of colour according to Crystal Field Theory 

The origin of colour shown by transition metal ions can be 
explained with the help of Crystal Field Theory (CFT^. For this see 
the applications of CFT described in chapter on Nature of Metal- 
Ligand Bonding in Complexes. 

Factors affecting the colour of the complexes 

An increase in the magnitude of decreases the wavelength 
(;A) of the light absorbed by the complexes. Thus with a decrease 
in the wavelength the colour 6f the complexes changes from red-> 
violet. All the factors which change the magnitude of A© also 
change the colour of the complexes. These factors are : 

(i) Change In the number of d-eiectro^s. An increase in the 
number of d electrons in the central metal ion decreases the magni¬ 
tude of Ao and hence increases the wavelength (A) of the absorbed 
light. Thus ; 

No. of (/-electrons a —-i a A 
A* 

The increase in A changes the colour of the complex from 
violct-sr-red. 

*?8*a^s* In order to see the effect 
of the field strengths of the, ligands on the colour of the complex 
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ions let us consider the octahedral complex ions viz rCofH,OU3+ 
[Co(CN)g]®+ which contain the ligands whose field’ 
strengths are in the increasing or^er HjO < NH. < CN' (see 
spectrochetnical series). Quite obvipusly the magnitude of A„ 
which is the energy difference between r*, and e, orbitals will also'be 
in the same order, i.e. Ao(H,0)< Ao{NH,)< Ao(CN-), but the wave¬ 
lengths (A) of the colours absorbed by these ions will be in the reverse 

order, since Ao « -j. Thus : A (HjO) >A(NH,)>A (CN‘). Con¬ 
sequently the colour of the light absorbed by the complex will shift 
from red ->■ violet and the colour of the light transmitted by the 
complex (/.e., colour of the complex) will shift from biue-green —*■ 
yellow-green. The colour of the transmitted light which is the 
colour of the complex is called complementary colour to that of 
absorbed light. 

Colours which are absorbed and those which are transmitted by 
these ions are given below : * 




[Co(HsO)*)*+ 
H2O < 
AflfftjOX 
>(H20).> 
orange 


[Co(NH,)«]^ 
NH, < 
Ao(NH,) < 
X (NH,) > 
Green-blue 


[Co(CN;,]» 

ejN- 

AotCN-) 

XiCN-) 

violet 


Green-blue Orange Yellow-green 


Complex ions : 

Ligand field strength : 

Magnitude of Ao : 

Magnitude of X : 

Colour of absorbed light: 

Colour of the transmitted 
light {i-e. colour of the 
complex) 

(///) Geometry of the complex. A change in the geometry of 
the complex having the same cation also changes the value of A 
which in turn changes the colour of the, complex. Thus tetrahedr^ 
and square planar complexes of Ni*+ have different colours The 
tetrahedral complexes are blue or green while square planar com¬ 
plexes are yellow or brown. To illustrate the point again some of 
the complexes of Co*+ and Mn*+ ions having different geometry are 
given below. It will be evident that these complexes have different 
colours. 


Central cation 

Complex ion 

' Geometry of the 
[ complex ion 

Colour of the 
complex 

Co*+ 

ICo(H,0),p+ 

octahedral 

pink 

Co*+ 

[CoCU]*- 

tetrahedral 

blue 

Mn*+ 

[Mn(HaO),]*+ 

octahedral 

IMDk 

Mn*+ 

[MnCUl*- 

tetrahedral 

green 


(/V) Occasionally the value of A. « so small that the radiation 
in the infra red region may cause excitation. In such cases the com 
plex ion is colourless. Hence lack of colour in a complex ion of a 
coloured cation may be due to eithpr a very large or very small value 

Of Ao- 
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(8) Standard oxidation potentials and reducing properties. 

The values of standard oxidation pot; i. ials of 3d-series. ele¬ 
ments for the reactions and M/M^+ as given m Table 8-2 

reveal that the value for any element, excepting Cu, is higher than; 
that of standard hydrogen electrode (taken as zero). It is, therefore, 
expected that these metals, excepting Cu, would evolve Hj gas from 
acid solutions according to the equation 

M-1-2H+ {from acid) -► (gas) 

In actual practice the rate with which most of the metals react 
with acid is very slow. Some of the metals get protected from 
further attack of the acids due to the formation of a thin protective 
layer of their oxide which prevents the acid to come in further con¬ 
tact with the metals, e.g. although electrode potential of Cr is high, 
it gets coated with its non-reactive oxide, CraOj which makes the 
chromium metal so unreactive that it can be used as a protective non¬ 
oxidising metal. 

Reducing properties. In spite of the fact that the metals 
of first transition series, excepting Cu, have high values'of standard 
electrode potentials, these are not as good reducing agents as the 
metals of lA, IIA and llIA groups, although some of the metals of 
these groups (e.g. Al) have smaller oxioation potentials. The poor 
reducing capacity of the transition metals is due to high heats of 
vaporisation, high ionisation potentials and low heats of hydration 
of their ions. 

The tendency of Cu to change into Cu=+ ions is extremely low 
due to its negative electrode potential. The metal is also not able 
to displace H+ ions from acid solutions Cu is, therefore, particularly 
poor reducing agent, i.e. oxidation of cdpper metal by H+ to Cu2+ 
does not occur readily and consequentlji^Cu metal will not dissolve 
in acids. 

(9) Tendency to form complex compounds 

The cations of the transition metals have a great tendency to 
form complexes with several ligands such as neutral molecules (NH 3 , 
H,0 etc.) and anions (CN‘,Cr etc.). These ligands possess invariably - 
lone pairs of electrons which they donate to the transition ipetals 
cations in the formation of complex compounds. 

'rte tendency of the transition metals cations to form the com¬ 
plexes is due to the following reasons : 

(/) The transition metals cations arc relatively very small*/ 'in 
size and hence have high positive charge density which makes it easy 
for the transition metals cations to accept the lone pairs of electrons 
from the ligands. 

(/'O'The transition metals cations have vacant (n—1) rf-orbitals 
which are of approximately the right type of energy to accept lone 
pairs of electrons. 

(ill) The transition metals are capable of showing several 
oxidation states. 
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The structure commonly found in such complexes are lineai 
(/.e. co-ordination number, C.N.=2),sauare planar {C.N.=4), tetra¬ 
hedral (C.N.=4) or octahedral (C.N. = 6 ). 

Since the electropositive character decreases on moving down 
in eaoh group of tr ansit ion metaN, the members of the first transition 
series fori^ mpre static' complexes with ligands containing nitrogen 
and oxygei) While the members of the second and third series form 
more stable co'mplexes with P, S and As donors. Here it should be 
noted that this generalisation is true only for few families of the 
transition, metals. 

(10) Catalytic properties 

Most of the transition metals and their compounds have good 
catalytic properties. Some examples are (i) Vanadium is used as 
VjOs or as metavanadates such as NH 4 VOS ih the manufacture 
of sulphuric acid by contact process. (//) Nickel is used as finely 
divided or active nickel in hydrogenation reactions, e.g. (a) Conver¬ 
sion of oils into fats, (b) Conversion of CO and steam into CO 2 and 
Hj. (Hi) Platinum is used as spongy platinum in p number of 
processes such as (a) Conversion of SO 2 into SO 3 by air (manufacture 
of H 2 SO 4 ). ( 6 ) Oxidation of NH 3 to nitric oxide (manufacture of 
HNO 3 by Ostwald process). (iV) Iron is used as a catalyst in 
the manufacture of NH 3 by the Haber process, about 1 % of Na 20 
or K 2 O and about 1% SiOj or Alj 02 are added as promoters. Mo 
is also sometimes used as a promoter. 

Comparison of the Elements of first transition series (3d-series) 

with those of second (4d-series) and third (5d-ser!es) series 

(/) Elements having irregular electronic configurations. In the 
first transition series, only two elements namely Cr and Cu have 
irregular electronic configuration (Cr-►Sd® 4 ji and Cu->3d*'>4j») 

In the second series -six' elements namely Nb, Mo, Ru, Rh, Pd 
and'Ag have irregular electronic configurations; in the third series 
it is only two elements namely Pt and Au that have irregular con¬ 
figurations. The irregular configurations of Cr and Cu (first transi¬ 
tion series), of Mo and Ag (second transition series) and of Au 
(third transition series) can be explained on the basis of special 
stability associated with half-filled and completely filled^n-l )d- 
prbitaj^' The irregular configurations of other elements have got no 
rpacipfiajjla explanation. 

(il) Reactivity of elements. The reactivity of .the transition 
elements generally decreases in going from first transition series to 
the third transition series. Thus the clejnents of the first transition 
series are much more reactive than those of the second and third 
series. 

(Hi) Stability of oxidation state... As we proceed from the 
first transition series to the third transition series, the lower 
oxidation states become progressively less stable and highef ones 
-more stable. 



2ii 


Transition Elements {d-Block Elements) 

(iv) Kbximaiii oxidation state. The maximum oxidation state 
in each ^ries is exhibited.by Fe-group elements, ^e shows a maxir 
mum oxidation state of if 6 in/Fe 04 *‘ and Ru and Os exhibit maxi¬ 
mum oxidation state of -+'8 ip their tetraoxides, O*. 

(*’) Appiication of ^tn-only formula. Spin-only formula can 
give interpretation of the magnetic data. for the elements of first 
transition series, only. To interpret the magnetic data for the ele¬ 
ments of the second and third series is difficult. 

(v/) Stability of coinpiexes. Elements of the first transition 
series form mo^e stable complexes with N, O and F donors, while 
those of the s^pnd and third sepes form more stable complexes 
with P S and hmvier halogen donors. 

[vti) CtHoifi^tioii lUtilibt^. fhe elements of the first series 
rarely show co-ordination nurnWr, C.N., greater than six. C.N.=7 
and 8 are quite common with the elements of second and third scrips. 
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DEFINITION 

The elements in which tjte additional electron enters (w—2) / 
orbitels are called inner tmnsi^on elements. The valence-shell elec¬ 
tronic configuration of thise elements can be represented as : (n—2) 

f^' ^ (n — 1) nslt ,These are also called /-block elements 

because the extra electron goes to /-orbitals which belong to 
(n— 2 )tA main shell./-bloclif elements have been classified as 4 /and 
5/block elements corresponding to the filling of 4/ and 5/orbitals of 
{h—2)th main shell. 


The complete atnd valence-shell electronic configurations 
of 4/and 5/-block elenients can be represented as : (n represents the 
outermost shell). 


Block elements 
/-block elements 


Complete configuration 
2, 8. 18, 

5jV4®’ * * 


5/-block elements 


2, 8. 18, 32. 


0,2-14 


6s*p*d 


0 . 1 , 2 


Is* 


Valence-shell confi¬ 
guration 

(n-6) 

5/0. 7j* 

(n-7) 


4/-block elements are also called lanthanides, lanthanohes or 
rare-earths. The first two names are given because of their strong 
resemblance to lanthanum. The name rare earth was given to them 
because they were originally extracted from oxides for which ancient 
name was earth and which were considered to be rare. The term 
tare-earths is avoided now because many of these elements are no 
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longer rare but arc abundant. Thus strictly according to this defi¬ 
nition of lanthanides only thirteen elements from Ccjs (4/*5d®6s*) to 
Yb 7 o (4/*«5r/«aS'‘) should be the members of lanthanide series. How¬ 
ever, all the^/teen elements from Las? to LU 71 (4/“5d‘6j*) 

are considered as the members of lanthanide scyes, since all the 
fifteen elements have similar physical and chemical properties. In 
fact the name lanthanides has been derived from lanthanum which is 
the prototype of lanthanides. 

5/-block elements are called actinides or actinones. 

Lanthanides constitute the First Inner Transition Series while 
actinides constitute the Second Inner Transition Series. 

POSITION OF LANTHANIDES IN THE PERIODIC TABLE 

All the fifteen lanthanides have atomic weights between those 
of barium (atomic number, Z = 56) and hafnium (Z=72) and, there¬ 
fore, must be placed between these two elements as was also proved 
by Moseley. 

Barium has exactly the same outer electronic configuration as 
calcium and strontium and resembles them very closely. In a similar 
way hafnium is similar to zirconium (Z=40). Therefore Ba must 
be placed below Sr (Group II B) and Hf below Zr (Group IV B), 
thus leaving only one place between them, which lies exactly below 
Y (Z=39, Group 111 B). 

Since all the fifteen lanthanides resemble one another in many 
respects, these must be placed in the same group. These elements 
also resemble Y,, because of the following additional similarities : (d) 
Owing to lanthanide contraction (to be discussed subsequently), the 

ionic radius of Y^ " ion is almost similar to that of Er®+(rys+=0’93A, 
'•^^ 3 + -==0-96 A), (h) Y generally occurs in nature associated 
with the ores of heavier lanthanides and resembles Tb (III) and Dy(III) 
in its compounds. It, therefore, became necessary to accom¬ 
modate all the fifteen lanthanides together at one place. This has been 
done by placing the first element viz. Las? below Y,, and remaining 
fourteen elements {viz. Ccjs to Ltf,i) have been placed separately in 
the lower part of the periodic table. 

OCCURRENCE OF LANTHANIDES 

The lanthanides are not so scare in the earth’s crust as the 
name rare-earths implies. Potentially their sources are unlimited. 
Each lanthanide mineral contains all lanthanides, although some in 
traces only, excepting Pm which is an unstable radioactive element. 

Classification of Rare-Earth Minerals. The rare-earth minerals, 
like the earths themselves, fall into two distinct classes. 

(1) Cerium Group Minerals. These are also called cer/fc-carf/; 
minerals or simply cerium earths and are rich in cerite-earths. This 
group of minetals contains largely elements of atomic numbers from 
57 to 63 (/.<• Las? —-^Euga), the light lanthanide elements. These 
are thus light rare earths. 

(2) Yttrium drqup Minerals. These are also ctdied y«r/ww- 
earth minerals or simply yttrium earthf and are rich in gadolinite 
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earths. This group contains largely yttrium and lanthanides of atomic 
numbers from 64 to 71 (Gd,*——LU 7 ,), the heavier lanthanides. 
These are thus heavy rare-earths. 

Some of the important minerals of these two groups, their 
composition and the places where their most important deposits arc 
found are given in Table 9-1. In this table the symbols Ce and Y 
stand for any lanthanide atom of cerium group and ytterium group 
minerals respectively. Both Euxenite and Gadolinite are quite 
abundant and are the future sources of yttrium earths. 

Besides rare-earth minerals proper, there are many others, 
particularly the phosphates, arsenates, molybdates and tungstates of 
Ca, Sr, Fe and Pb which contain small amounts of rare-earths. In 
some of these Sm, Gd and Eu are present in much larger quantities 
than in rare-earth minerals. 

EXTRACTION OF LANTHANIDES FROM MONAZITE MINERAL 

Lanthanides are mainly extracted from monazite mineral 
which is chiefly worked for thorium and the lanthanides arc ob¬ 
tained as by-products. The operation consists of the following 
three steps: 

(I) Concentration of the mineral. 

The concentration of monazite sand is usually begun with 
gravity separation on Wilfley tables, such as those which are us^ 
for gold. Since monazite sand is much more heavier than quartz 
(sp. gravity of monazitc=5-5, sp. gravity of quartz=2-6), the 
monazite sand gets caught up on the riffles and the quartz sand and 
other gangue material is washed off. The heavier material which 
contains monazite sand and other material sands (ilemenite ''aijd 
garnet) is dried and then passed through magnetic separator, ^he 
monazite, being much less magnetic than the other material sands, 
gets thereby separated from the rest. The refined monazite so 
obtained has an average composition ThOj^T-S, CegOj =30%. other 
rare earths=32%. PjOj=29% and SiO* = 15%. 

(II) Cracking-of the mineral. 

The concentrated monazite obtained as above is subjected to 
chemical treatment which is technically knowji as "processing''„ 
"opening up" or "cracking" of the mineral. 

The chemical treatment of concentrated monazite is done 
either by cone. HjSO« or by cone. NaOH solution. 

(/) Cracking of the mineral by H^SOi and removaL of thorium 
and cerium. The finely powdered (ca I(X) mesh) and concentrated 
monazite mineral is heated with 93% H*SO« at 210'’C,ih ^vessels 
constructed of cast iron, tantalum iron or high silicon irbn' and 
provided with mechanical stirrers. Gas or oil-fired furnace is used. 
The reaction is exothermic. At the end of about four hbiirs, the 
viscous paste consisting of lanthanide sulfates and thoriuml sul¬ 
phate is leached with water for about 12 tO'lS hours when ail the 
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i ^ol'^^on leaving 

bebind insoluble SiO,, unreacted inonazite, TiO*, ZrSiOi The 

for extraction. The acidic 
solution so obtained [the solution Jjccomes acidic due to the forma- 

TM+ *.!wi 7 "^ at / sulphates of Ln»+ 

N»Pt, ^ (faces) IS trwled with sodium pyrophosphate, 

*• precipitate much of thorium as Th(P 20 ,) 2 . The liltrate 
obtamed IS treated with oxalic acid (H,C,0,) to get the precipitaS 
tr O r LnalQp^), and traces of Th(C 204)2 and (ZrO) 

Jic^^'of Thr?n /® boded with (NH^)*C ::,04 solution whereby 
lntrn\ Th(Cj 04 ), ana (ZrO)(CjO«t remain in solution and 
Lnj(C* 04)3 oxalates are left behind as residue which is converted into 
Nif ®“(pbpes by igniting carefully with cone. HSSO 4 . 

° clear solution of sulphates of Ln=>+ so obtained 

^^‘^'>yl‘^nthanides (Gd ,4 to Lu„) remain in solution 
as simple sulphcdes. Hot NaOH is added to the precipitated mixture 
hvdrS^n'^^H^ ® su^ates of light lanthanides to form a mixture of 
^bis mixture is dried in air at I00°C whereby 
LaO * m ^b°se approximate composition is 

Trafi *^'‘*^* =J* /»’. NdlOa=20% Sm *03 = 5% and 

traces of EujOa. This mixture of oxides is treated with dil HNO, 

SStes and CeO®^! l^thanide oxides (except CeO*) get dissolved as 
nitrates and Ge 02 is obtained as crude residue bv filtration The crude 
&0. ., dissolve m 85% HNO. ,o convm if Into Se 
which IS converted into red basic nitrate CetOHUNO i '?n n Ku 

the addition of dil. H 3 SO 4 . . The solulSn ’ of 

d » Sm and Eu obtained as above after the removal of CeO. 

eSrSfow'"*^ components by diflFerent methods dis- 

are- also be removed by various other methods f^me of which 

2NH NO the double ammonium niirtite, OlNOsli- 

/•*■ f f- ^nutn nitric acid solutions, but the recovery is hot auantitative 

nate results or chemically, with brpmate permanga- 

w / precipitation of Ce«+ from the buffered solution, m 
concentrated mixture of Ce«+ and nitrates of 
lanihMHes i+3) or sulphates is diluted and boiled when- Ce<+ separates out 
9‘"7'‘h tri-n-butyl pnol^ha^is fiK?o Z‘ 
ohaM hi '* ‘o 9®^^ “"d extracted back into aqueous 

phase by treating the organic phase with aqueous sodiuin-nitrite ^ 

iii) Crackihg of the mineral by NaOif. This is shown below 
m blow-sheet 1 . ^ , 
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Flow-sheet I. Cnckteg otf the moinzite miwersl I 9 SodHnin hydroxide 
(due to C. de Rhoden and M. Peltier, 1957) 

Menaztte SiM)d 

Treat with 74% 

NaOH at 140’C 

Mud 

Digest with water and allow 
to cool at lOtyC 


Residue ^ution 

hydroxides of lanthanides, (OH-, PO4*-. SiO»*') 

(thO*. TiOs. ZrSiOs etc.) 

Treat with 
HQ and heat 

4 Remove Th*''" 

e UntbawMesN-, Th^ -^—> 

(TiOi, ZiSiOi etc.) HsO+, Cl- 

Indivtdual lanthanides arc 
separated by a sutfable 
physical method 

i 

ledlvMaal iaaduuildca 

Sulphuric acid vs. caustic soda cracking. Althdugh a greater 
variety of monazite sands can be processed by HjSO* treatiheht than 
by the NaOH method, higher yields and cleaner separations are the 
main advantages of the latter process. However, * rtie H*SQ 4 treat¬ 
ment method has the advantage over the NaOH process of being 
slightly cheaper to operate. In the NaOH cracking of monazite, 
concentration of the rare-earths<is achieved at relatively early stage 
of the process. 

(HI) SepandloB of individiwl rare.aarth elements. 

The long Vtoryofthe methods used for the separation of the 
iddividual rare-earths may broadly be divided into two classes : 

(1) Old-classical methods. 

The following classical methods were not only used by' the 
early workers in the past, but still remain as very important methods 
for economical production of rare-earths on commercial sdlle. 

(/) Fractional Crystallisation. This procedure depends qn 
slight.differences in the solubility of various salts. The chief salts 
(either simple or complex) utilised in this procedure arc given in 
Table 9-7. The order of se|»ration is indicated in the last column, 
the least soluble being placM. first. 

The mixed sohition of -pare-earth salts is evapbrated to such 
an extent that, if it is'allowed' to aec>l,-it would deposit about one- 
hilf of the dissolved salts'as crystals. 
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The crystals obtained as a result of the first evaporation are 
re-dissolvra mjust sufl^cient amount of water and the solution is 
evaporate as before to such an extent that on cooling, it would 
deposit about one-half of the dissolved salts as crystals. Similarly, the 
liquor from the first crystallisation is also evaporated further so that 
about one-half of the dissolved salt may be obtained as crystals. 

The crystals and mother liquors obtained from the second set 
of operations are separated from each other, and the mother liquor 
from the first crystallisation is combined with the crystals from the 
serond evaporation of the original mother liquor. The starting 
solution thus gets separated, at this stage into three fractions, as 
snown in the third row of Fig. 9*1. 


The three fractions are then submitted to crystallisation as be- 
lore and the resulting liquors are combined with crystals from the 
adjawnt solution, as indicated by arrow heads. The four fractions 
Which thus result, on being processed in the same way as before, 
give rise to five fractions. Each series of operations, therefore, gives 
one more fraction. 

As a result of the repetition of the above process, the compo¬ 
nents which are less soluble continuously pass on to the crop of 
crystals, while those which are soluble pass to the final mother 
liquor. The process is continued, until the desired degree of separa¬ 
tion has been achieved. The systematic fractional crystallisation of 
any given mixture of rare-carths results in the separation into ; 

(a) the less soluble components that accumulate more and 
^de ofFfg^9 crystals as shown on the left-hand 


(b) the more soluble components that progressively accumulate 
in the mother liquor as shown on the right-hand side of Fig. 91. 

(c) the intermediate components, distributed between the final 
crop of crystals and the end mother liquor, in the order of solubility 
i.e., from left to right as shown at the bottom row of Fig. 9-1. 



Iniwrviediafe coitiponcrrts in. order soiubiJitu 

Fia. y- 1 . Fraytional cryiuilisatioo method for the 
separation of rare-'dartbs. 
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(ii) Fractional Precipitation Method. We have already point¬ 
ed out that the basic character of the hydroxides of lanthanide 
elements decreases from La^ to LU 71 . Thus, the hydroxides of 
cerium group lanthanide elements (La^—Eu^j) are more basic than 
those of ytterbium group lanthanides )Gd«| - LU 71 ). When pH of 
the solution containing mixture of the lanthanide elements is grad¬ 
ually increased by adding NH.,, amines or alkali etc., the hydroxides 
of the ytterbium group lanthanides being less basic get preferentially 
precipitated while those of the cerium group lanthanides ^hich are 
more basic are left behind in the solution. From a given sub-group 
individual lanthanides are then separated by the further fractional 
precipitation of the hydroxides. Since the basicity differences in 
the hydroxides of lanthanide elements are small, complete separation 
of the adjacent members in a given sub-group by this method of 
fractional precipitation cannot be made 

(Hi) Fractional Thermal Decomposition of Oxy-salts. This 
method is based on the fact that the rate of thermal decomposition 
of oxysalts such as nitrates, sulphates and acetates of lanthanide 
elements at a given temperature decrease from Las? to Lu,!. This 
in other words means that the oxysalts of cerium group elements 
decompose more readily than those of the ytterbium group. Thus 
if a mixture containing the nitrates of lanthanide elements is fused 
and then leached with water, the ytterbium group lanthanides which 
are less basic are rapidly concentrated and their separation from the 
more basic cerium lanthanides is effected. The individual members 
of a given sub-group can be separated from each other by repeating 
the whole process several times. 

Table 9 2. Chief salts used in the fractional 
crystallisation procedures. 


Salts 

Composition 

The order of separation 

(I) Double Nitrates 



Ammonium 

Ln(N03)s-2NH4N03 4H02 

La, (Ce), Pe, Nd 

Sodium 

Ln( N08)3.2NaN0s.*H20 

La, Pa, Nd 

Magnesium 

2 Ln(N 03 ) 3 . 3 Mg{N 0 s) 2 . 

La, Pr, Nd, Sm, Eu, Er 

24 H 2 O 

Gd, Y 

Manganese 

2Ln(N80)3.3Mn(N03)2. 

For Nd from Pr, and for 

24 H 2 O 

La from Sm 

(2) Ethyl sulphates 

Ln(C2H8S04)3-9H20 "j 

(j) Nd. Pr, La 

(3) Bromates 

LD(Br03)3*9H20 J 

(«) Eu, Gd, Tb, Y, Dy. 
Ho, Er, Tm, Yb 

(4) Nitrates 

LnfN03)3.5H20 

Nd. Pr, (Ce), La 

(5) Metanitro-benzene 
Sulphonates 

LntC,H4{ N0 s)SCH]s-6H20 

La, (Ce), Pr, Nil 

'6) Oxalates 

LnstCtOs I 3 

La 

(7) Sulphates 

Ll]2(S04)3.XHt0 

La, Nd, Pr 

t8) Double carbonates 

K2C0s.Lni(C0a)s-12H20 

La, Pr, (Ce), Nd 
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difrerences in the basicity of the lanthanides are small, 
complete separation of the adjacent members of a given sub-eroun 
cannot be achieved by this method. '' ® ® ^ 

of oxidation states by sdet^ve oxidation or reduction 
+2 aJdiscussed, some of the lanthanides show 
f 1addition to +3 state which is the 
the elements of lanthanide series. The 
y ions are different from those of the 

usual Ln ions. A change in oxidation state results in a remarkable 
change in properties. Selective oxidation or reducifon, therefore 
provides a very effective method of separating specific lanthanides. ' 

containf^'r" ' we have to separate Ce from a mixture 

containing Cc3+ and other tripositive lanthanide cations This 

hl'nemral hT'"® agent such as bromate 

hi^ or chlorine or KMn 04 m alkaline medium. Bv 

iJmhanH Ce;*+ion.is oxidised to Ce«+ion while othc^ 

han^Cea+^ioir i'’' k ' sn’aller 

i«n?^o and less soluble. It (/c Ce‘^ 

ion) can thus be precipitated as Ce(OH )4 by the addition of a small 

'saving all other Ln»+ ions in solution ByTh/s 

eSp'r Sr t. I“2 

by means of Zn-amalgam and- then precipitating it as EuSO 
which ,, insoluble i„ wa.erand hen.e Ln £ r^i-ed. The ,2 

In wucr.^’ on ihc oiher hand, lire soluble 

but ni^'of Sm'*+^'^ brings about the reduction of Yb“+ to Yb^^ 

(2) Modern Methods. 

caamo ^?**^y"8.are the modern methods which arc now used for 
separatin • individual lanthanides. 

(/■) Ion-exchange method. This is the most effective method 
now available for the separation of lanthanide elements. This method 
uti.ises Synthetic cation-exchange resins which are usually organic 
""'“'"i"? »V'Pl'0"» (-SO,H) or carb^liyLr Kid 

calS?>°**Thu':’“^f' "" •'>"'™sens of which are replaced by oiher 
cations. Thus, if an aqueous solution combining a mixture of tri- 

Ln=>-r(a 9 ) is allowed to piss d^ a clmn 
n, 34 f^ r* ^ ‘‘ [abbreviatea as HR (solid)] the 

Lu (o^f) ions replace H 'ions of-SOjH or -COOH group of the 
lesin and thus get $xcd on the resin. 

Ln=' r(a9)j-iHR (solid) LnRa (W/rf)-^- 3 H-^a 9 ) 

I hR are attached with the resin as 

LhR;,. (to/k/j. Since U® ^aq) is largest in size and La® ' {aoi in smallest 

,’« lbe column with maximtan and 
/ mmmrnm firmness. In order to remove Ln®+ ions 
hxM ai tu R;, isolid) on tl>e resiiJ- the coltunn is fluted (re. leached) 
with a corapJexing agent-in aqd«»uSZsolutioh like a buflfer solution of 
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ammonium, citrate-citric acid (/;H=4 to 7). Such complexing agents 
are called eluants or elaates or eluting agents. During eluation process 
NH 4 ''' ions of the eluting agent replace Ln*-^ ions from LnRa {solid) 
to give Ln*'*' ions which react with citrate ion to form the Ln-citrate 
complex. 

LnRj + NH4+ -► NH4R-fLn*+ 

Ln®- -i-citrate ion -- Ln-citrate complex 

We have seen that since La*+(fl^l is attached to resin with 
maximum and Lu®~^(a 9 ) with minimum firmness, Lu-citrate complex 
comes out of the column first and La-citrate complex comes out 
last. 

In actual practice the process of elution is to be repeated sever¬ 
al times by careful control of concentration of ammonium citrate- 
citric acid solutions. 

The yttrium group rare-earths have been separated by Ketelle 
and Boyd on a column of Dowex 50 (270—325 mesh) using 5% 
(0-25 M) citric acid at pH 3-28. Mixtures of Eu—Sm and Y—Tb 
took eight hours for complete separation with 0 5 M citrate at pH 
3-04 (87°C) and with 0-24 M loctate at pH 5-0. Cunninghame et. 
al. reduced the separation time to four hours using IM lactate 
(pH=3-25) at 87°C for a mixture of Y-Pr-Nd-Pm-Sm-Eu with a 
Zeokarb 225. 

Elution Curves. The elution behaviour of each of the consti¬ 
tuent rare-earth ions is shown as an elution plot which is obtained 
by plotting volume of eluted portion against the concentration of 
the cation in eluate. The elution curves for the elements, Lu to Eu, 
present in a mixture are shown in Fig. 9'2. These elution curves 
follow one another, from left to right, in the order of decreasing 
atomic number. 



d»oos 0* eiuanf 


Fig. 9'2. A typical elution plot./bii^he •q>aration of ntre-eitr^s 

(LUnto-tiVsIff 

(ii) Solvent .(l^nid4k|uM) exte^tfou ni^od. The separation of 
lanthanides by this metnod was first reported by Fitter. The 
method is bas^ on the differences in. ffie sbltdnlity of lanthanide 
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salts in water and an immiscible or partially miscible organic solvent. 
Th^ organic solvents are called extracting solvents or extrbcturts. 
This method has been used on both tracer and macroscales. Tbe 
technique consists of passing the aqueous solution of laitthisnide salts 
counter-current to the organic solution which extiiSctS the'lanthaAides 
from water. The most widely used extracting solvent is tri-n-butyl 
phosphate, TBP in an inert medium like kerosene or xylene to extract 
the lanthanides from nitric acid solutions. TBP forms complexes 
with Ln*+ (aq) ions in presence of NOa' ions 

Ln»+(ag)4-3NO,'(a^)+3TBP(o/g) Ln(N 03 ) 3 (TBP),(o/y), 

V---^-; 

Complex 

where (org) represents the organic phase. The distribution between 
these two phases (i.e. solvents) is described by distribution ratio (also 
called extraction coefficient). A, given by 

j_ Totaf concentration of solute in one solvent 

~ Total concentration of solute in the other solvent 

^Ln(NO,),(TBP),(org) 

- r 

'“Lii*+(aq) 


For two tripositive lanthanide ions, Ln'*+ and Ln*+, the sepa¬ 
ration factor, ot, is given as. 


A 


Xn(NO,)i(TBP)>(ori) ^LnH-(aq) 


( 9 : 2 ) 


^Ln(NO|)i(TBP)*(ort)- ^Ln'»+(aq) 

Peppard has reported that an average separation factor for 
adjacent lanthanides for 15-8 M nitric acid-iaO% TBP system is 
about 1-5. 


Equilibrium constant, K, is given by : 
C 




^Ln»+(aq)- ^*NO,-(aq). ^*TBP(org) 


...(9-3) 


Combination of equation (9-3) with equation (9-1) gives equa¬ 
tion (9-4), viz. 


or 


^NO,-(aq)- ^TBP(org) 
C*NOj.(aq). ^TBP(org) 


...(9-4) 


Kilogram quantities of 95% pure lanthanides.have been prepar¬ 
ed by solvent extraction technique. Another organic solvent which is 
a ^tter extractant than TBP is Dt (2-ethyl hexyl)phosphoric u^id. For 
this extractant .the average separation factor of 2-5 for adjacent lan¬ 
thanides has been reported. O^r extractants us^ in the separation 

process are ' ■* - - 

pyrophosphate 
(RO), iR) PO 
quinolinols. 


onoaiKyipngspnonc acios 
esters : (R0),P(0)-0- 
and (RO) (R)P(0)(pH) 


KP (U) (OH), or RH,PO„ 
P(0) (QR)„ phosphonates : 
lH)aiia l, S-diketones or 8- 
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PrtsOnt status ^st^vait axtret^km uctmtque. Aldioi^ solvent 
cJl^ribtibo twhBi^ as «fenerat teckniqoe, it cannot 

coinpetc wi^ idXi ^itehangi; tcchniqafi. The major uses the 
solvent ^ittraietioh process are that It can be used in sepa^ing 
the iofiS ftoni ions such as Ce*+ and Th*+ and in <he 

purification <vfCe, T%jittd La. lii is somewhat tess readily extrac¬ 
ted than other Ln*+ ions and it can thus be separate'from them 
rMher readily. ' 

(li'i) Paper chromatognphy. Cerrai and Testa separated Some 
rare-eaiihs by ascendiog paper chromatugr^hy, using CRL/I ^pers 
treated with O IM dil. (2-ethylhexyl) orthophosphoric acid (HDEHP). 
Under the same conditions an increase in Rf value is noted with 
decreasing atpmw number, Z, of the rare-ear^. For a given ele¬ 
ment the Rf value increases with the molarity of eluting acid (HClj 
and with temperature, but decreases with the concentration of 
HDEHP. The following Rf values for 1 M HCl eluant have been 
reported *: 

Ln*+ —-» La Ge Pr Siti Eu Gd Dy Er Yb V Sc 

R_ —» 0-92 0-91 0-90 0-76 0-64 O Sl 012 0-06 0-03 0 07 0 0 

r , 

Later;, Cerrai and Triulzi used a mixture of 3M HNO* ^Jid 
80% Ch,OH as solvent on Whatman cellulose paper DE—20 to 
separate La, Ce, Pr, Nd, Sm and Gd, Whatman DE--20 is a cellu¬ 
lose anion exchanger, containing amine groups bonded to the 
cellulose matrix. 

It has been found that a mixture of HGl and various aliphatic 
alcohols can successfully be used as elimnt for the separation ot 
rare-earths by paper chromatography (Whatman No. 1). 



Fig. 9 H 3 . Oas chromatograplde Separation cT a nilxt«ii« 

Of L^MPWeonaaaiim W bateene solndoa [RepVo- 
ducM from lourijiTiaif AoMtiean Ghemical 
Soefety.«7.,!ia5« <1961)1. 

(ay taw Chro ii atu gsa il tt y. _ Tbt lt 2, 6. 6-t<^ ethyl-ar S >)U>^- 
anedione complexes of Ln** ions, Ln (THD)j are quhe ttiri>le. 
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volatUe Md monomeric in C»Hg. These complexes have appreciable 
and si^incaht diffeitmces in the volatilities. 



Fig. 9-4. Variation of the retentkMi timet (mimiie^> of 
the rare<afth tris^compleaes wkb knk radii (A') 
showing the effect of lanthanide contraction. 

Bisratraat and Seven have recently aerated these comolexes 
«5 gs c^romatographtc tcebnique. Fig. 9-3 shows a gas chi^Blo- 
grai^io separation trfa mixture trf Ln (THD). ':omi>lexe i^&H. 

dwm^Uoi** ***** ***“* ®®“P***** wittow 

mention times tin mmutes) pf tiie rare^ 

E« ^ s<mai^ated Sm. 

Eu. Gd anA tb are O U, 0;», 

owlate>^ec||»lli|ti^^^ in mesfeirne ef 

raala^* *” ^^nt sqMnstidn of ramearflis praciphation as' 

I. ■f-*“**‘““^' 0 ^tes are insoluble in watev, but they enn be dis¬ 
solved bg dmoplntiiig with EDTA. : , «wy can oe ms 
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These lanthanide;-EDTA 
complexes differ in their stabi¬ 
lities. The stability of these 
complexes, as a rule, increase 
with an increase in atomic 
number as shown in Fig. 
9-5 The difference in sta¬ 
bilities of these complexes 
may be made the basis of 
the separation of rare- 
earths. Thus, if tlwsc com¬ 
plexes are treated with an 
acid, the least stable com¬ 
plex is destroyed^ first and 
changes to oxalate, while 
the most stable complex is 
destroyed on the addition 
of an acid. 


Pis 9-5. Subility constant* of lanthanide- 
BDTA complexes in aqueous 
solutions at 20°C. 

preparation of the metals 

Because of the ease of oxidation of these metals it is not a 

simple task'tp obttin the elements in the metallic state. 

The foiiowing methods may be used for the preparation of 

loetals 1 '’ , 

fit Thermal decompositloa of lanthanlde-inerwy amalga^ 
Using a mercury cathode an amalgam the 
mmar^ bmthe electrolysis <»f aqueous solutions. The unalgam thus 
SSei is'^hwwafiy decomposed to get the mct^s in a finely divided 
sbi^bttt eom^e elimination of mercury is difficult. 

lii\ Electrolysis of fnsed cyorides. The anhydrous iMthanide 
f-i43Vdhlorides are fused with sodium, potassium or catoum chlo- 
oxt^ial heating and the molten mass is elwtrolysed 

lined pot which serves as the anode. Graphite 
The iholten metal collects as a prol at the bottom 
,3^e^t from where it is withdrawn and cast into ingots. 

This method.fib** 00* **** “***'* in high degree of purity 

rea ui/ odTft'niOderB tedbooloiy- . j .u 

UHY MeuUoliMta4c rein rtinn the salts In this TOth^ the 
anhyfious ^aoSTaSd chlorides of I“Aa^es me reduced with 
io adaaUlum tontaiaef At »bopt 1(^C. ^cium is volati- 
thh'lanthanide-iaticium idloy. Tw method is successful 
M^ffiSdes excepiSm, Eu and. Yb. because the«^^s 

divalent fcwSdes. However these metals ®Anbepre- 
iAied^w deducing their tHti^with lanthanum metal at 1400 C in 

««l Yb. Th.« rneub .re more 

- volidile'thra lanthanum. 

The metiBs can,' be ^ptwited by vacifum dUtittation (prMsure 
m i0-» i^m Hg) in tan^um apparatus. 
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GENERAL mOPERTIES OF LANTHANIIMSS 

Some of the important properties of lanthanides are discussed 
below. 

(1) Electronic Configuration 

We know that at Ba^ 6 s-orbital is completely filled (Batt,-^ 
[XeJ 6 s*) and at La„ 5</-orbital is singly occupied (La^ ’-►[Xe] 5d* 6 j^. 
But after La «7 further filling of S<f-orbitals is discontinued. As -the 
nuclear charge increases by one unit from La,, to Ccm, 4/-orbi^ls 
which were higher in energy up to La« 7 , fall slightly below the ,*l 
level. 4/’-orbitals, therefore, begin to fill and are completely fified 
up to LU 71 before the filling of Sd-orbitals'is resumed. Electronic 
configurations of lanthanides are shown in Table 9-3. From this 
table the following points may be noted : 


Table 9-3. Electron 'c configuration of the neutral 
gaseous atoms of lanthanides. 


Elements with atomic 
numbers 

Compiete configurations 

Valence-shell configura¬ 
tions 

f La,7 

•[Xe]4/o5d>6j* 

4psa>^6s* 

Ccm 

[XcW/* StT 6s* 

4f* Sd" fis* 

Pts* 

lXe]4/*5«ffa* 

4/» 5rf° 6*4 

Nd„ 

[Xe]4/«5<f’6i* 

4f*Sd‘6$* 

Pn»»i 

[Xe] 4/» 5^" 6 j* 

4/*5d’6s* 

Snjti 

[Xe]4/»5<f'6»* 

4/»5«l*6*» 

Eu«s 

[Xe]4/’5<r>fii* 

4/’54° $** 

CdM 

[XeJ4/*5</*6»» 

4/'54*6^ 

Tb» 

[Xe]4/»5<f>6j* 

4P Sd" 6s* 

Dyta 

p{el 4/» StT 6s* 


HOt7 

[X^4/H 5rf*6s» 

4/us^6,a 

Er*g 

[Xe] 4/« 5<r fe* 

4P*6d‘6s* 

Tm«* 

[Xe] 4 /»» 5<r 6j* 

4/M154P6** 


[Xe]4/“5(r6»* 

4/«ji«6*» , 

LU71 

[Xt]4f**5tfi 6s* 

—__ L. .: 


*[Xe] indicates the complete configuration of Xe atom which b 2.1, I*. 


(0 The complete electronic configuration of lanthanides can be 
represented by a general configuration v»r., 2 , 8 , 18, 4 s*pV*/•, *•••’* 
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5s*p»(Jo or 6s* (including La) which shows that the valence-shell 
conflgtiration can be i^resorted as 4 /®, •“ 5</» » 6s*. 

The valmce-shell configuration indicates that the additional 
electron enters the 4/-orbital without alteHng the el^rons in the 
outermost fa-orWtal. 

(if) The filling <)f 4/-orbilals is not regular, e.g.,the additional 
electron in Gd** does not raiter 4/-lcvfel-l>ut, instead, it g<»s to 5d- 
Jevel. TTiis is because the 4/ and fd orbitals in Gd ore at about the 
sathe energy level and Gd atom has a tendency to retain the confi¬ 
guration with Half-filled 4f-orbitals which are relatively more stable. 

(2) Oxidation states and oxidation potentials. 

Observed oxidation states of fenthanides noted either in solution 
or in insoluble compounds are given in Table 9 4 from which it may 
be noted that iVhalever the electrdhic configurations (rfthe lanthanid¬ 
es in the ground state, all of the lanthanides form the tripositive 
lanthanide cations. This fact is not directly evident from the elec- 
truoic configurations, it is actually due to the fact that the magn|tud?s 
of the energy required to rerilOve an electron from the gaseous ion in 
its lower oxidation state (i.e., ionisation energy) and of that released 
when two gaseous jons combine with water to form the aquated 
soecies n e., hydration energy) are such that all the tetrapositive 
^cie possibly Ce‘+) and all the dipositive species (except 

Ev.*^) revert to the tripositive species. Thus this leads to the 
ranclusidn that tripositive spicies are more stable than the di -and 
tetrapositive vedes in aqueous solutions. 

In The solid state too the combination of ionization energy and 
the energy released when gaseous Ions combine to produce Crystal¬ 
line solkte (fcc;, the lattice or crystal energy) is more negative for the 
inpositive species than for di- and tetrapositive species. Conse¬ 
quently, lanthanides are also the most common in the 

solid compounds, 

Stabi l i ty of various oxidation states. It is possible to correlate 
the stability 'of various oxidation states of lanthanides fVith the 
electronic configuration of their iona.^ 

that empty, half-filled and completely filled 4/orbitals are highly 

Yb*+ Lu^ tons can be explained. It is, however, difqcult to 
explain the stability of oxidation states of the Cations (^er than 
those elveii above. It may thus be assumed that in addition to the 
special atabibly associated with 4/*, 4p and 4/>* configurations, there 

be ofber factors such as thermodynamic and kinetic, in deter- 
mi^g various oxida-tion states pf lanthanides. 

Tlw*“8lability order of -\-2 state is Eu > Yb >rSm > Tm ~ 
Nd Lril.«a«a iLn=?=la, Ce Pr and Gd) do not contain Ln*+ ions, 
bupatu metaUte ib uaturc. The stability order of -|-4 state is Ge > 
TbPr > iNd/-f Dy). 

The ease of formation of the various oxidation states in solu- 
fion is moicated by the values of the standard electrode potential, E°. 
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These ya)u^ {in voUs) for ic^iip)^ ojT i«Dtbanjdje$ such as 

Ln®->Ln»++3«‘, Ln*+-^Iji#tTi^ IM per¬ 

chloric acid at 25®C are tabda^ in Itable f *4- Here Ln represents 
the elemental lanthanide. Ui^.Xn^a^ are the di-, tri-and 
tetrapositive lanthanide ions. From this table, we observe that: 

(i) Thehigb positive values of the oxidation eleqti^e poten¬ 
tials for the couple Ln* (s) ^ La»+(a9)-|-3e' indicate that the ele¬ 
mental lanthanides are powerful reducing agents, i.e. oxidation of 
the lanthanide metals to the tripositive state, occurs readily and vigo¬ 
rously. The gradual decrease, though verV slow, ig the values of 
E° indicates very slight decrease in chemical activity from one ele^ 
ment to the next one. 

{it) The enhanced stabihties associated with the empty, Ualf- 
filledo«nd completely filled .4/-orbitala w also iiKllcated by these 
values. Thus Ce*^ (4/*) is much less ceai^ly reduced to ttw tripost- 
tive ion, Ce*+(4/1) than Pr*+ ion Furthermore, the A f 

species (e.g. Eu*+ ion) and the 4/“ spemes (e.g;iYb*+ ion) are the 
weakest reducing agents of the dwJosiHvfc species. 

(hi) The values of E“ for couple Ln" (f) — *■ Ln*+ (< 75 ) 4 -3e' 
decreases with the increase of atomic nunaber, as is evident from 
Table 9*4. The high values of E° are in accordance with the electro¬ 
positive character of lanthanides. The decrease in the « 'sl«»es of E° 
with the increase in atomic number {ije a decrease in the electro 
positive character) is evidently inconsistent whh the corresponding 
decrease in the ionic radius, i.e. lanthanide contraction (to be descri¬ 
bed subsequently). 

Chemistry of -)-3 state. 

In general, the l^thanides behave as active metals. Their 
electrode potential values are comparable to diose of alkaline earths. 
AH the metals act as strong reducing agents. They are a)! attacked 
by acids with the liberation of hydrogen. The metals dissolve slowly 
in cold but more rapidly iq warm water,aiwfliberate hydrogen. They 
absorb hydrogen to form interttitial hydridw. 

Nearly all known anions form the'cqmpounds with ^n®+ catiom 
These compounds are stable in sohdas wellhs ih sofutiottlsfitte. Com¬ 
pounds pfLn*+ cation with the aifiboS such as OH', QP^*', S 04 *', 
C,0«*', NO,-etc. decompose on givi first basic sdts and 

finally oxides. Hydrated salts that contain thermally stable anions 
such as F", Cr, Br-tPO**' etc. also give similar products on heating 
became of hydrolysis. 

Compounds of Ln*+ cation with the anions CP, Br*, I'. NO,', 
CHjCOO ', BO,*' are generally soluble in water while those with F', 
OH', O*-, C 1 O 4 *-, CO 3 *', Cr 04 *', P 04 *' etc. are generally'insoluble. 

Oxides, Ln,0,. The oxides, Ln,0„ are formed by heating the 
metal in oxygen or^ by the thermal decomposition of the Ln(OH), 
or oxy ^Its such as Ln, (CO,), and Ln (NO,),. Thet oxides reseinnle 
those of alkaline earth oxides. All the oxides are almost insoluole 
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Table 9*4. Various oxidation states shown by lanthanides 
ana standard oxidation potentials, E° {in volts) for 
various couples of lanthanide elements in IM 
perchloric acid at 25°C 


Lanihanidf 

elements 

Oxidation states 
[Less stable slates 
ate shown in brackets) ; 

E° values {in volts) for various ^ 
couples (Estimated values are j 
given in brackets) 

\ 

- #... 

La** 


4-3 

1 

.La°/La»+=2 52 volts 

Ce** 


+ 2. 

1-1-4) Cc'>/Cc»+=2-48 

Pr** 1 


-f3. 

+4 

Pr“/Pr®-i-=2-4«, PrS+/PH-l-=-l-74 

Ndw 

+2, 

+ 3 

1 

Nd*’/Nda+=2-43, Nd»+/Nd*-^ 





=(-2'86) 

Pni«j 


-t-3 


Pm°l?m»+={2-42) 

StTle; 

(+2) 


-1-4 

Sm°/Sm3-4=2-4I. Sin*-t-/Sm»-t-=l-55 

EU«3 

( + 2). 

+ 3 


Eu°/Eu^ -=2 40. Eu*+/Eu’-l-=0-43 

OdM 


+'3 


Gd*/Od»+=2-39 

Tb»6 

1 

-1-3, 

(-f4) 

Tb'’/Tb»+=2-39 


1 

+ 3, 

4-4 

Dy‘‘/Dy»+-2-35 

Ho«8 


4-3 


Ho'/Ho*+-2-32, Ho*+/Ho»+.=0 57 

£i«« 


-t-3 


Er'’/Er9+-2 30 

Tm«* 

(+2). 

-1-3 


Tm°/Tin»+=2-28 

Ybro 

(+2), 

+y 


Vb7Yb»-i-=2-27, Yb»-i-/Yb*4-»l-15 

Luti 


*-f3 


Lu7Lu^=2 25 


in and H«0 from air to form carbonates 

and hydroxides reH*etively. 

Hyinxyea. The l^droxides are precipitated as 

geiatinStt precipibitet from Mucous solution by the addition of 
ammonia dr dil. aftsdi to stduKc salts of Ln»+ ion in solution. The 
prccimtation of these hydroxides on the addition of an alkali or 
ammonia to their salts is as : Sc, Lu, Yb, Tm, Er, Ho, Dy, Tb, Sm, 
Gd, Eu, Y, Nd,' Pr, Ce, La. 

These hydroxides are not amphoteric. These are definite 
compounds with hexagonal structure and are not merely hydrous 
oxides. They absorb CO* to give normal carbonates. 

The oxides and hydroxides, are basic. The basicity decreases 
with increasing atomic number. Thus La*0* and La (OH)* are the 
most basic while Lu,0* and Lu(OH), are least basic. La,0, is a strong 
’case and slakes like CaO on addition of water. The hydroxides are 
v.ecorarc'scd on heating to form oxides. 
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Oxy salts. Lanthanide salts of most oxy acids (called oxy 
salts) such as sulphates, nitrates, perchlorates, bromates etc. are also 
known. These are generally soluble and crystallise as hydrates. 
Soluble oxy salts such as sulphates, nitrates and perchlorates can be 
prepared by dissolving the oxides, hydroxides or carbonates in the 
appropriate oxyacids. From the solution, hydrated salts can be 
crystallised out. The nitrates are often deliquescent and crystallise 
with 6 H. 2 O. Solutions of oxy salts furnish hydrated cations, 
(Ln (HjO)*]3+ which tend to undergo slight hydrolysis in aqueous 
solution : 

[Ln (H 20 ),]»+ + Hj 0 -» [Ln (HjO),., (0H)J*++H,0+ 

The smaller the ionic radius of Lns+ ion, the greater is the 
tendency of the ion,''[Ln (HsO)*]»+, to hydrolyse. Thus the tendency 
of the [Ln(HjO),]®+ ion to hydrolyse increases with increasing 
atomic number, since on passing from La*+ to Lu*+ there is a 
contraction in their ionic radii. 


Double Salts. Lanthanide salts form a 
salts. The most important double salts are : 

(/) Double nitrates such as 2 jLnfNO. 
(M** =Mg, Zn, Ni, Mn) and Ln (N 03 ) 3 . 2 Nh] 

(//) Double sulphates such as Lnt (SO 4 ; 
= alkali metal) 


large number of double 

1)3. 3 M*‘(N03)3.24H,0 

|N03.4H*0. 

3M*‘ SO 4 .I 2 H,0 (M 


The double sulphates, Ln*(S 0 «),. 3 b 4 a 3 S 04 . 12 H ,0 where 
Ln=La-Eu are only sparingly soluble in Na,S 04 , while those 
where Ln = Gd-Lu are appreciably soluble. Thus a separation 
of lanthanides into two groups : Cerium group having Lag,—Eu*. 
lanthanides and Yttrium group having Gd„-Lu 7 , lanthanides^ 
possible. Since the double salts crystallise well, these are used to 
separate the rare-earths from one another. 


Halides, LnX 3 . Fluorides are precipitated by the addition of 
HF t)r a soluble fluoride to a Ln*** salts solution. The fluorides 
particularly of heavier lanthanides, are sparingly soluble in HF due 
to the formation of fluoro complexes. 

The anhydrous chlorides can be prepared by the direct com¬ 
bination of the elements on heating. These are best prepared by 
heating the oxides with carbonyl chloride (COCI3) or NH4CI 

Ln 303 -|- 3 COCI 3 -► 2LnCl3-|-3C03 

300“ 

Ln,03 + 6NH4C1 -► 2LnCl3-f-3H,0-|-6NH3 

The anhydrous chlorides cannot be obtained from the hydrated 
chlorides, since these lose HCl on heating to give the oxychlorides, 
(LnOCl), more easily than they lose H*©. (ScCl,.3H,0 and CeCl*’. 
2HtO, however, give Sc ,03 and CeOj). The chlorides are non¬ 
volatile, deliquescent solids soluble in H 3 O and alcohol. The 
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hydrated chlwides ai« formed by dissolving the oxides or 
cmbohates in HCl and concentrating the solution to crystallising 
tx^t. They crystallise from solution usually as hexahydrates, 

Gcii.6H»0 

Bromides and iodides are rather similar to the chlorides. 
Ipdidesof the first few lanthanides ar| orthorhombic while those of 
the remainihg lanthanides are hexagonal. 


Carbonates. LMCOah : The normal carbonates can be pre¬ 
pared by passing CO, into an aqueous solution of Ln (OH),. They 
can also be prepared by adding NagCO, solution to Ln^** salt solu¬ 
tion. The carbonates are insoluble in H,0, but dissolve in acids 

with libcratiori of CO, and forming Ln*” salts. 


PhospbatM and Oxalates : These are also insoluble in water. 
All lanthanides ate quantitatively precipitated as oxalates from Ln»+ 
solution containing C,0,*- ion. The precipitate on drying and. 
ignition gives LnjO,. 


Compounds with non-metals and metalloids : The lanthanides 
also form well-defined compounds with non-metals and metalloids 
other than oxygen and halogens. These compounds can generally 
be prepared by the oirect combination of the elements at elevated 
temneratures. Among these compounds are Ln,S, (not of Eu), 
selenide (Ln,Se,) and oxy sulphides (Ln,0,S). Nitrides (LnN), phos¬ 
phides (LnP), arsenides (LnAs), antimomdes (LnSb) and bismuthides 
(LnBi) crystallise- in the NaCl structure. The carbide (LnsC). is 
found for the lanthanides, Sm—Lu but not for La, Ce, Pr and Nd. 


ChemUtiy of + 2 state 

This is an anomaious oxidation state. The lanthanides showing, 
bxidation-state can be divided into -i -2 two categories : 

* (a) Sm,„EuMand Yb,,. The dipositive ions of these lantha¬ 
nides bni»+, Eu»+ and Yb*+) exist in solution, The standard 
oxidation potentials at 25'’C;. in acid solution, of these cations are 
, given below: 

Sm*^(a^) - 1 - e- Sm*+(a 9 )—1-55 volts 

Eu»+(n9) 4 e- Eu*+(a 9 )—0 43 volt 

Vb»+(fl 9 )e" Yb*+(fl 9 )—l-15 volts. 

These values indicate that Sm*+. Eu*+, and Yb*+ ions are 
strong reducing agents and their reducing strength is in the order : 

Sm**' > Yb*+ > Eu*+. 

Sm*+ atod Yb*+ ions are rapddly oxidised by H#0+ ions (acidic 
solutiohu while Eu*+ ion is fairly stable and is only slowly oxidised 
oy "on. 

2Sm»+ (OF Yb*+) + 2H*0+ -- 2Sm*+ (or 2Yb*+) -|- 2H,0 -f H,. 
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AH tbese cajions are rapidlf oxidised in presence ^ oxygen, 

e.g., 

4Ln*+ + 4HjO+ + O* -* 4Ln*+ + 6HiO, where Ln*+ may 

be Sm*"*", Eu*+ or Yb*+. 

The compounds of Sm*+, Eu*+ and Yb*+ which are insoluble 
in HiO arc not oxidised by HiO, while hydrated water-soluble 
compounds of Sm*+ and Yb*+ are oxidised by their water. Hydrated 
water-soluble compounds of Eu*+ are more stable. 

{b) Ccjg (?), Ndg, and Tniet- The compounds having these 
elements in+2 oxidation state are known only as solid halides. 
These are immediately oxidised with air. 

Of the divalent compounds of lanthanides, those of Eu*+ ion 
are most stable. The compounds of Ln*+ ion are not stable in 
solution. All the Ln*+ compounds decompose water with evolution 
of H,. 

2Ln*+ + 2HjO -► 2Ln*+ -|- 20H- + H, f 

The reaction is, however, sluggish ; with Eu the reaction is so 
retarded that Eu*+ compounds may be regarded as fairly stable in 
aqueous solutions at an ordinary temperature. 

Chemistry of +4 state. 

This oxidation state is also an anomalous oxidation state. 
Double salts like Ce(NO,)4.2NH«NOj and Ce(S 04 ),. 2 (NH 4 )*S 04 . 2 H »0 
have also been prepared. 

The standard oxidation potentials it 25'’C, in acid solution, 
of Ce*+ and’Pr^+ ions are given as under ; 

Ce*'*' + e" ;=£ Ce*+ -f 1 -74 volts 

Pr*+ -1- e" ^=± Pr®+ -f 2-86 volts 

These values show that Ce{lV) and Pr(lV) are strong oxidising 
agents, the latter being by far the stronger of the two. 0(80^)* is 
generally used in volumetric analysis. Ce‘+ ion is readily recMced 
to Cc®+ ion. 

The tetravalent ions of Ge are stable' in the Solid state as well 
^s in solution; Pr*'^ j Nd*'^,'Tb*''and Dy^'^are stable only in 
Solution. 

.'f) - 

(3) Atomic and Eonic Radii—Ladthahi^e Contrilction 

The atomic radii of the Ln atoms and the crystal or ionic 
radii of Ln*+, Ln**', and Ln«-^ ions art given in Table 9-5; ^ 

This table clearly shows that as we move along the lanthanide 
series, there is a decrease in atomic and ionic radii. This steady 
decrease in the atomic and ionic radii is called lanthanide contraction, 
litis decrease in size is regular in ions (Fig. 9-6) but not so regular in 
case of atoms (Fig. 9'7). 
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Table 9-5. Atomic and Ionic (or cryslai) Radii of lasubanida 
and allied elements in A 


Etements with 
atortric No. 

Atomic Radius 

Crystal or ionic radii of 


Ln*+ ion 

ion 

in*-*- ion 

1 




068 


1 

Vai 



088 



Las7 

1-88 


1-06 


I 

Cess 

1-82 


1 03 

0-92 

1 

rst 

1 83 


1 01 

0-90 


Ndeo 

1-82 


099 



Pm«i 

— 


(0 98) 



Sm«* 

1-80 

l-ll 

096 


tj 

EU83 

204 

109 

0 95 


*c 

Gd«4 

1-80 


094 


*1 Tb«s 

1-78 


0-92 

0 84 

Dyss 

1-77 


091 



H067 

1-77 


089 

1 


Efcs 

1 76 


0 88 

1 

1 


Tme* 

1 75 

0-94 

0 87 



1 Yb70 

1-94 

093 

086 



1 Lu. 

1-73 

i 

1 

1 

0-85 



Fig 9-7 clearly shows that the grap^ has two peaks, one at 
Eur, and the other at Yb,o which possess exceptionally high values 
for their atomic radii. This is regarded due to the difference in 
metallic bonding. Each of the lanthanides is assumed to contribute 
three electrons for the formation of metallic bond, excepting Eu and 
Yb These two atoms contribute only two electrons towards bond 
formation thus leaving behind half-filled and completely filled 4/- 
orbitals respectively. The three vertical lines shown m the figure 
have been drawn just to mark off the lanthfotide part^f the curve 
and to divide the lanthanides into two portions marked as 1 and 2. 
The dividing line passes through Gd„ which has half-filled 4/shell 

.Qj_^ 4>7 5^1 7 j*). The right-hand half of the curve is obviously 

a duplicate pattern of left-hand half. The seven elements of portion 
1 namely from Cesf to Gdw occupy a position corresponding to 
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that occupied by the seven elehients namely Tb^ to Lu;] of 
portion 2 . 



Fig. 9'6- Crystal radii'of Ln*"*". Ln**" and Ln** ions as a 
function of their atomic numbers- 


Cause of laaftanide contractioD. 

We have already seen that in lanthanides the additional elec¬ 
tron enters 4/-sub shell but. not in the valence-shell namely sixth 
shell. The shielding effect of one electron in 4/>sub-sbell by another 
in the same sub-shell (i.e. mutual shielding effect of 4/-electrons) is 
very little, being even smaller than that of d-electrons, because the 
shape of /-sub-shell is very much diffused . The nuclear charge (i.e. 
atomic number), however, increases by unity at each step. Thus the 
nuclear charge increases at each step, while there is no comparabh 
increase in the mutual Shielding effect of 4/-eIwtrons. This results 
in that electrons in the outermost shell experience increasing nuclear 
attraction from the growing nucleus. Consequently the atomic and 
ionic radii go on deceasing as we move from Lam to LU 71 . 
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Coi|seqiiciicn of Ijuithonide Coatiytioa. 

Some important consequences of this lanthanide contraction are 
summarised below : 



" — /flfcmic Number - - 

Fig. 9'7 Atomic radii of lanthanides, Ba and Hf as a 
function of their atomic numbers. 

(/) Anomaloas bduvioiir of posMaatbanIde elements. The ele¬ 
ments following lanthanides are azXie^ fost-Janthanide elemenf:. Thus 
these are the elements of third transition series. Lanthanide contrac¬ 
tion effects the properties of post-lanthanide elements. The following- 
examples illustrate this point. ^ 

(a) Atomic and ionic radii of post-lanthanide elements. Normally 
in the same sub-group, the covalent radii increase as the atomic num¬ 
ber increases. This fact is evident when we compare the covalent 
radii values of the elements of the'Hrst and second iransilioii series 
as given in Table 9-6. 

If we compare the covalent radii values of the elements of the 
second transition series with those of the third.series, we find tihat 
the normal increase in the covalent radii values from Scu toYw to 
Lsot disappears idler lanthasudes end the .pairs of elements : \Zr—Hf, 
Nb—Ta,....... A*—Au, Cd—Hg possessnlpiost same vatom. ff the 

fourteen lantimnides had not been mtervened between Liw and Hfn, 
the value of covalent radios, for ecample, of UfM rixmld have been 
greater than that of Zr^, since Zr and Hf both are in the same sub¬ 
group IV B and Zr lies iaamediately above Hf. The oomirr^e of 
unthanide contraction csnoefs the expected increase in die covalent 
radius value firm Zr to Hf. This elation is a^ widi other pairs 
of elements in the second and third series of transitional elements. 




TaNe9^. Atomic (covalent') Radii (in A”) of the elements preceding and following lanthanides. 
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2 QQ Lanthanides or Rare Earths (4f-Block Elements) 

Since the pairs of elements of second and third transition 
series tjccurring after lanthanides, (e.g. Zr—Hf, Nl^Ta etc. pairs) 
have almost similar size (which is 

they are much more close to one another in properties than do the 
vans of elements of first and second transition senes, e.g.. solubilities 
of their salts are very much similar to one another. 

High density of post-lanthanide elements. Bemuse of lantha¬ 
nide fontSion the atLic sizes of the post-lanthanide elemen s 
become very small. Consequently the packing of atoms in their 
metallic crystals become so much compact that their den^ties ar 
very high. Thus, while the densities of the elements of second 
S senes are only slightly higher than those of the elements of first 
series the densities of the elements of third transition senes are 
Smost double to those of the elements of second transition serles- 

(,i) Basic character of oxid«, Ln^Os and 
The chemical properties of an element or an ion depend on the s ze 
rfv The fireatcr the atomic or ionic radius, greater 

is the ease with which the species (i.e. atom or ion) will lose electrons. 
Thus SeTase with which a species loses “electrons is the mea- 
Thus the ease Basicity decreases as the ionic 

sure of b Jcitv of Ln»- ions may be expected to 

radius decreases Thus^^ baMag oi Lii ^ 

These differences in basicity arc reflected in {a) thermal decom- 
nf r>*v-salts e.g. more basic oxy-salts decompose less easily, 
t/°e'with difficulty) i’/>) hydrolysis of ions—more bask ions hydrolyse 
ts ^eadUr(e)solubilitk^ (d) formation of complexes and 

/ fHprreasinB easc of oxidation of the metals with increasing atomic 
S^-oIfdafion po«mial for ,h. couple Ln--Ln-. +3r regu- 

larly lamhaiiidc contraclion the decrease in size of Ln"- ions 

frnm T a*+ to Lu*+ increases the covalent character (/.c. decreases the 
between Ln»^ and OH' ions in Ln(lll) hydroxides 
'{Fajan^ rules). Thus LatOH), is the most basic M Lu(OH)3 is the 

^Smilarly there is a decrease in the basic strength of the oxides, 
LnjOs with the increase of atomic number of Ln atom. 

(Hi) Small variation in the properties on account of lantha¬ 
nide contraction allows the separation of lanthanides by the methods 
based on fractional crystallisation and basicity differences. 

(/V) Occurrence of Y with heavy lanthanides. The crystal radii 
fVsJidEr’ are equal(Y3- = 0-93 A and Er3+=0-96 A). This 
°.f X in innic size of these two • cations coupled with the equality 
sitn(lari y accounts for the invariable 

o^f Y whh heavier lanthanides. The marked similarities 
Se emtS sTructure, c^ and solubility between 

in the ^ and the corresponding ones of the heavier 

rVbi^idesTake iH^l^ yttrium from the heavier 

SSlS u il b~aus. of stailarilte <ha< ytmum is 
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regarded for all practical purposes as a member of lanthanide 
series. 

(4) Colour and Absorption Spectra of Ln*+ Ions 

The striking colour characteristics of crystalline salts of a num¬ 
ber of Ln^ ions persist in aqueous and non-aqueous solutions an^ 
remain unaffected by the change of the anion present or by the 
addition of colourless complexing groups. Thus it can be said that 
the colours are characteristic of Ln*+ ions themselves. Colours of 
Ln*+ ions are given in Table 9*7. 

From Table 9-7 the following points may be noted : 

(/) Ln*+ions having x electrons and (14— x) electrons in 4/ 
orbital have the same colour. For example Pr*+ and Tm*+ ions 
having 2 and (14—2)=12 electrons in the 4/-orbital respectively 
have the same colour namely green. Thus we see that 4/-orbitals 
are the source of colours of Ln®+ ions. 

(ii) The colours of Ln*+ ions from La®+ to Gd*+ repeat them¬ 
selves at least qualitatively, from Lu*+ back to Gd*+. It can thus 
be concluded that the colours depend on the number of unpaired 
electrons in 4/-orbitals, but the fact that Ln*+ (e.g. Sm*+, Eu*+, Yb*+ 
ions) and Ln*+ ions {e.g. Ce^+ ion) which are iso-electronic with Ln*+ 
ions have different colours suggests that the situation is somewhat 
more complex. For example, although both Eu*+ (4/*) and Sm*+ 
(4/«) ions have the same number of unpaired electrons in 4/-orbitdls 
(=6), they have different colours (Eu*+—colourless, Sm*+—reddish). 
Other examples of pairs of cations having the same number of un¬ 
paired electrons in 4/-orbitals but with different colours are : 

(a) La*'’(4/«, n=0)—colourless, Ce*+(4/®, n—0) —orange-red 

(b) Gd*+(4/», n=7)—colourless, Eu*+(4/’, i?=7) -straw-yellow 

(c) Lu*+(4/i*, n=0)—colourless, yb*+t4/>«, i7=0)—Green. 

(ill) The colour of the Ln*+ cations can, to a large extent, be 
correlated with the electronic configuration of Ln*+ ions. Thus, as 
is evident from Table 9-7, the Ln*-^ ions having no unpaired 4/- 
electrons (i.e. having either 4/* or 4/** electronic configuration) or 
hdf-filled 4/-orbital (i.e. 4p configuration) are colourless, e.g. all 
the cations viz La*+(4/>), Gd*+(4/’) and Lu*<’(4/**) are colourless. 

Origin of Colour 

The colours are due to Laporte-forbidden f-f transitions, i.e.. 
transitions between the J states of 4/" configuration'. Hence the 
absorption Ixinds of Ln*+ ions (except Ce*+ and Yb*+ iohs) are 
very weak but sharp when compared to those of d-block el^meiift. 
Many of these bands are line-like and become every narrower of the 
temperature is lowered. These narrow bands appear due to f-f 
transition and are independent of the nature of the anion present. 
As 4/-electrons lie deep inside the atom, the colours of Ln*+ ions 
are not effected by changing the anion. 

The colour one sees is the result of absorption of light of 
certain'wavelengths and transmission of light of other wavelengths. 



TtUe 9‘7. Colours <uid wofetoigths (in A.) oftho prominent light absorption bands of imis in 

solutions (n^tNo. of unpaired electrons in dforbitahii ■ 
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The coloured ions absorb in the visible region, and on occasion in 
ultraviolet region. The colourless ions absorb either in the 
ultraviolet (Ce*"*", Gd*+ ions) or in the infrared region (Yb*+ ion). 
The Ln*+ ions absorb strongly in the ultraviolet.. The only Ln‘+ 
ion stable in aqueous solution, the Ce*+ ion, absorbs in the blue 
ultraviolet regions. 

Laporte-permitted bands due to the transitions of 4/"- *Sd^ 

type have been observed in Ce®+, Tb®+, Sm*+, Eu*+ and Yb’+. 
These bands are strong and broader, since the transition is consider¬ 
ably influenced by the chemical environment. A charge transfer 
phenomena is also observed in certain lanthanide ions, e.g. the 
orange-red colour of Ce‘+ is due to the electronic transition from the 
ligand orbital to the f orbital of cerium. Compounds of Eu*+ with 
reducing anions are yellow due to electron transfer from the metal. 


(5) Magnetic Properties 

The paramagnetic property of an ion or an atom is due to the 
presence of unpaired electrons in it. Thus, since both La®+ 
( 4/0 Sd" 6so) and Lu^-^ (4/'* Sd* 65®) ions have no unpaired electrons, 
these are not paramagnetic. All other LnO+ ions show paramagnetic 
property. 

Since for most of Ln®- ions the energy difference between the 
two successive J levels of a multiplet (t.e., multiplet width is large 
compared to fcT, fc=Boltzman constant and T=absolute tempera¬ 
ture) , there is a strong L-S coupling {see magnetic properties of 
transition elements). In these ions the unpaired electrons in («—2)/ 
orbitals are quite deeply seated and hence are well shielded 
by 5s and 5p electrons from the effects of other atoms in (heir 
compounds (crystal field effect). Consequently the effective mag¬ 
netic moments of Ln®- ions, with the exception of Sm®+ and Eu®^ 
ions, are given by the following equation provided that the ground 
state symbols of Ln®+ ions are known. 

VJfJ+l) BM ...(9-5) 


where g is the Lande splitting factor and is given by 

, . J(J+l)-HS(S-i 1)-L(L i-l); 

+ - 


...(9-6) 


S= resultant spin quantum'number, L=--rcsultant orbital quantum 
number and J=resultant inner quantum number which is obtained 
by coupling L and S. 

Values of /i,// of the sulphates of Ln®^- ions calculated from 
equation (9-5) and those found experimentally (i.e. values) are 

given in Table 9-8. From this Table the following points may be 
noted ; 

(i) Although for most of Ln»+ ions there is an almost good 
agreement between the calculated and experimental values, for 
Sm®+ and Eu®+ ions the agreement is poor. This is due to the fact 
that in case of Sm®+ and Eu’+ ions- the energy difference (i.e. 
multiplet width) between the successive J energy levels is comparable 
to kT and the J levels above the lowest energy J level are populated 
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by atoms to some extent. The situation is actually not so simple 
as we have described here. 

(n) We know that for Ln®+ions like La3■^(4/o), Gd®-^(4/') and 
Lu»+( 4/’<) which have S term symbol, L=0, i.e. no orbit effect 
(L=0 shows S term symbol). For these ions when L= 0, J=S and 
hence g = 2. (From eqn. 9 6 ). Thus equation (9-5) reduces to 

Mf//=Ms=2 VSlS+l) 

—t^spin onty~^ •yj ^("2 ^ ^=\/”(” + 2 ) 

The values of Pt/f calculated from these two equations are 
also given in Table 9 8 which shows that pj and ps values for La^+j 
Gd®+ and Lu*+ ions are the same. 

( 6 ) Complex Formation 

The lanthanides are moderate in their complex forming ability 
which increases the right in the periodic table. The 4 /- elec¬ 
trons of lanthanides are too well shielded to interact. Consequently 
each lanthanide ion is effectively an inert gas-type ion, like those of 
the alkaline earth metals, that attracts ligands only by overall electro¬ 
static forces. On this basis, we expect and also observe a general 
decrease in case of complex ion formation with a specific ligand in 
the series Ln*’■ j> LiF*- > Ln^+. 

The tendency of the anhydrous Ln®+ ions to form complexes 
increases from La»+ to Lu*+, whereas that of the hydrated Ln®+ ions 
Ln»+(U 9 ). decreases in the same order. The difference in coroplexa- 
tion tendencies of the anhydrous and hydrated ions is due to the fact 
that while the size of the Ln3+ ions decreases, that of the Ln»v (aa) 
increases with the increasing atomic number. ' 

Lanthanides, owing to the unavailability of orbitals for bond¬ 
ing, high basicity and rather larger size of their commbn cation' 
Ln*+, form few complexes which are mostly formed with oxygen or 
oxygen plus nitrogen containing chelating ligands such as B- 
diketones, hydroxo acids {e.g, tartaric acid or citric acid), various 
amino acids of the types RNiCH^OOHlj and N(CH*COOH), 
EDTA, oxine. p-diketones form complexes of the type fLnfB-’ 
diketone) 3 ]. HjO. ^ 

Some non-chelated species such as ; (/) ammines, LnCI,.x NH 
(i7) amine adducts, LnClg.y RNHj (//i)antipyrine adducts, [Ln(ap) 8 ]X 3 * 
where X = I', IO 4 , NCS' and ap = antipyrine, have also been 
prepared. 

Since lanthanides are highly electropositive, they have little or 
no tendency to form complexes with rt-bonding ligands. How. 
ever, few complexes of 1 , 10 phenothroline and a, a'-dipyridyl 
have been reported. Cyclopentadienides of the stoichiometry, 
(QHslsLn, also have been prepared. These complexes are ionic and"^ 
have magnetic moments similar to Ln3+ ions themselves. A complete 
study ofLn (CaHj )3 shows that these compounds are salts rather than 
complex compounds. Eu and Yb also form the cyclopentadienides 
of the type (C 8 H 5 ) 2 Ln where ^Ln =. Eu or Yb. Most complexes are 
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aie octahedral. But souie 8, 9 and 10 coordinated complexes have 
also been prepared. 

Bonding between lanthanide ions and coordinating ligands 
depends priimrily on the electroni^tivity of the **®®**^^*^? 
the ligand. Bond formation follows the order F-, OH"^ » 

Cl etc., for monodentate ligands. Com]^ex formation wth bidentm 
-Uganda in the presence of water is usually successful only witn 
ligands that form <^late rings through oxygen atoms. 

tJ9ES OT LANlHANiraS AND THEIR CtMfPOUNDS 
(A) Uses of tile elements 

(0 Lanthanides are used in metaJhibermie reactions due to 
their extraordinary reducing property (Ce is a stron^r reduch^ 
a gant than Al). Lanthanido-thermic processes can yield sumcmntly 
^e Nb. Zr. Fe, Co. Ni. Mn. Y. W. U. B and Si. These 
also used as de-oxidising agents particularly in the manufacture or 
Cuand its alloys. 

(ii) Usesof mish-metals. AUoys of l^ihanides areknoTOas 
mish-metals. The major constituents of mish-me^s are C* (♦S 
50%), La (25%). Nd (5%) and small quantities of other lantbanme 
metah and Fe and Ca impurities. 

Mish-metals are used for the production of different l^nds <m 
steel like heat resistant;, stainless and instrumental steels. The aMt- 
tion of 0-75% of mish-metal to steel raises its yield point an J its 
workability in heated state and improves its re^tMce to oxid^i^.. 
Misch metal is an excellent scavenger for adsorbed oxyget. and sUF- 
phur in metallurgy. 

Mg-alloys containing about 30% misch metal and l®AZr arc 
useful in making parts of jet engine. 
it is sul&iently pyrophoric to be useful in lighter flints. 

(B) Uses of the Lanthanide Compounds 

The uses of the compounds of lanthamdes can broadly be 
classified as follows: 

(a) Nott-nnelear applicatimis. The following uses are important. 

(0 Ceramic applications. CeO,.Larf)s. Nd,<^ and 
widely usrd^r decolorising glass. Approximately 1 /o ^ 

in the^manufacture of protective Uansp^t 
in nuclear technology because these blocks are not affected 

|l ®es proterting eyes from neutron radiation (Gd.O,-l-Sm,^^. 

The addition of more than 1% CeO. to a glass gives rf aj^wn 
colourr^Nd,Os and Pr,©, give respectively red and gre^n cqfoors. 

(Nd,0,+Pj^gw«^ ^S^pt= 2000 “C)w used in the 

ture of a sJSSTVype of crucibles which are used for melting metals 
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in a reducing atmosphere at temperatures up to 1800“C. Borides, 
carbides and nitrides of lanthanides are also used as refractories. 

(ill) AbrasiTes. Lanthanide oxides are used as abrasives for 
policing glasses, e.g. the mixture of oxides, CeO. (47%), La*C),+ 

Cio, FeiOs etc. (ss 2 %) which is called 
ponrite has been used for polishing glasses. 


(iv) Paints. Lanthanide compounds arc used in the manufac¬ 
ture of lakes, dyes and paints for porcelain, e.g. cerium molybdate 
gives light yellow colour, cerium tungstate gives greenish blue polour 
and salts of Nd give red colour. 


(v) In textiles and leather industries. Ceric salts arc used for 
dying in textile industries and as tenning agents in leather industries 
Ce (N 0,)4 is used as a mordant for alizarin dyes. Chlorides and 
acetates of lanthanides make the fabrics water-proof and acid resis¬ 
tant. 


(vi) In medicine and agriculture. Dimais which are salicylates 
of Pr and Nd are used as germicides. Cerium salts are used for the 
treatment of vomiting and sea-sickness. Salts of Er and Ce increase 
the red-blood corpuscles and haemoglobin content of blood. 

In agriculture Janthanidc. compounds are used as insecto- 
fungicides and as trace elements in fertilisers. 

(vii) In lamps. Salts of La, Ce, Eu and Sm are used as acti¬ 
vators of luminophores. They are used in the manufacture of gas 
mantles, in the coatings of luminescent lamps and for painUng the 
screens of cathode-ray tubes. 

(viiY) In analytical chenustry. Ce (SO 4 ), is used as an oxidising 
agent in volumetric titrations. 

Radio-isotopes of lanthanides {e.g. La>*®, Ce’**, En’", Tb**® etc.) 
arc used in the study of co-precipitation, chromatographic separa¬ 
tions etc. 

{ix) Catalytic applications. Certain compounds of lanrham '^f ^ 
are employed for the hydrogenation, dehydrogena:tion and oxidation 
of various organic compounds. Cerium phosphate finds use as a 
catalyst in petroleum cracking. 

(x) Electronic applications. Ferrimagnetic garnets of the type 
SLnjC^.SFezOs arc employed in microwave devices. 

(^). Nuclear applications 

Lanthanide elements and their compounds find many important 
nuclear uses, e.g., in nuclear fuel control, shielding and fluxing 
devices. Pr“’ is used in the production of atomic battery. 

CkHoparison between d- and /-block elements (particniarly between 3d- 
and 4/.block elements) 

Since both d- and/-block elements have partly filled inner orbi- 
tak, these have many properties in common, but there are significant 
differences also. Some of the differences are given below : 
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(i) i/-orbitals are five while /-orbitals are seven. 

(ii) (n—1) rf-orbitals have higher energy than (n—2)/-orbitals. 

(ill) (n—2) /-orbitals lie closer to the nucleus than («—1) d- 
orbitals and have accordingly greater screening effect on the outer¬ 
most shell of electrons, /-block contraction, particularly with lantha¬ 
nides (i.e., lanthanide contraction), is much more pronounced than 
the ri-block contraction, 

(/vj («—2) /orbitals, particularly 4/-orbitals, participate in 
bonding with greater difficulty than («— 1) d-orbitals. 

(v) Magnetic moment. The maximum magnetic moment of/- 
block element compounds corresponds to seven unpaired electrons, 
while for </-block elements it corresponds to five. Further, there is 
much greater orbital contribution in/-block elements as compared to 
d-block elements. 

(vi) Absorption bands. The /block elements usually give 
narrow absorption bands, whereas d-block elements give broad ab¬ 
sorption bands in the visible region. 

(v/i) Oxidation states. i/-block elements show much greater 
variability of oxidation states as compared to the/-block elements, 
particularly the lanthanides. 

(viii) Oxidation potentials. The oxidation potentials of/-block 
elements (particularly of lanthanides) are comparatively much higher 
t han those of the d-block elements. 

(ix) Metal Ion-ligand bonding characteristics. Unlike 3i/-orbitals 
of the transition elements, the 4/-orbitals of the lanthanides do not 
contribute significantly to complex formation or to bonding of the 
lanthanide ions. Covalent contributions to bond formation have 
been invoked to explain certain effects of the extremely complicated 
spectra resulting from the /-/electronic transitions in the lanthanide 
ions However, energy shifts in the lanthanide spectra between 
different compounds are only 10-20 cm » where complex formation 
with ions of the 3</-transition series elements in spectral shifts of the 
order of 1000 cm *. 

A general comparison between the bonding and coordination 
properties of the 4/-metal ions (i.e. lanthanide ions) and the ions of 
the 3d transition elements is-given in Table 9-9. The bonding 
between the ligands and the lanthanide ions is essentially electro¬ 
static with little, if any, interaction between the 4/-orbitals and 
iigand orbitals, while in the bonding of the ligands to transitii'" 
metal ions there is strong interactions between the 3<f-orbitals 
and the ligand orbitals. The interaction of 3i/-orbitals and liga.nd 
orbitals in case of transition metal io'ns leads to strong directional 
bonding, but there is little directional influence in the electrostatic 
bonding of the lanthanide ion. 

(x) Coordination geometry. Because of their larger size, 
lanthanide'ions generally have higher coordination numbers than 
transitional metal ions. Coordinate numb^s greater than 6 for 

transition metalions are only formed with difficulty beoause of the 
strong ligand impulsion in the coordination spheres 
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Tabk 9'9. Comparison of 4f- and 3d-Metai ions. 


Properties 

4f metal ions 
{Lanthanide ions) 

3d-metal ions {Transition 
metal ions) 

1. Metal orbitals 

4/ 

3d 

2* Ionic radii 

j 

La*+ (-1 06 A®), Lu»+ 
(=0*5 A®> 

0-75-06 A* 

3- Common coordina¬ 
tion numbers I 

6. 7.8. 9 

4.6 

4. Bonding | 

1 

No metal-ligand orbital 
interaction 

Strong metal-ligand orbittl 
interaction 

3. Bond direction 

Little preference in bond 
directions 

Strong dii^ion bonding 

6. Bond strengths 

Ligands b(»d in order ci 
electronegativity 

P-, OH-.HiO.NOs-, a- 

Bond strengths determined 
by i^rbital interaction nor¬ 
mally in the following 
order: 



CN-, NHs, HiO, OH-. F- 

7- Solution conqilexes 

Ionic,' rapid ligand ex¬ 
change 

_ 1 

Often covalent, covalent 
complexes normally ex¬ 
change slowly 
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Actinides (5f-Block Elements) 


DEFINITION 


The elements in which the extra electron enters 5/orbitals of 
(n—2)th main shell are known as 5/-block elenaents, actinides or 
actinones. Thus strictly according to this definition of actmdw 
only thirteen elements from Th,# (5/® 6d* Is*) to NO|*i (5/ 6^7i*) 
should be the members of actinide series. However, all the fifteen 
Clements from Ac*. (5/“ 6d* 7s*) to Lw,„ (5/»* 6d‘7s*) are considered 
as the members of actinide series, since all these fifteen elements 
have similar physical and chemical properties. In fact the name 
actinides has been derived from actinium which is prototype of acti¬ 
nides as lanthanum is the prototype of lanthanides. 


POSITION OF ACTINIDES IN THE PERIODIC TABLE 

The study of the position of the actinides in the periodic table 
can be made under the following two heads : 


(i) Prior to the discovery of the trans-uraniom dements {i.e. 
before 1940). The existence of the lanthanide series helped the 
discoverers to predict that another scries of elements resulting from 
the addition of electrons to an («-2)/-shell (i.e. 5/-shcll) should 
oc6ur somewhere in the heavy elements region. Prior to the dis¬ 
covery of transuranium elements, the naturally occurring heaviest 
known elements namely Th», Pa,,, and U„, were placed below 
Hf„, Ta„ and W,* in IV B, V B and VI B groups of the periodic 
table b^use these elements showed -f 4, +5 dnd -|-6 oxidation 
states and resembled Hf, Ta and W respectively in many of their 
properties. The then undiscovered transuranium elements with 
atomk; numbers. 93 to 100 were thus expected to occupy the posi¬ 
tions in the periodic table below Re,,, Os,,, Ir,,, Pt,,, Aun> HgM> T^np 
and Pb,, respectively as shown in Fig. 10-1. 

(ii) FoUowing the dbeovory of the trans-wanfaim dfemenfs. 
The discovery of the element neptunium (Npn) came in and this 
discovery was followed shortly by the discovery of pIut6nmi|L( Pum) 
in 1941. The tracer chemical experiments with and Pu„ 
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showed that tlie chemical properties of these two elements very 
much resemble those of U^, and not at all those of Re,, and Os,. 
On this basis in 1944, the position of U«. Np„ and Pu„ was showii 
in the periodic table as given in Fig. 10-2. It was thought that the 


Pn 

!_1 I taa ITB '73 ra tzr~> __ a, _^ 

i I f5c|TI I V ICi'j t/in^cIColMi 

■ [ 111 25 26^ = 7 28 

i I lYT^rTr^iMo Tc SulRh R,r 


» i*.r t-.;. cv-U IC. 


UTAKft 74 TTASIA 


8 C 
5 6 

le EB , 3 * 

CujZo 6c»'Ge 
2&|50 31 .32 
AoiCd Ir'Sn 
A!> so 


lt-“ y'il'7 ;V7 Rr Cs Ir PtlAu Hq Tl Pb 

_ 4 1 '-'^ 77 7fi 7? pty.fri 6° 

_ins j|lo! 'i'gi;i:.v^)!i35)}(3etp7ifr38) O3)|(IC0) 


;Cf iPr|rMdj?rr,lSr»,l£ul&alTt 

}58 ISSiCtO u? Z5\^A C2 


Ho ErlTmlYblLul 

167 68 69 70 71 I 


Fig. 101. Supposed position of actinides (before 1940; 
undiscovered elements with atomic numbers 95 and 96 should be 
y much like U, 2 , Npgs and Pugg in their chemical properties. 

P'^oved to be wrong, since the experi- 
Himherf ‘‘■scovery of elements with atomic 

faTn discovery of Npgg and Pu,* 

thi “’ought that , all 

oeriodi^^li® than Acg, were wrongly placed in the 

periodic table as shown in Fig. 10-2. 



Fig. 10 2. The posiiion of heavy elements in the periodic table 
as predicted in 1944. Atomic numbers of the then 
undiscovered elements are given in parentheses. 

He advanced the idea that the elenreutHiavjng atomic numbers 
greater than that of Acgg might cohstitute o second series of inner- 
transiupn elements:-m'dor to the lanthanide series The reS 
penodic. table .hus included the elements after Acg, as a sSd 
inner transition series and these elements with the name 
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elements, were paired off with those in the already known lantha¬ 
nide elements outside the body of the periodic table as shown in 
Fig. 10-3. 



Fig. 10'3- Position of the actinide elements in the periodic table 
as predicted in 1944. Atomic numbers of the then undis¬ 
covered elements are given in parentheses. 

The new position of the actinides was further confirmed by 
the fact that all the predicted elements up to 103 were discovered 
by 1961. The actinides now occupy tfie same position in the 
periodic table as suggested in 1944 and the periodic table, as it 
looks now, is shown in Fig. 10*4 The atomic nembers of the 
undiscovered “transactinide elements” {i.e., the elements with atomk 
number greater than 103) have been shown in parentheses. 



. .-Fag. Il>4. The Periodic Table u it looks today. 
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IDENTIFICATKJN AND NUCLEAR SYNTHESIS OF TRANS-URANIUM 
ELEM EWXS 

Of all the naturally occurring elements,uranium has the highest 
atomic number equal to 92. For this reason this element continued 
to occupy the last position in the periodic table for a pretty long 
*ime. Since 1940 eleven elements with atomic 'numbers equal to 
93, 94, 95, 96,97, 98. 99, 100, 101, 102 and 103 respectively have 
been identified and synthesised by the transformation of naturally 
occurring elements by nuclear reactions. These man-made eleven 
elements are placed beyond uranium in the periodic table and are 
collectively called trans-uniniiim elements. 

The year of identification of the firet isotope, the names of the 
discoverers, the method of identification and synthesis of these trans¬ 
uranium elements are summarised in Table 10-1. 

SEPARATION OF ACTINIDE ELEMENTS 

Trasuranium elements, produced as a result of nuclear reac¬ 
tions, are isolated from the target materials and irradiated nuclear 
fuels by the following methods : 

(1) Precipitation method 

Tri-and tetrapositive actinides caii be precipitated as fluorides 
or phosphates from acidic solutions. Actinides in higher oxidation 
states either do not give a precipitate or form complexes. This 
method is particularly useful for the separation of the actinide ele¬ 
ments of U-Am group. When the quantity of the actinide ion is 
insufficient to precipitate by itself, co-pr^pitation with a carrier 
like LaFj or BiPO^ is adopted. The LiFs-coprecipitation method 
has been used for the separation of Np and Pu (obtained ..bV neutron 
irradiation of uranium) from uranium and other fission products. 
The BiPOt- coprecipitation method has been discovered by Thomson 
and Seaborg and is used for the large scale preparation of Pu from 
U and fission products. Tliis is shown in Flow-sheet 1. 

Flow-sheet 1. Bi904- copredpitatkMB method for the separaUon 
of Pa from U and fission products (FP’s). 

NO,- 

UO»*+. Pu*+, FP’t - p- UO»*■^, Pu«-^. FP’» 

(0 Add HjSOt to pre¬ 
vent precipitation 
of U«+ 

(ii) Add BiPOt 


Filtrate: 
UW-H 


Preci^tate: 

BiP 04 ^trying Pu*-*- 

tPu*t- iscarrijBd by BiP 04 bctter.than Pu*+} 

EHsSoive in HNQ( and 
oxidue Pu*+ to Pu*-*- 
with KMnQc, KfCiaO* 
or NaSiOi 

PuOt*-, Bi»+, FP** 


Prea^tate : 
BiPQeCartymg 
FF’a 


Bfitmte 

PSN- 



Table lO'l. The year of identification cfthe first isotope, the names of the discoverers md the method of 
identification and synthesis of trans-uranium elements jSpu to _ 
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(2) Solvent extraction method 

This method depends on the extractability of the various oxi¬ 
dation states of actinide elements. This technique finds extensive 
application in the recovery of U and Pu from used-up nuclear fuels. 
This process is based on the distribution of a metal between the 
aqueous solution and an organic solvent. Thus with methyl isobutyl 
ketone (Jtexone) Np«+, Np3+, Pu«+ and U«+ are extracted while Pu»+ 
IS not extracted. Diethyl ether and tri-n-butyl phosphate (TBP) are 
other solvents which are used as extractants. Because of the high 
viscosity nnd density, TBP is used as 20% solution in kerosene. Thb 
method is preferentially applied to nitrate systems, because other 
ions like sulphate, perchlorate, fluoride etCr are strongly complexing 
and tend to retain the metal in aqueous solution. Hexone and diethjd 
ether require a high concentration of NOj" ions in the aqueous phase 
and It IS achieved by adding AUNOa), which has a high salt-out 
action. TBP is resistant to nitric acid oxidation and acts by itself as 
a salt agent. Solvent extraction of Pu and U by hexone and TBP is 
shown in Flow-sheets 2 and 3 respectively. 


/iTD. ^ . Separation Of Pu and U from fission products 

(FP s) by solvent extraction with hexane (Redox process). 

U02S++Pu«++FP’s 

oxidise by 
KjCrjOT 

U 03 *+J PuOj* '-^ FP’s 

Add AKNOj)* 
and extract with 
hexone 


▼ 

Aqueous phase 
FP’s 


Organic solvent phase : 
UO*»+PuO,*+ 


Wash with 
ag. SO, 


organic solvent phase 
UO,*+ 


Strip dil 
HNOi 


Organic solvent phase : 
Recycle 


▼ 

Aquous phase : 
UO,»+ 


Aqueous phase * 
Pu«+ 


Repeat oxidation and 
extraction cycle 
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Flow sheet 3* Separatioo,of Pa ao^U from fission products 
(FP’s) by solvent .catrictioo with trihsrtyl pho^ptetc TBP (Purex 
process). 

U<^*++Pu«++FI^8 

1 Extract with 
TBP 


Aquous phase: Organic solvenir phase : 

FFs UOj»++Po»+ 


Trmt with 
SO* or NHjOH 


Organic solvent phase 
UO,*+ or U«H- 
I 


' < 


Strip 

HjiO 


•Aqueous phase : 
Uranium 


Aqueous phase 

Pu»+ 


oxidise 


Pu*+ 

(The extraction 
may he repeated) 


(3) Ion-exchange technique. Although this technique can be 
used to separate the actinide ions, this is best suited for separation 
of the trans-americium elements and al,so..'‘or-some of the preceding 
elements, particularly for small amounts of material. 

This method involves the following two steps : 

(/) Lanthanide-actinide separation, TJje actinides as a group 
are separated from lanthanides by, cation-exchange resin. Strongs HCl 
is used as the eluting agent. The actinide ions form chloride com¬ 
plexes more easily and hence are eluted first., 

Separation of actinides from lanthanides is now done on an 
anion-exchange resin with 10 M LiCl as eluent at elevated teiOpera- 
tures up to ~ 90'’. With the exceptions of Gd, Ho and of Cm, Es, 
the elution sequences proceed in. the order of increasing atomic 
number. Thus is absorbed least!strongly, 

(iV) Separatt 6 n of individudt actinide elemei^ts. The actinide ions, 
in general, can be sepafaled from each other by removing from the 
cation exchange resin by elution with ammoniuni citrate, lactate, 
a-hydroxy isobutyrate and ethylene diamine tetracetate. If jihe acti¬ 
vity is plotted a&inst the number of drops of elueht, elution curves 
will be obtained shown in Fig 10*5. Lw (atomic rumbef, Z = I03) 
ia predicted to leave the column first, to be followed by.No (Z= 102), 
iand .iU tm down'the scale of atomic numbers. Elution positions for 
Md (Z=l()l), Fm=(Z-=,l00), and down to Am (Z = 95) are^own in 
the' typical elution curves. Elution curves for lant^nides are also 
shown in the same figure for ^comparison. It may be ndted that a 
very striking similarity occurs in the spacings of the corresponding 
elements in the ti/o series (e.g. Am and Eu, Cm and Gd, Bk and Tb 
etc). It is this similarity that made possible for scientists to predict 
the elution positions of the elements from Bk to Md before their 
discovery, and which also nrakes possible today , to predKt the elu- 
tion positions of dements..wrdi Z<- WZ tesd 1^ 
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There is a dntinot breakdowa between Gd and Tb (lanthanide 
series) and between Cm and Bk (actinide—series), which can be attn* 
buted to the small change in ionic radius occasioned by the half¬ 
filling of the 4/and 5/shells respectively. The elution order is not 
always as regular as shown in Fig. IQ'S. 



Fig- 10 5. Elution curves showing the elution positions of Ln*-*-and AnS+ 
ions eluted from Dowex-SO ion-exchange resin with anunonia 
aipba-hydroxy isobuty rate The dotted elution curves indicate the 
pi^icted elution positions of the then undiscovered elements 
with atomic numbers 102 and 103. 

general properties of actinides and their comparison 
WITH lanthanides. 

Some of the importaint properties of actinides are discussed 
below. 

(1) Electronic configuration and nature of bonding in actinide 
compounds. 

According to modern view 5/orbitais in actinides start filling 
from protoactinium (Pan) and not from thorium (Thw) as is evident 
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electronic configurations of actinides given in 

Snl wmi»rison the vaJence-shell configura¬ 
tions of lantj^i^es are also given in the same table. * 

Table Electronic configurations of the neutral gaseous 

atoms 'of lanthanides and actinides 


LaabuMi^es 

J ~ Actlardes 

Elements 

with 

atomte 

number 

1 

Valence shell 
eonfisurattons 

Elements 

with 

atomic 

number 

Compute cof^iirarions 

1 

Valence-shell 

configurations 

LatT 

APSd^bs* 

Acm 

•[Rn]5/» 6d* 7s* 

i/*6d*7s* 

Ce,. 

4f Sd»6s* 

Th„ 

[Rn]if*6d*7s* 

if* 6d* 7s* 

Pr„ 

4/* 5d«fi** 

P*.i 

[Rd]5/» 6d* 7s* 

if*6d*7s* 

Nd« 

4/« 5d» 6s* 

Um 

[Rn35/» 6d* 7s* 

5f* 6d* 7s* 

Pm«j 

Af* Stfi6s* 

NPM 

[Kn]5/*6d*7s* 

if* 6d* 7s* 

Sm« 

Af idA6s* 

Pum 

[Rn]5/<&^?s2 

!/*6d*7s- 

Eu«s 

AP 5<fi6s* 

Am** 

[Rn]5/’'6rfP.7s» 

if* fid* 7s* 

Gd« 

Ap id* 6s* 

Cm„ 

[Rn35/7M»7i* 

if*6d*7s* 

Tb., 

AP id* 6s* 

Bks7 

[Rn35/*6«f0 7.t* 

if*6d*7s* 

Dy** 

AP»5d*6s* 

Ctn 

[R»]5/»6d0 7j* 

if** 6do 7jf 

Ho„ 

AP* id* 6j* 

Ei» 

[RnJS/u 6d* 7s* 

5/M 6^-Til 

EfM 

AP*id*6s* 

Pmio# 

[Rn}tp*6d*7s* 

if** 6do is* 

Tni,, 

AP*id*6s* 

MdjM 

[Rnii/.>»6</®7j* 

if** 61* 7s* 

^70 

AP* id* 6s* 

Noi«t 

[Ri)]5/i«M®7f* 

it**6d*7s* 

Lua 

AP*id*6s* 

Lw,m 

' 

[Rn]5/i« 6d* 7s* | 

if**6d*7s* 


'°"^'*** confiiuia^icn of Rn atom, which is 2. 8. 
Cpmparison of the electronic coijjjgtifations of lanthanides and 

actinides ^ows both a substantial overall similaritv and 
tendency for fhr-lighter memgn :naLirAc to Safn W 

electrons, the latter tendency results both from the even smaller 

S"frSm ts; 
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nombcr as^hown in Fig. 10-6 in which a 
for the binding energies of the weakest bound 
Ictinides is shown. Spectroscopic chemical and other data tell that 
SAlevel becomes progressively lower in energy compar^ to the 6d- 
level with increasing atomic number. The relative point of change 
is thus different in the twcv series and also the fall in 
shrinkage in size are not so precipitous for 5/ orbitals as for * 

tals The spatial extension of 5/ orbitals relative to 6 s and 6 p orbi¬ 
tals is thus greater than that of 4/orbitals relative to 5 j and 5p 
orbitals. The greater spatial extension of 5/orbitals has also been 
shown experimentally. 

Since/shell is being filled in lanthanides (4/ shell) and acti¬ 
nides ( 5 /shell), the elements of these two series have close relation¬ 
ship in properties with one another. Thus Acg» and Las 7 occupy 
corresponding positions as prototypes for the two series. 

Although important similarities exist between the elements of 
the two scries, very important differences also occur. These diner- 
tnfxi are due mainly to the relatively lower binding energies and 
less effective shielding of the 5 /-clectrons (in actinides) than those of 
4/-electronS t*n lanthanides). 



69 91 95 95 97 39 

-Atomic number increasing — 


Fin 10-6. Qualitative comparison of binding energies of 5/- 

and W-electfona. (Reproduced from Katz and teatorg: 

‘‘The Chemistry of the Actinide Eiements, p. 465, Metheun, 

London, 1957). 

The actimdrt have saiied buanpUte^Sf-OTWals com- 

TMred to 4/-orbitafe m Uttthamdes. 4/ a^ 5/ otbitals differ inTheir 
SdSdistnbufloit ftmCtions. The ra^ ^tribmionof V-orbitate 
shows a small saWlof electro denwy the 

(c 0 iiipaie,fore«pBtfte, 4i.and^ wSSS 

orbitataTare mm ?«»«*'»»“* th^ris no 

firbttals Maxell the 6 * and Jip orbital. Therefore there is no 
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question of an overlap between 4/ and the surroanding ligands. 
The 5/orbitals which are more penetrating than 4/-orbitals are 
little more diffuse at the periphery of the atom. Hence these 
orbitals are somewhat disturbed by ligands. It is well known that 
the energy difference between different levels and sqWevels decrea^ 
with increasing atomic number. Thus in the actinidos the energies 
of 5/, 6d, 7j and 7p orbitals are but equal. This results in that 
unlike lanthanides, the bonding in the compounds of actinides can 
involve my or ail of these orbitals. This fact is realised when we 
find that, while lanthanides virtually form no complexes Gf covalent 
compounds in which 4/-orbitals participate in bonding {lantha- 
nidksform Jnostly ionic compounds), the actinides form complexes not 
only with anions such as X', SO** etc., but aho with rc-bonding 
ligands such as alkyl phosphines, thioeth,;rs and cyclopentadiene 
the use of 5/'orbitals. 

(2) Oxidation States and Oxidation Potentials. 

Observed oxidation states of actinide elements noted either in 
solution or in isolable compounds are summarised in Table 10*3. 

Comparison of the oxidation states of lanthanides given in' 
Table 9 4 p. 292 with those of actinides indicates that +3 oxidation 
state is the most common for both the series of elements. Thia 
oxidation state becomes increasingly more stable as the atomic 
number increases in the actinicte series. The increasing stability of 
+3 oxidation state is iliustrated by the increasing difficulty of 
oxidation above +3 oxidation sUte. This is clearly shown by the 
values of oxidation potentials (E* values) listed in the same Table. 
E° values have been recorded in IM per chloric acid at 25®C. The 
standard electrode pc lentials for the lanthanides couple, Ln7Ln«- 
become steadily more positive with the increase of atomic number (due 
to lanthanide contraction), while for the actinides couple An7An*+' 
these values become more positive from Ac to U and become less 
positive till Am. Am‘+ is thus a more powerful oxidising agent 
than Ge*+, when Pu*+, Np*+ and U«+ are less powerfuf. U*+ is a 
strong reducing agent. 

As regards lanthanides, no definite rule can be given about 
whether or not the+3 oxidation state of lanthanides increases in 
stability with the increase of atomic number. 

Actinides show a greater multiplicity of oxidation states. 
Since in the first half of the actinide series (i e. lower actinides), the 
energy required for the conversion 5/ —» 6 d is less than that 
required for the conversion 4/ —» 5d, the lower actinides should, 
on a comparative basis, show more higher oxidation states such as 
4, +5, +6 ‘and -p7. Correspondingly, since in the second half 
of the actinide series (i.c, higher actinides),, the energy required for 
the conversion 5/-• 6 d is more than that required for the conver¬ 
sion 4/— *'</, the higher actinides should show more lower 

oxidation states such as'-|-2- These expectations are in agreement 
with^xidation states given in Table 10-3. The second half of the 
series appears to parallel the lanthanides while the first halves of 
the two series are widely different from each other. 



TaHie 10 ? Various oxidation states shown by aetinides and standard oxidation potentials, fi* {in volts) 

for various couples in \M per chloric acid at 25‘C 
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The tripositive oxidation state occurs widely in each series. 
The two groups of elements, however, are not entirely comparable 
in this respect. The +3 state characteristic of lanthanides does 
not appear in aqueous solution of Th and Pa and this oxidation 
state becomes the predominantly stable oxidation state iii aqueous 
solution of the actinides only when we reach Am. The elements 
from U to Am have several oxidation states, while there is no ana¬ 
logous example among lanthanides. These differences can readily 
be explained on the basis of the assumption that 7s-, 6d- and 5/ 
levels have almost the same energies in this region. 

Since 5/-jlectrons are mord easily removed than the 4/-elec- 
trons, for the actinide metals the lower oxidation states are less and 
the higher ions are more important compared to the lanthanide 
metals ; e.g., even Cm gives Cm (IV) oxidatipn state in solids CmO, 
and CmF^j, whereas only Gd(ni) compounds are known. Cm*'*' 
ion is also stable in solution. ^ 

-t-2 Oxidation state. Only americium (analogous to euro¬ 
pium) is known to form a stable +2 state. This state is stable in 
CaF, only and has been studied by optical and electron spin reson¬ 
ance spectra -t 2 state is uncommon for other actinides. An*+ions 
resemble Ln*+ ions in their general chemistry. 

-f-3 Oxi^tioa state, -f-3 state is a general oxidation state for 
most of the actinides. For Th and Pa, +4 and-f-5 states respec¬ 
tively are important. An*+ ions resemble Ln*+ ions in their 
properties. A large number of isomorphous salts are given by the 
elements of both the spries Trichlorides and trifluorides of Ac, U, 
Np, Pn and Am are isomorphous. On hydrolysis all the halides give 
oxyhalidcs. 


Ac, Pu and heavier elements give the oxides of An»0, type 
which are isomorphous with Ln,Os oxides. 

Nitrates, perchlorates and sulphates are soluble while hydro¬ 
xides, fluorides and carbonates are insoluble. Like lanthanides 
actinides also form complexes with EDTA. Lanthanide-EDTA 
ccmple;{es are less stable than the corresponding actinide-EDTA 
complexes. 


_. Oxidation state. This is the principal oxidation state for 

Th and is a stable oxidation state upto Am. Am*^- and Cm*+ exist 
only as complexes in concentrated fluoride solution of low acidity 
General chemistry of An«+ ions is similar to that of Ln*^ ions 
The hydrated fluroidqs and ’’hosphates of both An«+ and Ln<+ ions 
we insoluble. ThO„ PaO„ UO„ NpO„ AmO„ CmO, and BkO, 
have fluorite structure. The tetrachlorides and tetrabromidcs of 
i h. Pa, U and Np arc only known, while tetraiodid^s of Th. Pa and 
U have been isolated. Oxyhalides of Th, U and Np can be prepared 
by heating AnX 4 with' Sbf 03 . An*+ ions form complexes mostly 
with anionic ligands like HSO*', NO,", Cl' etc. ^ 


-f-5 OxMMkHi state. This state is very important for Pa. 
Pa resembles very much Na»+and Ta»+. U, Np, Pu and Am 
^ exist in 4-S states, but these are less characterised. The only 
known pentahalides are those of Pa‘+ and U®+. 
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ActinUks {Sf-Blodf Biemenis) 

Flupro anipns of Pa, U. Np'and Pta-of iho types AnF,-, AnF,*- 

if ®**stunaic. solid state. Oxychlorides 
AnOClji (An=Pa, U and Np) are alsd ich^n. 

It !,« 'jnportant ion which contains An»+ cation, 

solution. This monovalent 
H^nds complexes with anionic and neutral 

***“■ • show +6 oxidation 

iil*c«rH in>s cation is linear both 

T'’® .simple molecular halide, UO,F, has the 
linear O—U—O group with fluorine bridges. The O—U bond 
dist^ce IS I’^S to 2 00 A“. The overall structure is a. flattened 
octahedron. Although AnOj*+ cation is linear in shape, it forms 
complexes with exceptional geometries, e.g. four, five and six 
coordinated complexes are given by this cation. 

Nn anH Sjates. -j-7 Oxidation state is shown only by 

Np and Pu. Electrolysis or ozone oxidation of Np*+ or Np»+ in 

slowly reduced to 

Np at 25 C (_E for Np'+/Np«+=0-58 volts in IM NaOH). The 
existence of Np‘+ ton has been confirmed by Mossbauer spectra. 

obtained by exposing a mixture of PuOa and Li.O 

flnH*P? 7 +* is formed. The chemistries of Np»- 

and Pu’+ resemble those of Rc’+ and Te^+. 

(3) Atomic and Ionic Radii—Actinide Contraction 

of Ihe basis for ionic radii 

of the actinide elements. In Table 10-4 atomic arid ionic radii of 
the tripositive and tetrapos^ve actinide ions (i.e. An»+and An«+ 

iS i Ti** ”‘iii of lanthanide atoms and 

tthi / > Ln ^ and Ln«+ ions ate also included in the 

AM+loni he noted/that for An»+and 

of An3° and * An«+‘*" contraction {i.e. decrease in ionic radii 

with lanthanide contraction, 

with increasing positive charge on the nucleus. This actinide c<m. 

f shen'fi'^ ‘l“® u faddition of successive electrons to an inner 
In? i.. 1 1° imperfect screening of the increas- 

ing nuclei charge by the additional 5/ electrons results in a con^ 
tra^.tion of the outer or valence orbital. 

ioni noted that the tripositive actinide ion (An*+ 

ion) IS always somewhat larger than the formally analogous Xn»+ 

t?nukviThe'"oi 3 ; H dctectaWe discon- 

Dofi*^ ^ P®* have a parallel at the Cm*+ ion. 

Rath;r there is a continuing divergence in size araonfe the An»+ ions 
as the nuclear charge increases. The ionic radii of Ln«+ and An*+ 
cations are shown together in Fig. 10-8. ana An 

.u The iumns in coniraction between the consecutive elements in 
theactinjdcf Is ffrftter than in the lanthaniaeis. The-greater con¬ 
traction IS due to the lesser shielding of 5f-e' ctrons which are there- 




and Ionic (or crystal) Sadii‘ of lanthanides and actinide^ 
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Mactinide cootractioo, 
increasiog atomic number. bawaty of die elmeats witb 



(4) Cokmrs and AbsorptUm .SpU. of Actinide ions. 

rr“* 

AnO.-. arc given in Table 10 5. It may 



Actinides (5f-Btock Elemmts) 


T.ble 10 5. Colours and wave lengths (in .4») of 
l^htZsorption oands of actinide ions lAn^^, An*^, AnO,^ and 
* in aqueous solution ____ 


Elements 


AnOi+ tons 


Colourlesss (5/°) 
(No absorpiion) 


Colourless (5/°) 
(No absorption) 

Colourless (5/^) 
(2240,2550, 2760) 


Colourless 


Red Green '5/*) — 

8800. 9000) (5500. 6500) 

Blue or purple (5/«) 

(5520. 6610. 7875) (5040. 7430. 8250) 

Blue or violet (5/») Tan‘orange 

neoo 6000 6030) brown (S/«) purple 

(5600, cwou. ouaoj (4700 5350.8150) | 



Yellow 

(4000.4110. 

4250) 

Pink to reU 
(4760. 5570) 

Yellow to 
pink-orange 
, (8330, 9530. 
9830 


Pink (5/») 

(5027, 8200) 

Colourless (5/’) 
(2368, 2680. 2774) 


Rose (5p) 


Ye 1 low Run-coloured 

(5131, 7151) (6W0.W5®) 


I (.^ joe, .tow, ■ ---- — 

nf 1 nSi- and An®*" ions, that the pairs of ions which have the 

S(" Gd- Jl/Lcolourtis^n/w* (5r-4olo».t») 

oi s." 

riSL^aro^Si ttes. sa^in case of laulhanide .ons The a^rp- 
tioD -jpeclra of lanthanide ions are obser»«l due to eleettome trans • 
"oSs between energy states within the 4/.electrpn snb-shell. 

Ijgbt absorption sjicctra of lanthanides are much more affc t 

ed by envirownant. j #i,» 

Charge-trajisfer phenomena occur more fr^uently the 

bands are Sire intense id the a®**®'**®* the 

volved m transitions. Moreover, ^e overlap 

ligand orbitals increases the intensity of absorption band 

5. Magnetic-Properties . 

In the 5/-serieSt P«»+ piid Arn«^ ions jhow the analogwis 
behaviour as noted for Sm*' and Eu»+ ions in 4/-series. ^ 
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The magnetic properties of the actinide ions are considerably 
more difficuit to explain than those of the lanthanide ions. The 



Fig. 10 9. Comparison of magnetic susceptibilities of lanthanide 
(shown by black circles) and actinide ions (shown bv 
white circles). 


values of magnetic moments found experimentally are usually lower 
than those calculated using Russell-Saunders coupling scheme. This 
is due perhaps to the inadequacy of the Russell-Saunders coupling 
scheme for 5/» ions and also to more subtle ligand field effects 
which involve 5/-orbitals to a greater extent than the 4/-orbitals are 

involved in bonding in the lanthanide complexes. 

An equation used for the calculation of molar susceptibility, 
Zm, is given by 

-I-N* 

where NxxAvogadro’s number, g,=>Lande splitting factor 

which is given by : 

. S(S4-1)+J(J-1-1)-L(L-|-1) 

' ■ ' 2J(J-i.ll 

?- Bohr x 10'“ erg^vw. 
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J»Total anguiar momeatum^6f atom— | L+S | , 

A;=Boltzmann constant, Tai^ absolute temperature, 

and a=Small, temperature independent term due to 
second order .Zeeman erect. 

Strictly speaking the above equatWi can be applied only to 
gaseous ions in which tjie .multiplet internals are larger compared 



——Number of unpaired electrons 


Fig. lO’tO. Coaipariv>n of magnetic momenu (in B.M.) of ft ath a- 
nide (shown by black ^xlot) and actinide ions (ditown 
by white dfCm). 

with JfcT and the valve of J to be used in it is taken from the ground 
state symbols of ions. 

A comparison of the plots of molar magnetic susceptibilities of 
tripositive lanthanide and actinide ions against the number of 4/- or 
5/-electrons (Fig. 10-9) reveals that there are remarkable similarities 
between the two plots. The plot of lanthanide ions has two humps 
while that of actinide ions has only one. In both the cases' the ^st 
bump is, however, at the identical place. The morrients of the lantha¬ 
nide ions agree closely with theoretical predictions but those of the' 
transuranic ions are somewhat lower than expected (Fig. 10'10). This 
is because the 5/-electrons ci the transuranic ions are less effectively 
screened from the crystal field, which quenches the orbital contribu- . 
tion, than are the 4/-electrons of the lanthanide ions. 
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6. Compkx Fonoatioii 

The degree.of complex formation decreases in the order : 

An*+ > AnOg*'*' > An*+ > AnOi+ 

The ramplexing power of different singly- charged and doubly 
charged anions follows the order : 

Singly-charged anions: F' > NOg' > Ct- 
Ooubly-charged anions : COg*' > Ox*' > SOg*- 

Actinides also form complexes with a large number of oigani^ 
substances. 
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Basic Concepts of Co-ordination 

Chemistry 


DEFINITION OF SOME TERMS 

(1) Simple Saifs. When an acid reacts with an alkali, neutrali¬ 
sation takes place and a simple salt is produced, 

NaOH-f HCl -—» NaCl-fHjO 

When dissolved in water, these salts ionise and produce ions in 
solution. Depending upon the extent of neutralisation of the acid or 
base, these may be normal, acid » r basic salts. Mixed salts contain 
more than one acidic or basic radicals, e.g., NaKS 04 . 

(2) Molecular or Addition Compounds. When solutions contain¬ 
ing two or more sails in stoichiometric (i.e., simple molecular) pro¬ 
portions arc allowed to evaporate, we get crystals of compounds 
known as molecular or addition compounds. These are of two types 
depending on their behaviour in aqueous solution. 

(/) Double salts or Lattice compounds. The addition compounds 
having the following characteristics are called double salts or lattice 
compounds. 

.(o' They exist as such in crystalline state. 

(b) ■ Wnei./dfssolved in water, tVse dissociate into ions in the 
same way in which the individual components of. the 
double salts do. 


l-.cSp4.lNH4)2S04.6H,Q-. 

Mohr’s salt 


K,SO4.A1,t.SO,),T24Hj0 ► 

Potash alum ' 


Fe*+(aq)+2N H 4 +(aq) + 2 SO 4 *- (aq) 

+ 6H,0 

2K+(aq)-| 2 Al-''+(aq)+ 4 S 04 »-(aq)- 

-f24H»0 
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In aqueous suction they give the test of aU their constituent 
ions i.e. the individual components of a double salt do not lose their 
identity. 

(ii) CoordinatioB (or con^x) compoimds. It has been observed 
that when solutions of Fe(CN), and KCN are mixed together and 
evaporated, potassium ferrocyanide, Fe(CN), 4 KCN is obtained which 
in aqueous solution dpes not mve test for the Fc»+ and CN' ions, but 
gives the test for K+ ion and ferrocyanide ion, Fe(CN)e*'. 

Fe(CN)j+ 4 KCN —, Fe(CN),. 4 KCN ?=» 4 K+ + Fe(CNV- 

Thus we see that in the molecular compound like Fe(CN)j. 
4 KCN, the individual compounds lose their identity. Such molecular 
compounds are called coordinatioit (or complex) compounds. The 
difference between a double salt and a complex compound 
appears to be one of the degree rather than of a more fundamental 
nit. 

A complex compound contains a simple cation and a complex 
.liiion or a complex cation and a simple anion or a complex cation and 
c .mplex anion, eg. Kj [Pt'V cy, [Pt'V (NH3)4Br2] Brj and [Co"' 
>^'^3)6] [Cr‘" {€204)3] are all complex compounds. The term complex 
■ompound is used synonymously with the term coordination compound. 

In the above complex compounds the ions, [Pt''^ Cl^j^-, [Pt'v 
(NH3)4Br2]2-, [Co'" (NH3)J3- and [Cr'" (C204)3]3- are called complex 
uns. Thus a comple.x ion is an electrically charged radical which is formed 
by the union of a metal cation with one or more neutral molecules or 
inions. 


(3) Ligands. The neutral molecules or ions (usually anions) 
which are attached with the central metal ion are called Ligands 
eg. in the complex ion, [Fe(CN),l»- the six CN- ions are the 
ligands. In most of complexes a ligand acts as a donor partner, 
i.e. it donates one (or more) electron pair (or pairs) to the central 
metal ion. Note that in metallic carbonyls the ligand viz CO molecule 
acts both as donor and acceptor, (M —*• CO). 

The ligands are arranged round the metal ion inside the first 
sphere of attraction in preferred geometries. The common geome¬ 
tries are : linear, equilateral triangular, tetrahedral, sqmre planar, 
trigonal bipyramidal, square pyramidal and octahedral. 

(4) Coordination Nnaiber (C.N.) or Lignney. It is the total 
number of the atoms of the ligands that can coordinate to the eentrtd 
metal ion. Numerically coordination number represents the total 
number of the chemical bonds formed between the central metal ion and 
the donor ai mn,,f the Iteands. Thus in fFe’” fCN) 1*'. C.N. of 

-e"^ is six while in [Ni" (NHj - CHj - CHj - N) 3 p C.N. of Ni^'' is 
also six, since each ethylene diamine molecule, NHj - CH 2 - CHj - HjN 
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has two aonor atoms viz. nitrogen atoms denoted ' by asterisks. 
Note that the number of ligands in [Ni*' (NHj - CHj - CHj - H,N) 3 ]^‘^ 
IS only three. Coordination number is usuaJly considerea to oe a 
fixed number for a particular metal but now a large number of 
conqilexes is known in which the metal ion has more than one C.N. 

Familiar C.N’s of some common metal ions are tabulated in 
Table 11 1. 


Table ll'l. Fimiliar C.N.'s of some common metal ions. 


Univalent 

ions 

C.N. 

Divalent 

tons 

C.N. 

Trlvalent 

tons 

C.N. 

Tetravaleni 

ions 

Ag+ 

2 

v*+ 

6 

Sc»+ 

6 

pt*+ 

Au+ 

2.4 

Fe*+ 

6 

Cr»+ 

« 

Pd«+ 

•n+ 

2 

Co*+ 

4.6 

Fc»+ 

6 


o*+ 

2.4 


4.6 

Co»+ 

6 





4,6 

o**+ 

6 




mm 

4 

lr*+ 

6 




Pd*+ 

4 

Au*+ 

4 




pt*+ 

4 • 






Ag*+ 

4 





(S) Coordination sphere. The central metal ion and the 
ligands that are directly attached to it are enclosed in a square 
bracketyWbich Werner has called coordination sphere or first sphere of 
attraction. The anions being outside the square bracket form' the 
second sphere of attraction. 

CLASSIFICATION OF LIGANDS 

The following two ways lave been used to classify the 
ligands : 

(1) Classification based on donor and acceptor prt^perties of the 
ligands. 

(/) Ligands having one {or more) lone pair {or pairs) of elec¬ 
trons. 

Such ligands are further classified as : 

(a) Ligands which contain vacant n-type orbitals that can 
receive back donated n-electrons from the metal ion in low oxidation 
state. Important examples of. such ligands are : CO, NO, CN , 
isocyanitks, R—N=C, RtP, R,As, a, «-dipyridyl, o-phenanthroline 
and unsiaturated organic molecules. All these ligands also have 
filled tionor orbitals in addition to vacant n-type acceptor orbitals. 
Thus in the ^complexes formed by these ligand both metal and the 

9 

ligand function both as donors and acceptors (M L) 
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(b) Ligands which do not have .vacant orbitals to receive back 
donated el^trons from the metaU e.g. HiO, NHg, F . 

(it) Ligarids having no lone pairs of electrons but have n-bond- 
ing electrons, e.g., ethylene, benzene, cyclopentadenyl ion. 

(2) Cfansi&atkm baaed on the number of donor atoms present 
in the ligandi. 

The ligands of this class may be of the following types : 

(/) Monodentate or unidentate ligands. The ligands which have 
only one donor atom and hence can coordinate to the central cietal 
ion at one site only are called monodentate or unidentote ligands. 

These ligands may be neutral molecules, negatively charged 
ions (anions) or positively charged ions (cations), e.g. 

(a) Neutral monodentate ligands. The names of neutral 
ligands are not systematic. Some examples are : HtO (aquo), NH, 
(ammine), CO (carbonyl), CS (thiocarbonyl), NO (nitrosyl), NS 
(thionitrosyl). 

(h) Negative monodentate ligands. If the names of the anions 
end in -ide, -ite or -ate, the endings of the names of the ligands used 
are -ido, -ito, and -ato respectively. Some examples of negative 
ligands are : CHiCOO~(acetato), F'(fluoro), Cl" (chloro), BT'(bromo), 
I" (iodo), CN" (cyano), OCN- (cyanato), SCN' (thiocyanato), when 
S-atom of the ligand coordinates with the metal ion), NCS" (isothio- 
cyanato, when N-atom coordinates with the central metal ion), 
NOi' (nitro, when the ligand coordinates with the metal ion through 
N-atom), N 02 " {nitrito, coordination through O-atom), OH" (hydroxo 
or sometimes hydroxy), H" (hydrido) etc. 

(c) Positive monodentate ligands. Examples of positively 
charged monodentate ligands are NO+ (nitrosylium) and NH 2 NH 3 + 
{hydrazium). Quite obviously the names of these ligands have the 
sufiQx -itun. 

Bridging ligands. It is also possible that a manodentate iigand 
may have more than one free electron pairs and thus may simultan¬ 
eously coordinate with two or more atoms, i.e. the ligand fc rms 
two o-bohds with two metal atoms and thus acts a bridge between 
the metal atoms. Such a ligand is called a bridging ligand and the 
resulting complex is known as bridged complex. Examples of 
bridging ligands are: OH", F', Cl", NH*', CO, O*", SO 4 *' etc. 

((/) Bidentate, tridentate......polydentate ligands. The hgands 

hayipg two, three,, four, five or six donor atoms are called, bi, tri- 
(o tpM, tetra- (or quadri-), ^nta-, and hexa- (or sexi-) dentate 
ligands respectively. The bidentate, tridentatp. etc. are called 
pedydentate or innltidentate ligands (literally dentate means toothed). 

The polydentate ligands may further be subdivided according 
to tho nature of their donor atoms. For example ethylene diamine, 

—(CH,)»—NHt is a bidentate ligand with two neutral donors 

r 0=C-0" 1*- 

vis. N>atoms, whereas oxalate, ion, | I is bidentate 

•L O-C—O' J 
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having two acidic (anionic) donors vis O'. Glyciaato ion,, 
j- NH,-CH,-~^0' J 

is again a bidentate with one neutral donor viz N>atom and an acidic 
donor viz O". 

Symmetrical and unkymmetric bidentate ligands. Bidentate 
ligands may be symmetrical or unsymmetricai ligands. In symmetri¬ 
cal bidentate ligands the two coordinating atoms are the same, while 
m unsymmetricai bidentate ligands the two coordinating atoms {i.e., 
donor atoms) arc djiTcrent. Thus symmetrical and unsymmetricai 
bidentate ligands are generally represented as (AA) and (AB) respec¬ 
tively, where A and B are the two donor atoms. 

Some of the common polydentatc ligands are listed in Table 

11-2. 


Ficxidentate character of polydcntate ligands. Polydentate 
ligands have flexidentate character, i.e. a polydentate ligand may 
not necessarily use all its donor atoms to get coordinated to the 
metal ion, e.g. ethylene diamine tetracetic acid which usually acts 
as a heijfadentate ligand functions as a pentadentate ligand in[Cr*** 
(OH) (HEDTA)]*- and [CO*“ (Br) (HEDTA)]*- and as a tetradentate 
ligand n :Pd“ (H,EDTA)}*. In (Co»> (NHAS 04 ]+ and 
(eii )2 SO^]' sulphate group acts as a monodentate and bidentate ligand 
respectively. This has been confirmed by infrared spectrocopy. la the spectrum 
of [Co'" (NH 3 ) 5 S 04 ]‘^ six separate absorption bands due to S—O vibrations 
are observed. Thus an oxygen atom of the sulphate group is covalently bonded 
to Co^"^ and the structure of the complex is as shown in Fig. 11.1 (6). In the 
spectrum [Co'" (en )2 SO^]^ eight bands which arc due to S—O vibrations are 
observed. This indicates that in this complex the sulphate group acts as a 
bidentate group [Fig. 11.1 (a)]. 



(it'f '*! 


[Co'” (c //)2 S 04 ]"’ ioh j .o'" (i'JH 3 ) 5 S 04 j' ion 

Fig. IM. ' Structures of (Co'^\nH 4)|$0«]+and (Co''‘(eff]|s SOd'*'showing 
the flexideoUte cbaracier of SO4* ion- 
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TtMe 11‘2. Somt Common P<^ydentate Ligmdt. 
{Donor atoms haring the lone pairs are InJkated by ttterisks) 


Name of Lifoad 


Strmture of Ligand 


AtbrarUh’ 

tfOH 


Carbonato 


Bi-dcn- 

tate 


Aoctylacetonato 


O 

• - 

6—c-o 


Htc-c-c-c-cm 

I 

H 


2 : 2 '-Dipyridyl or 
2 . 2 '-dipyridJne 


Oulato 


Dimethyl glyoximato 


r O O 

II 

i. O*— 


UT 


H,C-C-C—CH» -1- (tog)- 

II I or 

•N N» (DMO)* 


J Ethylene diamine 


Propylene diamine or 
1 . 2 ^iamino propane 


Isobuylene diairine 


butylene diam.'ne 


1 etra metbyl-eihylene 
diamine 


, S h' droxyqumolinatd 


12 3 

CHr-CH-CHa pn 

I 1 

NHi NHt 

H»i 5 —C (Chu*—i-bn 
H»ft—CH(CH,)-CH(CHi)-AHa bn 
H»A— C (CH»)r-C (CHj), -^Hi tetra, oaea 




(oxia)* or 
(oxia^)* 
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lypeoj 

Ltgaml 

r 

Name of Usand 

Stneture of Ltsmd 

MbreHo- 

ttom 


1,10 phenanthroliiM 
or o>pheiutbroUne 


o-phen 


o-phenylene Mr dime¬ 
thyl anine 


diars or 

D 


Olycinato 

r ° - T 

L HtN-CHr-C-O J 

• • 

(lly)' 


Biguanido 

r j« j T 

L JIh,-C-NH-C5-NHi J 

(Big)- 


Dietbylene triamiDe 


dieo 

TMm- 

tat* 

Imino-di-acetato " 

bOC-HtC—NH—CHi-COd 

. ej 

(IDA)^ 


2,2', 2'-terpyridine 

(hJ^ 

terpy 
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Type of 
Ugand 

Some of Ligand 

Structure of ligand 


Mtrevla- 

iton 

Tctm- 

dcaate 

Triethylene tetramine 

Nitrilo triacetate 

yt V - . 

—(CH,),—NH, 

r 

/CH..C06, 

•N^CHi-COO, 

^CHfCdb,, 

tried 

(NTA)^ 

Peate- 

dentate 

Ethylene diamine 
triacetato 


c>bc— CHi. , 

^ yN—(CHt)t 

<X)C—CH|' 

, -CHi-Ccft> 

-NC 

I- 


Haxa- 

dwlate 

Ethylene diamine 
tettaoetato 


r “ 1 ^ 

OOC- HtC. 4 

OOC—HiC' 

• 

,ch,-co6 

^CHr-COO 

- a 

1- 

(EDTA)* 

Y«- 


AmbMeatate iiganda. These are the ligands which have two 
or more donor atoms but in forming contplexes only one donor 
atom is attached to the metal ion at a given time. Such ligands 
are colled ambidentate ligands. Some examples of such type of 
ligands are given below : 


r ✓OT 

r 

KoJ‘°" 

CN' ion 

Nitro(M-NO,) 

, Nitrito (M—0N=0) 

Cyano (MCN) 


Isocyano (MNC) 

NCS" ion 

Thiocyanate (MSCN) 
Isothiocyanate (MNCS) 

NCO" ion 

MGCN, MNGO 

SeCN' ion 

MSeCN, MNCSe 

R,SO 

S-bonded or O-bonded 

S,0»*- ioiy 

.TI)w«i4|)batiO:^i(MSSOs) 1 
i :Tbioni^iluito»-^0 (MOSOsS)> 
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In few cases ambidentate ligands give rise to linkage isomsrs, 
i.e. complexes that differ on^ in the manner in whi^ one or m sre 
ambidentate ligands are attached to the metal ion. For example, 
the complex, K}o(NHt)i NOtjClt exists in two linkage isomers 
viz [C(^I^Ht)tONO]Chi (nitrito isomer) and [C^NHt)sNO|]Clt 
(nitro isomer).. 

CHELATION 

Pol^dentate ligands whose structures permit the attachment of 
their two or more donor atoms (or sites) to the same metal ion 
simultaneously and thus produce one or more rings are called chelate 
or chelating ligands (from the Greek for claw) or chelating groups. 
However, it should be noted here that every multidentate ligland is 
hot necessarily • a chelating ligand—the coordinating atoms of the 
ligand may be so arranged that they cannot be coordinated to the same 
metal atom to produce a ring structure. Thus Rh*—CH*—CH i—^NHt 
is a chelating ligand, while 

\-(CH.),-/ 

is not, although both are diamines. The formation of such rings is 
termed che/u/ioR and the resulting ring structures have been called 
chelate rings or simply chelates by Morgan and Drew. These are also 
Called chelated complexes or cyclic complexes and the term chelation 
is also called cyclisation. 

Classification of Chelates 

Since the polydentate ligands may be attadhed to the central 
metal iop through two kinds of functional groups namely acidic and 
coordinating groups to form covalent and coordinate linkages res¬ 
pectively, the classifiartion of chelates follows the numl^r and kind 
of linkage<by which the metal ion is attached with the ligands. The 
covalent, twnds are formed by the replaeemest of one or more H- 
atoms from the acidic groups present in the ^and by the metal atom. 
The examples of most common groups of this type are —COOM 
(carboxyl), —SO3H (sulphonic), —OH (eaolic hydmyl) and^NOH 
(oxime). Coordinating linkages, without the r^kcement of H, are 
formed by the donation of an electron pair from the ligands. The 
examples of most common groups of this type are —NHi (pr imar y, 
secondary and tertiary amines), :*=NOH (oxime), —OH (alcoholic 
hydroxyl), = CO (carbonyl) and —S— (thio ether). Some of the 
chelates classified oh this basis are summarised below in Table 110. 

Ordinarily such chelate rings as mentioned above are most 
stable, because of reduced strain, when they have 5 or 6 members 
including the metal ion; The enhanced stability of complexes con¬ 
taining chelated ligatk (f.e., multidentate ligands) is known as the 
chelate effect. 

Uses of ChHates 

ftl- 4 tialyiiiial Chemistry. Al*'*', Ni*+ and Mg*+ iora can 
qikntttltktdyidentified h^ thjp formation of stable and hi^ly 
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Ttble 11-S. Types of chelates 


Type of 
Chalataa 

Type of 

Linkaoaa Examples of Chelates 

'.BIDEN- 

TATE 

CHELATES 

TWO 

COVALENT 

LINKAGES 

0»C-0>^ xO-C«Ol 

o = c-o'^ •o-c=oj 

2- 

ONE 

COVALENT 
AND ONE 
COORDINATE 
LINKAGE 

0 = C-O^ ^ 0 - c'=o 

/ N^^“^ N —GHj 
h,c-h, h, 

Cu-glycinate 

1 

TWO 

COORDINAT¬ 
ING LINK¬ 
AGES 

F 

efTous - orthoptienothroline i 

Complex ion 1 

2.TRI TEN- 
TATE 

CHELATES 

fc 

THREE 

COVALENT 

linkages 

( 

= 1 

C —0—-Sb^—OH, 

1 X' 

3^-CH-O'^ - ^ 

1 

TWO 

COVALENT 
AND ONE 

coordinate 

linkage 

r. CO — 0 ^ , ’ ^ 

hz\\ ^ 

CH-NKj-jiACo 

\ CO- 0^ .i 

!5' 

THREE 

coordinat¬ 
ing LINK¬ 
AGES 

'/HjC-NH-\ 

/ ' V 

H C- NH.-fjACO 

\ • ip 

L\h,C — NH,7, 

3+ 

ONE 

COVALENT 
AND TWO 

coordinat¬ 
ing link¬ 
ages 

/ 0 C — (x\ 
f H — 1— NIV^^Co 

\h2— <!— 

J 


floured chelates of these ions. Nickel and magnesium can ats6 be 
determined quantitatively by ilveir precipitation. Chelate n pgjif# are 
also used as indieatofs in thfc titration Of mtain metal ions. 
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(jj) In water softening. The suppression of the precipitation reactions 
of Ca^"*" and Mg 2 + which are responsible/or the hardening of water is known 
as sequestration. By compiexing the iheta! ions, it is possible to prevent the 
precipitation of soaps as their Ca^"*^ and Mg^"*" salts by hard water. In the 
presence of the excess of the compiexing agents such as polyphcsfriiates 
and polydentate amino acids soaps give no precipitate with h^ water. Thus 
hard water is effectively softened. 

(I'O In the elimination of harmful radioactive metals from the body. 

Some of the chelating agents such as EDTA are used in the elimination of 
harmful radioactive metals from the body. 

(»v) In solvent Extraction. The neutral chelate (inner complexes have 
usually low solubility in water but their solubility in organic solvents is 
appreciable. Thus in presence of ligands that are capable of forming inner 
complexes, many metals can be extracted into water-immiscible organic 
phase. Trifluoroacetylacetone, for example, has been used for the separation 
of Zr and Hf Cupfcrron, 


CfiHs-N 


\ . 


ONH 4 


has also been used in the refinement of a number of metals by the solvent 
extraction metod. 

(v) In food preservation. Fruit, fhiit juices, food stuffs etc. are now 
preserve^ with the help of chelating compounds. 

COORDIPUTION NUMBER AND STEREOCHEMISTRY 
OF COMPLEXES 

The coordination numbers shown by metals in complexe are 2 to 9. 
The most common are 2, 3 and 6 . Geometries correponding to C.N’s = 2, 
3, 4 and 5 are shown in Fig. 11.2. 

1. Coordination number 2 

The complexes having CN = 2 are linear, since this geometry provides 
minimum ligand repulsion. Cu"*^, Ag^ , Au+ and in some cases Hg^'*' from 


such complexes e.g. Cu (CN) 2 , Cu(NH 3)2 *, Ag(NH 3)2 ■*■, AG (CN) 2 “ 
Au (CN) 2 - Hg(NH 3)2 2^ Hg(CN) 2 . 


2. Coordination number 3 

Two possible geometries exhibited by the complexes with CN = 3 are 
(/) equilateral triangular as in [HgK]" in which 1“ ions are arranged at the 
comers of a slightly distorted equilateral triangle with Hg^'*' at its centre, 
and (//) trigonal pyramidal as in [H 30 ]'''. 

3. Coordination number 4 

Complexes with CN = 4 may be tetrahedral or square planar in ge¬ 
ometry. Complexes like 

ZnCl 4 ^" Cu(CN)^- Hg(CN)^-, tNi(CO) 4 ] 0 ; FeCl^ 

ZnBr4 2- CUX42-. 

Zn(CN) 42 - (X = Cr, Br, r. CNS") 
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r'"*\ 

L— i— M . L 

Linear ML| 
(CN,-2) 


M 



MLa 


(C.N.-3) 



Tetrahedral MLt 



(CN^ 


L 
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are tetrahedral. Oxyanions such as VO«*", Cr04*‘, FeO**‘ and 
Mn04' are also tetrahedral. 

Square planar geometry is found in complexes of Cu*+, Ni*+, 
Pt*+, Pd*+, Au*+ etc. ions, c.g. [Cu(e/j),]*+, Cu(NH3)4*+, Ni(NH,)4*+, 
Ni(CN)4*-, [Ni(dmg)*]", PtCNHjU*^ PdCU* , AuCU' etc. 

4 . Coordination number $ 

Complexes with C.N. 5 may be trigonal bipyramidal or square 
pyramidal. Fo{CO)8, Fe(COl«(R3P). Fe(CO)3(R3Ph, [Mn(CO)5]'. 
CuCIb*', SnCl*', [Cu(..'i/>>’)|l]l etc. possess trigonal bipyramidal 
geometry while [VO(acac)j], NiBr3{(CtHs)3P]i have square pyramidal 
structure. * 


5 . Coordination number 6 


Complexes with C.N. = 6 are the most common ones formed by 
transition metal ions. 

Six ligands in a 6-coordination compound may be arranged 
round the central metal ion, M, either at the corners of hexagonal 
plane or at the apices of a trigonal prism or at the apices of a 
regular octahedron. These arrangements together with numbers 
designating substitu*ion positions may be depicted as shown in Fig. 
11 - 3 . An extensive study of the geometrical and optical isomers of 
complexes with C.N.=6 has, however, shown that arrangement of 
six ligands in a 6-coordination compound is always oetahedral and 
that the arguments concerning other possible geometries («.c. hexa¬ 
gonal planar and trigonal prismatic geometries) are of historical 
interest only. 





M 


—y, 



Regular octahedral 
geometry 


Hexagonal planar Trigonal prismatic 
geometry geometry 

Fig. 11 -3. Possible arrangements of six ligands of a 6.^rdinated 
complex round the central metal ion, M. 

In order to show that other geometries viz. hexagonal planar 
and tri^nal prismatic are not preferred geometries for 6-coordina- 
tion coniplex, Werner worked out the theoretical number of geo- 
metriral isomers that each of these geometries could give for the 
complexes vte. MLg, MLjL’, ML41.3', Ml^L,' and then compared 
with the npmber of isomers experimentally 'isolated (See Tabla 11 - 4 ) 
t P''«‘>cted by- each geometry for the complexes ML. 

‘ ®uttor-'he complexes ML,L*' both hexagonal planar 
and trjgon.i pnsmatic, geometftes predict tbtee isoiaen W2. (1,2), 
3 ) and (I, 4 ). but r^lar octahedral geometry predit^s only two 

Cl’ 2 ) *i»d fl, 6 ). The^number of isomer, 
isolated e^iwiei^lbr alw ttro. Sit^aarly 
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for MLgL,' complexes the octahedral geometry predicts two geometri¬ 
cal isomers and experiments confirm this number. 


Tahle 11-4. Comparison of the number of experimentally isolated 
geometrical isomess of 6-coordinated complexes with the theo¬ 
retically predicted for hxagonal planar, trigonal prismatic 
and regular actahedral arrangement of six ligands 
round the central metal ion, M. 



No. of geome¬ 
trical Isomers 
experimentally 
Isolated 

No. of geometrical isomers predicted theoretically for 

Complexes 

Hexagonal 

geometry 

i 

Trigonal pris¬ 
matic geometry 

Regular octa¬ 
hedral geo- 
metrv 

ML« 

1 

1 

1 

1 

ML*L' 

1 

1 

1 

1 

MLiW 

2 

3 

3 

2 



(1.2), (1,3) 
(1.4) 

(1.2). (1.3), 
(1.4) 

(1.2), (1,6) 

MLtV 

2 

3 

3 

2 



(1.2.3) 

(1.2.4) I 

(1.3.5) i 

(1,2, 3). (1,2. 5) 
(1.2. 6) 

(1,2, 3), (1.2. 6) 


Further the hexagonal and trigonal prismatic geometries donot 
predict any optic^ isomers for the complex, [M(AA) 3 j where (AA) is 
a symmetrical bidentate ligand, but octahedral shape predicts two 
isomers viz. mirror-image isomers. Werner, therefore, concluded 
that for a 6-coordinate complex octahedral geometry is the preferred 
geometry: However, octahedral geometry of some 6-coordinate 
complexes like [Cu(NHs) 4 (H* 0 )J+ gets distorted and thus becomes 
tetragonal which arises due to. the elongation of the ligands along z- 
axis. 

NOMENOLATUp£ OF COORBINATIOIS COMPOUNDS 

The first coj^rehensive. system of nomenclature was suggested 
by A. Werner. Though this has been modified by the Inorganic 
Nomenclature Committee of the Interr^tional Union of Pure amd 
Applied Chemistry (lUPAC). the fundamentaJ rules suggested by 
Werner essdntiaJly remain ^^e same. Trivial names for certain co¬ 
ordination compounds still fwrsist. e.g., many authors still prelbr to 
caH the ions viz. [Fe** (CN)#)*' and,[Fe***(CN)*]®' ferrocyanide ■'.nd 
ferrieyanide instead of hexacyanofWttte (lU and. bexa^noferrate 
(III) ions respectively as si^gested by lUPAC systent 
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On the basis of the nature of the cation and anion of the com¬ 
plexes, these are classified as : 

(i) cationic complexes, e.g. fCr(HiO)«CliJ+, 

[Ni(e/i),Cl,]»+ etc. 

(i7) anionic complexes, e.g. [Cr(en)l 4 ]-, rPt(NH,)Cl6]', 

[Fc(CN),]«-, tFe(CN).p- e^c. 

(Hi) ionic complexes. These containySimple or complex cation 
and simple or complex anion, e.g., K,+ [FlCI*]*-, [Pt(NH 8 ) 4 Br,]*+Br,", 
lPt(p;>)4]*+ [PtCl4]*- etc. / 

(/v) neutral complexes. These are non-ionic {non-electrolyte) or 
molecular complexes, e.g. [Ni(CO) 4 ]y {Co(NO|)*(NH»)*]®, etc. 

For naming all the types of complexes mentioned above the 
following rules are observed : 

l. Naming of the ligands. 

In all the types of complexes mentioned above the ligands are 
iiu ped first and the central atom is named last. The ligands are named 

ac. 'ording fo the following rules : 

(0 Order of naming ligands. If the coordination sphere of a given 
complex compound contains various types of ligands. The ligands are named 
in alphabetical order. The prefixes di, tri etc are not to be considered while 

determining this alphabetical order. For example [CoCNHj)^ (N02)C1]'^ ion ii 
named as tetramminechloronitro cobalt (III) ion. 

(//) Naming of the negative ligands. In general, if the anion namc 
ends in -ide, -ite, or -ate, the final -e is replaced by o, giving -tdo, -no 
and -ato respectively, e.g. SOj*' (sulphito), SOi* {sulphato), CH»COO" 
..cetato), S*' {thio or sulphido), NO*' (nitrato), NH*" (imido), 
\'Hr (amino or amine), N,' (azido), NHOH' (hydroxylamido), 
I ION = C(CH 3 )C(CHs)=NO' (dimethylglyoximato). 

Some exceptions to this rule are : F* (fiuoro). Cl' (chloro), CN' 

. yano), O*' (oxo), OH' (hydroxo), Ot*~ (peroxo), OtH' (perhydroxo). 

Thus we see that the names of the negative ligands end in -o. 

The negative ligands are named in the order ; H", O*', OH', 
other simple moi^atomic anionic ligauds, polyatomic anionic ligands 
and finally organic anions in order. Where the two 

ligands-have the Mme number of: atoms,'the order is that of decreas¬ 
ing atomic number of the centml metal species in the ligand, e.g. 
Ci 04 *'first dnd thcO'-^Oi*' 

(iitf Nusing of file neomal llgaois. For neutral li^nds, the 
names are not mtimiattc. Tbr less ctwimon neutral ligands (e.g. 
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PH,), the names of free molecules is used as such. For some of the 
more common neutral ligands, special names are used, e.g., H,0 
(aquo), NH, (ammine), CO {carbonyl), NO {nitrosyl), CS {thio- 
carbonyl), NS (thionitrosyl). 

Neutral ligands are named in the following order -.first: H,0 
{aquo), then NH, {ammine), second ; other neutral coordinated 
ligands in the order in which the coordinated atom falls in the series: 
B, Si, C, Sb, As, P, N, H, Te, Se, S, At, I, Br, Cl, O, F, third : neu¬ 
tral organic ligands in alphabetical order. 


(/v) Naming of the positive ligands. Positively charged ligands 
have suffix ium, e.g. NH, NH 3 + is called hydrazinium, and NO+ is 
nitrosylium. 

(v) Indication of tfee number of ligands. The number of simple 

ligands such as Cl-.CHjCOO', QO**' etc. is indicated by using before 
them the Greek prefixes ; di-, tri-, tetra-, penta-, hexa- etc. In case of 
chelating ligands like ethylcnediamine, trialkyl phosphine which con¬ 
tain the prefixes di-, tri-, etc. in their ligand names, the prefixes bis- 
(for two), tris-, (for three), tetrakis- (for four), pentakis- (for five) 
hexakis- (for six) etc. are used before their names. The ligands to 
which these prefixes refer are often placed in parentheses. For 
example : [CoBl (NH 3 ),(en),]Cl 3 —diamraine -bis (ethylene diamine) 
cobalt (III) chloride, [Co®*^ (®^) 8 ]»(S 04)3 —tris (ethylene diamine) co¬ 
balt (III) sulphate, [Fe»(CN),(CH 3 NC) 4 )-dicyano re/roA/j (methy- 
lisocyanide) iron (II). ^ 

(vi) Naming of the bridging ligands of the bridged poiynuclear 

complexes. The complexes having two or more metal atoms are 
called polynuclear complexes. In these complexes the bridging group 
IS indicated in the formula of the complex by separating it from the 
rest of the complex by hyphens and by adding the prefix n before its 
naine. The Greek letter n should be repeated before the name of 
each different bridging group. Two or more bridging groups of the 
same kind are indicated b^ di-fx-, t i-fx-, .etc. ’ 

Examples: 

/i-hydroxo-bis (penta-ammine 
chromium (III)} chloride 

U 

f/vTux/- /y-amido >-hydroxoocta- 

I yCo(NH ,)4 aigmine dtcobalt (III) ion 

/NH,x "j*+ /i-amido-M*nitro octa-ammine 

(NHj) 4 Co^^^ ^Co(NH,), J tNoo^t-<IIl) ion 


_( 


OH 

/ X 
(NH3)iCr Cr (NH 


»)8. C 
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r 

(C,H»)(CO) Fe/^^\Fe(CO){C,H») 


] 


[(CO )3 Fe(CO) 3 Fe(CO)a] 


Di-fi-carbonyl-bis 
(carbonyl cyclo- 
pentadienyl iron) 

Tri-ft-carbonyl-bis 
(tricarbonyl iron) 


If a bridging group bridges more than two metals, use of ftg, 

fi 4 .etc. should be made to indicate the number of central atoms 

bridged by a given ligand, e.g [Be*© (CHsCOO),] is called / 14 - 0 X 0 - 
hexa /n-acetatotetra beryllium (II). The common name of this com¬ 
pound is basic beryllium acetate. 


(vii) Naming of ambidentate ligands. The ligands which can 
be coordinated to the central metal ion through either of the two 
donor atoms are called ambidentate ligands. Such ligands are either 
named by special names such as thiocyanate for —SCN and isothio¬ 
cyanate for —NCS, nitro for —NO, and nitrito for —ONO or the 
symbol of the element coordinated with the metal ion is written after 
the name of the ligand, e.g. thiooxalate-S for a thio-oxalate group 
coordinated to the metal ion through sulphur atom and thio-oxalato- 
O for a thio-oxalate group coordinated through oxygen atom. The 
following examples will illustrate this point: 


[Co (NH 3 )j-ONO] Cl, 
[Co (NH,) 5 -N 0 ,] Cl, 
[Pd (diph)(SCN),] 

[Pd (diph)(NCS),] 



s-c=o 

I 

s—c=o 



Cl 

Cl 


Xpt/ 


H, 

N-CH, 

I 

S-CH, 


C,H4ri(CH3), 


Nitro-O or Nitrito complex 

Nitro-N or Nitrato complex 

Thiocynate-S complex 

Thiocynate-N complex 

Potassium bis (dithiooxalato S, S') 
nickelate (II) 


Dichloro (N, N-dimethylamino 
etbylamino ethyl sulphide-N', 
S)-platinum (II) 


2. Naming of the central metal ion and mononuclear complexes 
Different rules are used for naming different complexes. 

( 1 ) Anionic complexes. In naming anionic complexes like 
[Pt(NH 3 )Cl 3 ]', [Cr(cn)l 4 ]' etc. iigands are named first and then the 
central metal ion. To name .the cental metal ion the suffi “are” is 
attached to its name and in order to indicate the oxidation statc-«l 
the metal ion this suffix is.fbltowed 4>y Roman numeral (such as I, IT, 




Marie Cime^ of OH^dbuUio^Om^ry 149 

in etc.) in the purentheies at the en 4 ^te name the qomi^ 
without n qmc* between the two. it use 4 for an i^e 

of zero. Fbr negative oxidation state the n^ative sign is n^aced 
before the Roman numeral. In some cases the metal nyma is derived 
from the Latin name, e.g. {rfumbate, ergentate, fmrnte, nurate, 
cuprate are used for lead, silver, iron, ^Id and copper respective^. 

Esauu]^ : 

[Cr*^(en) IJ" Tetra iodo (ethylene diamine) chromate 
(ni) ion 

[Pt*^ (NH,) CIJ* Pentachloro mono-ammine platinate (IV) 
ion 

(Zn** (OHjJ*' Tetrahydroao zincate (II) ion 
(Ag* CI-’“ uicnioio argeniaie ( 1 ) ion 

[Fe“ (ClM)j]^- Hexacyapofenate (11) ion (generally 

known as ferricyanide ion) 

(CN)g]*" Hexacyanoferrate (III) ion (generally 

known as ferricyanide ion) 

fNi® (CN) 4 ]^~ Tetracyanonicklate (0) 

.Co"* ( 00 ) 4 ]" Tetracarbonylcobaltate (-11 

(it) Cationic and neutral coin^xes. In case of cationic 
neutral complexes like tCr(H» 0 ) 4 Cl,J+, i;Cu(NH,) 4 ]*+, [Ni(CO)«], 
(Co(NOs),(NH,)i]* etc. the li^nds are named first and then the 
central metal km followed by a Roman numeral in parentheses to 
indicate its oxidation state. The suffix ate is not attached to the name 
of the metal in case of these complexes. 

Examples: 

fCr*** (H ^)4 CI* 1 ^ Dichloro-tetra-aquo 

chromium (III) ion 

[Ag^ (NH,)J+ Diammine silver (I) ior. 

(Cu** Tetra-amminc copper (I) 

km ^ Cationic 

(complexes 

[Al“* (OH) (H,0)J^^ Hodroxo pentaaquo 

aluminium (HI) ion 

INi^'^ (Ml), Cl,l*+ Dichlorabis (ethylene 

diamine) nidtel (IV) ion 


(Ni* (CO)*|» Tetra qi^njrl Nickel (0) 1 Neutral 

tCo“' (NO,), (NH,)d* coWt| complexes 

(iii) loole euBflaes. In ionic coo^exes like K,-*- [Pt^^ Cl,]**, 
(Pt*'^ (NH,),BrJ*+Br,~. (Pt** (py)J*+, IPi® CIJ*- etc. the eatkm is 
namedfint aad thm rim riUontM wedoin nami^ asim^ fait like 
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NaO. The rules ibr naming the anionic and cationic piarts of ionic 
domi^exesare the same as mentioned above at (/) and (/i) respec- 
tiv^.. ; ' 

Kiramples. The names of some mononuclear ionic complex 
oonapoiinds are given in Table 11*5 below : 

Table 11-5. Names of some mononuclear ionic complex compounds 


Cemposithn 

Cation and anion type 

Name 

K,IPt*Vcy 

Sinipioestinn. K-^ and 
ooirtplesranion, [Ptl'^CI*)*- 

Potassium hexa 
chloro platinate (IV) 

NHdCr™ (SCN)4(NH,),] 

Simple cation, NH4-1- and 
complex anion, 
(OrIU<SCN)4(NH,)J- 

Ammonium tetru- 
thiocyanato diam- 
mine chromate (III) 

lPt“ (py)4l[Pt" CI4] 

Complex cation. 

(Pt*^ (py)J**^and complex 
anion, (Pt” Cl«l*- 

Tetrapyridine plati* 
num (11) tetrachio' 
roplatinate (11) 

(Co“* (NH,)dtO*"(Qiq 4 )sl 

Convex cation, 

(Co*"(NH|)ip+and 

oomrnexraon, 

lOr*“(C,Oi)iP- 

Hexa'ammine co¬ 
balt (III) trioxalato 
chromate (UI) 

[Pt^^ (NH|)4 Bti] Bri 

lFe“' (H20)4 (C 204)]2 SO 4 

Commen cation, 

(Pt*^(NHa)4Brt]»+ and 
simple anion. Br' 

Complex cation, j 

! Fe'“(H 20)4 C2O4)]* ano • 
j simple anion, SO^ 

Dibromo-tetra am- 
mine platinum (IV) 
bromide 

Oxalato-tetra aquo- 
iron (III) sulphate 


It should be noted that the names of cation and anion are 
separated by a qiace and the number of each type of ion is not 
indicated. 

3. Mctal-to-meM bonding 

In complexes, containing metal-to-metal bonds, the prefac bi-is 
uud before the name of the mettds forming a met^-to-metal oonde.g., 
the nmne of the complex having the formula, 

L 5 A ]“*■ 

is>ym-diehloro ^talds (methyl'amine).b/-platmum (11) chloride. 
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4. Geometrical isomers 

Geometrical isomers are named either by using the prefixes cis 
for adjascent (90° apart) positions and trans for opposite (180* apart) 
positions before the name of the ligands or by numbering system. In 
square planar complexes the groups at positions (it 2) and (3, 4) are 
cis to each other while those at positions (1, 3) and (2, 4) are trans to 
jach other. Thus : 

(41 H N Cl (11 ru-diamminedichloroplatinum (li/or 
^ ^ *’ 2-dichlorodiammineplatinum (11) 

(3)H,n/ ^C1(2) 


( 4 ) HjNv vCl ( 1 ) /»;a«J-<fiamiiiinedichloroplatinum (II) or 

diamminc 1 , 2 -dischlorcipIatinuni (II) 

( 3 ) Cl/ ^NH, ( 2 ) 

F. Basolo and R.G. Pearson in their book Mechanism of Inorga¬ 
nic Reactions have described the numbering system for naming the 
mono nuclear, bi-nuclear bridged and bi-nuclear planar octahedral 
complexes. 


In mono-nuclear octahedral complexes of Matb 4 type (1,2), 
(I, 3), (1, 4), (1, 5), (6, 2), (6. 3), (6, 4), (6, 5), (2, 3), (3, 4). (4, 5) and 
(5, 2) are cis positions and (I, 6), (2, 4) and (3, 5)are trans positions.* 
In mono-nuclear complexs of Ma^bt type (I, 2, 3) are cis and (1, 2, 6)* 
are irons positions. Thus : 




(II 

Cl 



C/xKlichlorotelraamminc cobalt 
(HI) Ion or 1 . 2 -dichlorotetra- 
aramine cobalt (HI) ion 



/>a<u-dicblorotett4«minioe cobalt 
(Ill) ion or 1, . <>dichlorotetra- 
ammine cobaU ^l)'ion 



l-chloro-2-bnwao44odo<44titro- 
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a«>trichlorMrufflmiae;cobiUt (Ul) TVonimichtoroammine cotalt (III) 
or 1,2,3-tndilorotrfuBii>ine cobalt (Il|) or 1.2.6-trichlorotriuiuiiiiie coMt (HI) 

(i) (!') 

Cl NH, 

(5) H.N I OH 1 CJ (2) 



(4) I I ^C1 (3) 

Cl NH, 

(6) m 

Di-a-hyhroxo-l, 2.3. <-ietrachloro- 
tetn arnmiiM dicoMt fHI) or di-^ 
hydroxo-e((-<iichloro-r>wt^did>lor6> 
tetn^aunioe dicobah (III) ion 
(Bi'ooclear brMnd octimral 
cornidex) 

S. Optical iaoiacrs 

Dextro and lerorotatory complexes are respectively desienated 
either by or (—) or by d or /, e.g. 

(H-). or d-K, [Ir (C| 04 )a]—potassium (+), or d-trioxalatoiridate 

(HI). 

If the ligand molecules of a complex are optically active, the 
confi^ration of the whole ion is represented by D or L and that of 
the ligand molecules by d or /, e.g, 

E^Co(/-;?»)iP. D-ICo Q-pp^ {d-pn)f*, h\Co(l-pti\Jf*^, 
Lr[Co(/>pn)t (d-pn)J*+ etc. 


DETECTION AND STRUCIURE IMCIERMINATION OP (XMfPLBZES 

Some of the simpler method^ ale given below : 

(1) Solubility. 

Comdex formation id^often indicated by the fact the solubility 
of a sparingly soluble salt is increased when one of its ions forms a 
.complex in solution, ^.g.- 

(i> When KCN is added to a solution of AgCN which is spar¬ 
ingly soluble, thesohri^aHyrt^AiGN isfameaaedduetbtheforma- 
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tion of a soluble complex ion, 

AgCN+KCN ^ ItfAgbKlJ 5=5 ^++iMCN)4- 

tparingly soluble sohible ■ cgn^^loB 

Qi) Addition of NH, to insolubie AgCI gives very soluble 
IAg(NW,),l+. 

AgCl+2NH, 5=t {Ag(NHi),ia ,=£ [Ag(N|^}++CI- 

insoluble Soluble - 

(2) Change in Colonr. 

Sometimes a chan^ intiOlour is an indicaliou of implex for* 
mation, e.g. addition of NHs to [Cu(HsO>J*+ion. leads lo an jntc;nse 
blue colour due to the formation of the complex ion, [Ca(NH«) 4 P^. 

(3) pH neasiirtecata 

Generally ligai^ are either weak bii^s or gcids. , 7he forma* 
tion ol' a complex is Sjccbmpanted by the disidacemetit of^ one 'or 
more, usually weak, acidic protons of the ligand by the metal iop. 
Ibis increases the concentration of H-*-, j'n , lhe complex forma¬ 

tion Md hence causes a drop in the valoe of pR. Thus 7 the change 
in pH y^ue can be used as an indication of the extent of complex 
forniation. 

(4) Vhfliie ahaorptfe n i^ectral atnilea. 

The absorption of li^i in the visible ye|||on| (400--tioo rapj 
by a metal ion depends on the eiectroQ tnihsttibiis within the iop 
and also on the type and strength of ligand*,%ih|tt|f| bonding. Thds, 




rons in d-orbitals) give variable colours dbpettding on the n^re 
the ligands attached with the metal ion. In mhlk# cases the inteiisi^ 
of absorption is increased and the absorption shins to higher energim 
(lower mp), when coordinated water molecules are replaced by 
ligands more basic than water. 

The extent to which a qiectrum can duinge is illustrated in 
Fig. 11-4. In this figure the Visible spectrum shown by dotted lines 



Hg. 11-4. Visible spectra of &od fMfAOlr-Hl+'ioos 
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is that r>f [Ni(HtO),]*+ ion while that shown by solid lines is that of 
a-am^'-ii^xime complex of Ni*+, represented as [Ni(AO)i—H]+. The 
absorption has shifted to higher e lergies lower m/u) and has 
become more intense. 

(5) Change in chemical properties. 

When a metal ion combines with a ligand to form a complex, 
its usual chemical properties are lost in the solution. Thus the loss of 
the normal chemical properties of the metal ion in solution is an 
indication of the complex formation, e.g. when CuSO, is treated with 
excess of KCN, the complex, K 3 (Cu'(CN)ij (soluble complex) is 
formed. This complex gives none of the tests of Cu*-. 

Limitations of the technique. Usually the formation of com¬ 
plexes of 'low thermodynamic stability cannot be demonstrated by 
this technique, since an appreciable amount of simple metal ion is 
left uncomplexed, e.g., the complexes formed between NHj and Ca*+, 
Zn*+ or Al**^ give all the usual precipitation reactions of the free 
metal ion. 

(6) Pol'4rographic Method. 

Polarographic measurements provide ceitain information which 
can be used fir tht detection of comple.s formation, determination of 
coordination number and stability co.istani. This method is based 
on the fact ti'at when a ligand is added to a metal ion, the charactc."- 
istic half-wavs pctential of the metal ion is sliifted which indicates 
the formation of the complex between the metal and the ligand. 

(7) Change in oxidation poiential. 

There i'> a decrease in ionic activity of the metal and hence an 
increase in its oxidation potential, when; it combines with a ligand 
to form a comp ex e.g., 

(»■) (a) Co*'" —* Co^' d e*, E”=--1'85 volts 

(6).[Ci»nNH3)o]»^ -» (Co»+(NH3).]»+-fe-, 

; , E“ = -0-10 volts 

(u) (a) Fe’+ -> Fe’*" I e‘, E'’ = -0-77 volts 

{b) ire‘nCN)^p- -» (Fes+)CN)6p--|-c-, 

. E''--0 36 volts 

(8) Magnetic Susceptibility. 

A measurement of the magnetic smccptibility sometimes indicates the 
formation of a complex, nature of bondmg and stereochemistry, e.g. Ni(il) 
square-planar complexes like [Ni(Big) 2 ]® {dsp^ hybridisation) arc diamag¬ 
netic due to the absence of unpaired electrons while Ni(ll) tetrahedral com¬ 
plexes like [NiC^]^' (.s/P hybridisation) are paramagnetic due to the 

presence of two unpaired clectrOiTj . 

Conu jiiCtonce nieasuf enter is. 

There U a decree or increase'in the value of electrical ccu- 
duciance of ma^lution ih whicli,,.co.'X^^x formation occurs, /> Tliis 
is due Ic the disappearance or production-of ions of comparatively 
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higher mobility, e.g. the addition of two moles of glycine, 
NH,CH,COOH to one mole of aqueous copper acetate solution 
decreases'the solution conductivity because of the formation Of a 
non-ionic chelated complex, [Cu*'*(NHtCH»COO)i] 

[Cu(H,0),]*+ + 2CH,COO ■ -I- 2 NH,CH,COOH-► 

(Cu{NH,CH,COO),)'> H- 2 CH 3 COOH 
Non-chclaled 
comolex 


Note that NH,CH,COO is acting as a bidentate ligand in 
{Cu(NH*CH,CpO)*]«, hence the,coordination number of Cu*-'- in the 
complex is four. 

This method can also be used to give useful information about 
the total number of ions (complex ions and simple ions both) given 
by a complex in solution and charge type oh each ion. This point 
has been discussed for Co(Ill) ammines under Werner s Theory. 


(10) Dipole moment measurements. 

Dipole moment measurements are often used to distinguish 

between cis- and //•n/w-isomers of a complex, e.g., [Pt^* 
has been isolated in «- and p- forms. The a- form has zco dipole 
moment and must, therefore, have collinear Pt—Cl and Pt—P bonds, 
i.c. it should be trans- form. The p- formulas high dipole moment 
and is, therefore c/s- form. 

There are many other techniques sich as infra-red spectra, 
nuclear magnetic resonance, electron-spin resonance etc. which alsr. 
furnish valuable information on the structure of the complex. The 
discussion of these techniques is out of the scope of this book. 
POLYNUCLEAR OR BRIDGED COMPLEXES 

Definition 

An atom of some of the ligands may have more than one Iree 
electron pairs and hence it may co-ordinate simultaneously with two 
or more metal atoms, i.e., the ligand atom serves as a bridging item 
between the two metal atoms. A ligand containing such an atom is 
called bridging ligand and the resulting comj,lex is known as. btilged 
or polynuclear (or multiiiuclear),complex. The term bridged complex 
is a better name, since the prefix po/y usually denotes a high iuole- 
cular weight, whereas these complexes are often only dimers or tii- 
mers. The bridged complexes may be binuclear (or dinuchat), 
trinudear, etc. depending on the number of metal atoms with \/h'ch 
the bridging ligand is linked. 

Types and preparation of polynuclear complexes 
There are numerous types of these complexes and their struc 
lures have been determined by X-ray diffraction. Some of the 
common types are . 

(1) Complexes wjth --OH or —0-: bridges A typical exsm- 
pie of this class is seen in the hydrolysis reactions of Th^ 

2Th<+ + 2H,0 5 =^ t rh*(OH ),]**• -|- 2H'^ 

2Tli*+ -1- H,0 lTh,(OH)]’+ H+ 

In these polynuclear complexes of Th*"*" the OH groups are 
shared by Th‘+ ions. 



^^<^otKq>tsofC(horanatlotiC^mlstry 

shown that binuclear complex of Co (III) is ob- 
e*^"* hydrolytic reaction of Co(in) bomponnd in 

^ lOO-lltr 

2l(NH,)4Co(H,0)(OH)JSb* -► 

^ (NH,)4 Co/^^^Co (NH,)« j(S0«),+2H,0 


2{(en),Co(HiO) (OH)] S,0. 


IKT 


,OH, 


Of the many 
containing OH bridges^ 


(en), ^0 \qjj/Co (en), J (S,0,),+2H,0 


jwlyniiclear complexes of Co(in) 


ompL.^— , 

the tetrsinncfeiir cbmplex v/x 


V^OH 


1 n 

Co(NH3)4 



6 + 


is the most importmit and is prepared by the treatment 
oflCom(NH,) 4 (H,OKCI)]S 04 With cold alkali. This complex is 
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asymmetric and one of the enantiomorphs is shown in Fig. Il-S. 
From this figure it nuy be noted that there are three pairs of OH' 
groups around the central octahedron (shown by dotted lines). Each 
pair forms a bridge to a peripheral qctahedron. 

The complex shown in Fig. 11*6 is a good example of trinoo- 
lear complex of Co (III). 



Fig. 11*6. Tetfa-|t-hydro»OHtecsaminiae tricobalt (III) oatkai. 


A dinuclear Cr (UI) complex which contains both c hel at- 
‘Au ethylene diamine. (en) 

jCr 
Fig. 11-7 


and bridging OH groups has beeti pre® 
frSf 7 and iis 


preptu^ It is formulated as 
stnictnre is shown below in 



1%. 11-7. Stroctarattf 

It is prepared by heating [Cr(eii), (OH) (H/))J Cl,. 

ntrr .OR 1 

2(0(en),^HKH^)] Cl, —»I (en),Cr/^^\Cr(enh a«+2H^ 

It has recently, been shown that oxidation ofCr*+ by two 
electron-oxidising agents like HClOor H,0, gives dinudear duo- 
niiam con^i^ p^Uy [(H,O]^<?t™-Or-Cil<I(H,0W|»f. The 
two electron nndation occurs in st^ with Ci«+ intervmh^ 

Cr»+ -I- CK)- -. CiO»+ -I- a- 

(Cr- : 2) (Gr--p4) 
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CrO*i + Cr*' -»-[Cr»+—0-Cr»M** 

dinuctear species 

The structure of [(HtO)*Cr—0V-Cr(H»0)*]*+ is : 



(2) Complexes iHlh -NH,— or NH~ bridging groups. Sucli 
complexes are common among the polynuclear complexes of Co(in). 
This complex mixture designated as Vortmann's sulphate is an 
example of such complexes. This is prepared by the air oxidation 
of ammoniacal solution of Co(NO:,)i followed by subsequent neutra¬ 
lisation with dil. H,SO, in the cold. The chief constituents of the 
brown product produced in the above reaction are : 


III ,NH 
{NH,UCo( 


\o-o/ 


*\Co{NH ,)4 1(S0«), (green) 

. J 


[ III III 1 

(NH,)*Co<; ^^pco (NH,). J (SO,)* (red) 

The electron spin resonance studies of the green complex l.ave 
shown that one unpaired electron is spread over V area betweei. the 
two cobalt atoms, rather than being confined to just one of the 
cobalts. Thus it is impressible to assign integral oxidation numbers 
to two cobalt atoms in such complexes. 

Co(in) complexes with brklging amido groups (—NH—) may 
sometimes be prepared by treating those containing bringing amino 
groups (—nH,—) with base or driving oflT acid by heatiiig. The 
preparation of such compk-xes--by using Vortmann’s sulphate can 
be illustrated by the followin'' reaptipdis'; 
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r 111 /NH* ,v 1 
(NH,)4 Co/^ ^Co (NHs )4 (SO4), 
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Vorlmann’s sulphate 
(green form) 


[ 


[ 



in yNH. in 

(NH*)4Co( \Co(NH3)4 

^ 804 -^ 


CI,.2H,0 


+ HCl 


(3) Complexes wKh peroxo bridges, —0—0—. Complexes 
containing peroxo bridges towcen cobalt atoms arc quite remark* 
able. The simplest of these is the brown ion, pentammino cobalt(lll) 
M-peroxo pentammino cobalt (111), ((NH»)4Co—O—O—Co(NHjj4]*+ 
which is formed by the careful air oxidation of ammoniacat solutions 
of Co(II) salts. 

2 [Co(NH 3),]»+ + 0, -* [(NH3 )»Co- 0-0 -Co(NH 3 )s]«++ 2NH, 

browntjMs 

If the solution containing these brown ions is further oxidised 
(still carefully) by warming with dil.^l 5: 1) HN03, a green complex, 
l(NH3)6Co>»-0-0-Co‘'^(NH3)5r is obtained. 

(4) Complexes containlDg the anions like X| SO 4 '', CH 3 COO' 
or CN' as bridging groups. Complexes containing the halide ions as 
bridging groups are known in the solid state but such bridges are 
often destroyed on solution in water. Some examples of such com¬ 
plexes arc : 

(a) Ferric chloride which is dimeric in the gaseous state, (FcCrt)i 
in which each iron is at the centre of a tetrahedron and two tetra- 
hedra .share an edge and correspondingly two Cl ’^ns. 

(h) Aluminium chloride which is" also dit' ic, (AlCI,), and 
has a similar structure in the gaseous states 
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(c) Palladium (II) chlorid« in the solid state consists of infinite 
chains of square planar PdCl 4 groups in which each CP ion is 
shared by adjacent Pd(II) species. 

Of en the structure of such compounds in the solid state is 
different from t 1 i.it in the gaseous state, e.g. in the gaseous state of 
Fe(IIl) chloride four chlorine atoms surround each iron while in 
the solid state six chlorine atoms surround each iron octahedrally. 

Complexes containing CJFI 3 COO' groups as bridging groups 
arc those of Fe(ni), e.g. in ferric acetate ihe composition corres¬ 
ponds to Fe(Gtt 3 COO) 3 , while the properties correspond to 
I Fe 3 (CH,COO)*](CH,COO),. 

1 he complex [Nj* (CN 4 ]^“ can be reduced by solidum amalgam to 
red ion, (N*' (CN) 3 ]^~. This ion is readily oxidised and X-ray and mag¬ 
netic studies have shown that it is dimeric in its crystalline potassium salt 
t contains cyano bridges as shown below ; 


CN- CN- 

I I 

NC--N*-Ni*-CN- 

I I 

OK OJ- 


Another example ot the complex containing the CN' bridging 
groups is KjAuCN which is probably tetrameric, (R 3 AuCN )4 : 

C.H, C.H, 

I I 

H.C,-Au—C shN-Au-QH, 

i t 

I ^ 

H»C,—Au-N»C-Au—QH, 

Cyanides of Pd (II), Pt (II), Ni (II) and Cu(l)have similar 
bridging CN grOups. 


(5) Complexes with melal-to-ipelal boais. The, examples ot 
complexes in which metal-to-melal bonds ate present are g>ven 
below. Their structures are also mentioned. 


Complex 

Moia*<+ 

Mbtan*-;- 


land 


Stneture 

An octahedron-with Mo atoms on ««•»» apexi 
S CI*s on the S vertical edgei of the ochdieihou. 

with Nb atoms oa each apex and 
f2 Cl^l on the 12 edges of the octahedron. 

Same as Nb« Ctu*-)- 

Two WC!|; octabedra share a Mee and noice three 
bridging Cl’s: W in centre of each octahedron. 
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“ <**“e«cin both solid and solution state : 
fCu(CH/300),J.2H,0. foch Cu(II} is coordinated in a square plune 
by four oxygens of the bridging acetato groups. The two H.O mole¬ 
cules are attached one each to Cu(ll). The copper-copper distance 
IS short [Fig. 11-8 (a^J and this bond results from a lateral overlap of 
singly-filled </*■ orbitals of two Cu(II) ions (Cu*-» — 

3<4,* Idtx* 3d,* 3d^.p* 1) [see Fig. 11-8 (h)J. 


3dxy* 


H,0 




(a) Structure of dimeric copper acetaie 
(Cu(CHaCOO)ih 2 HxO 


(*> 


Schciiiiuic representation of 
the formation of a 8.bond 
towMn two Cu(ll) ions in 
[Cu(CH3COO)t)i by the lateral 
, overlap of orbitals ! 

Fig. 11-8. Structure of dimeric Cu (Il> acetate. [Cu{CH»COO)|]t'2HtO 

Such type of metal-metal bond is called S-bond and is different 
* «-bonf Such overlap leads to a partial quenching of 
tne magnetic moment in copper acetate 1-43 B.M.). * 

_ ‘ Pressure 

2 Re-1-10 CO-—* Re, (CO)„ 


Fe,(CO), i CO 


Fe(CO), 

1 hr 


Fe,(CO)„+3CO 


_ Binuclear carbonyls of Mn (0) and Fe (0) arc also imnortanr 
These are formulated as Mn,(COh; and Fe,(COU^ and havi (£?b?hvi 
Ridges. In thew molecules there is also s^ffleant metal-to-metsJ 
bonding interaction. (See Figs. 11-9and ll lO). - 
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nr 

\ I 

oc— n*>- 


oc 


/1 


CO 


1° CO 
Mir — CO 


I \ 

CO 


CO 


I'ig. tl'9. Structure of biniiclear 
Mnt>CO 10 carbonyl. 


0 = 
OH 
02 


o 

II 



Fig. 1110. Structure of binuclear Fe*(CO)t carbonyl. 

Coordination potiition isomcrisB in polynuclear complexes 

In some polynOcIcar complexes to interchange the ligands oet- 
wcen the metal nuclei which are present as a part of the complex is 
possible. This type of interchange of ligands gives rise to coordina¬ 
tion position isomerism, e.g. 

[ OH T'*' 

(NH,)« Co*« \qjj/Co«W (NH.).a. J 

[ OH T*"*” 

CI(NH,), 0>® (NH,).CI J 

are coordination posttioh* isomers. 
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INNER METALLIC COMPLEXES 
Definition 

. V - 

ligands like aceiyi acetunato, glycinato etc. which 
have both neutral (donor) and anionic (acidic) groups coordinate with 
metallic cation, they form complexes in which both the coordination 
number and charge of the catii^n are satisfied simultaneously. Such 
complexes arc called wner~MelalIlc complexes or simply inner 
complexes, 

[Co”l (g/y)3]«, (Co"'(acflc),]o, (Cr"'(flc<7c):,]«, (Cu" (fl/g),]". 
(Cu" (g/>').]" etc. are the important examples of such complexes. In 
ligands giy (glycinato), acac (acetylacetonato) 
and Big (biguanido) function as monobasic, bidentatc ligands, one of 
the groups being acidic and one being donor group. These complexes 
have the following formulae. 




C — N NHg— C' 

r “ \ ii< \ 

f\ /" 

C—NH, 'n - 

hn/ Nnh, 


ySH 

\ 

Nil r ,, T,, 

/ OR ^Cu" (big)^J 


Since iri.these complexm both the coordination liumber and the 
cation are satisfied by the complexing ligands 
in-uie cooraii^tioit sphere, these cemplexei atc non*electroMe and 
are called innet^metalHc cifmplexes tht first onkr. On the other 
h^the cpmplexes.lifce (Si'V (acirejj Q in wificii th#ee (aaic)'Ugandt 

XStlsfv Affitv flltfl Arw\rdlintt#iAaa . .■* 




of the second order Other exampm of sndi eomptexes 
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Na|Co'‘(acac)3j, |^b"‘( flcac)^] [ Fc"'Cl4j. 

Na Tco**’ (NO»)s(<»-ac)tj etc. 

Interestingly the coordinated ligand. Big' in has one- 

NH, group which remains uncoordinated gets protonated with dilute 
acid (say HCI) to give a soluble, red-rose comjMex, [Cu(Sig H)i] CMl). 
Thus a first order complex gives a soluble inner complex when its un¬ 
coordinated group is protonoted 


H,N^ 

HN^ 

\ 


HN 




NHT 


H, 

/ 

C-=N 

N- 

-C 

’ \ 

✓ 

\ 


Cu 

NH 

C-N 

U 

/ 

Z 

II 

/ 

C 



\nh,J 


Cl. 


Soluble, red-roie complexes (I) 


Properties of Inner complexes 

Main properties are; 

(f) Many of them arc insoluble in water but may be extracted 
into organic solvents immiscible with water. Their extractabiiity is 
often a function of pH of the aqueous phase so that selective extrac- 
tion and subsequent leturn to a new aqueous phase are possible. 

(i7) There is sometimes pronounced colour changes during the 
formation of inner complexes. This permits colorimetric measure¬ 
ments. 

(Hi) Most of the innei complexes have low melting points and 
are volatile. 

A^Ucations 

(0 Due to the electrical neutrality of these con^exes they csa 
be extracted into water-immiscible o^ank {riiase. This property is 
used in both analytical and industrial separations, e.;. a-theonyltri- 
fluoroacetone (TTA) is used for the separation of hafnium and 
zirconium. This process is of great importance in nudear reactor. 
Beryllium and scandium which are nuclear enginea^ meuls have 
also been refined hy solvent extraction in the preparatiott of TTA. 

(If) Inner complexes are also used in arudytical dieinidry for 
the esttaoatson of several cations, e.f. 

(a) The ^hydroxyquinofine foxin) coordinates wjth a numlm 
of cations to form inner complex. For eadi cation there is a definite 
pH nnge In whkh ^ fmrmathm of iimer cmoidbx opciirs: 
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Cation Cu*+ Fe*+ Th*-'- Mn*+ Mg*^- 

pH range ; '-2 7 2-8-I1-2 4-2-9-8 4-8—88 5-9-100 >8-2 

(b) Organic substances like dimethyl glyoxime are capable of 
forming inner complexes with a number of metallic ions, e g. 

O OH 

II I 

CH*-C=N-OH H,C-C=N . .N-=C—CH, 

I +Ni** 1 I 

CH,-C=N-OH 'H,C—C-N 'N=.C—C W;, 

Dimethyl glyoxime | i 

OH O 

Inner complex 


It may be noted that the compounds like o-qiiinone dioxime 
do not form inner complexes. However, it on being reduced, gives 
cyclohexane dioxime which forms a stable inner complex. 


0 =N—OH 

= N-OH — > 
Reduction 

tf-quinone 

dioxime 


CH, 

H,C/\=N—OH 


H»Cl^=N—OH 

Cyclohexane 

dioxIme 


(c) a-nitroso-^-naphthol is commonly used as a reagent for 
Co*-*- which forms red inner complex even in the acetic acid solution. 



■•nitrosoif-naphihol Inner complex 


uraonvR’S coordwation theory 
Hbtorkal DereiopiMBt 

It is difiicult to state exactly when the first metal complex was 
discovered. Perhaps the earliest recorded coordination compound is 
Prussian blue, KCN.Fe” (CUVFe*” (CN),, an artist colour. It 
was prepared accidentally in 1704 by a Berlin colour maker, Diesbach, 
by strongly heating uiimal wastes and NatCOj in an iron container. 
However the accidental discovery oP hexaammine cobalt; 111| 
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chloride, C 0 CI 3 . 6 NH 3 by Tassaert in 1799 marks the real beginning 
df coordination chemistry. Tassaert obtained it by mixing CoCIs'and 
aqueous NH 3 ^ He was unable to understand how C 0 CI 3 and NHs, 
each of which is a stable compound, could combine to give yet 
another very stable compound, C0CI3.6NH3. No satisfactory answer 
could be given by chemists to explain the Tassaert’s experimental 
observations until approximately 100 years later. During that time 
many coordination compounds of C0CI3 with NH 3 were prepared and 
their properties Studied. These compounds which were called metal 
lamipines differed in their Gl" ion reactivity, i.e. they gave different 
number of Cl ions as: AgCl when treated with Ag+ ions, e.g. the 
addition of a sotutiorj of AgNO, to a freshly prepared solution of 
G 0 CI 3 . 6 NH 3 results in the immediate precipitation of all the three 
Cl 'ions as AgCl. The same experiment with C 0 CI 3 . 5 NH 3 preci¬ 
pitates only two Cl ions. The results of such studies on the complete 
series of Co(III) amn^ines are summarised in Table 11-6. 


Table 11-6. Characteristics of Co{llI) ammines 


. Ammines 
(i-e. complexes') 

A'b. of 
C/' ions 
precipi- 
'taied as 
AgCl by 
AgNOs 
solution 

Molar 

conduc¬ 

tivity 

range 

(ohni-^) 

Total 
No. of 
ions 
given by 
complex 
in soln. 

Charge 
type on 
ions 

Ionic Formulation 

CoCli.eNHs 

3 ' I 

430 

1 

1 4 

(3-I-, 1-) 

[Co''*(NH3),1*+j(C|-)3 

C 0 Cl 3 . 5 NH 3 .HsO 

3 

430 

i 

4 

(3-I-. I-) 

(Co'“(NH3)3(ll.iO)J»i 

(Cl-), 

CoCl,.5NHj 

2 

1 

250 ; 

3 

(2+. 1-) 

(Co‘" (NH,)*aj‘nC| ), 

C 0 P 1 . 4 NH 3 

> 

too 

2 

0-1-. 1-) 

ICo"' (NH 3 )»CI,]+a- 

C 0 CI 3 . 3 NH 3 

P 

0 

(Non- 
electro¬ 
lyte) 1 

1 

lCo“' (NHslsClal® 

(Non-eicctrolyte) 

± _ 


Another property that was' studied was the molar conductivi¬ 
ties of their solutions at infinite dilution. This property gave useful 
informatiori about the total number of ions given by the complex 
compound in solution and charge typ'e on each ion. The results of 
this study for Co(III) ammines are also givein in the same Table. 

It may be seen from the Table that: 

{/) The number of Cc ions given by the ammines as AgCl on 
the addition of AgNO, solution is 3, 3, 2, 1 and 0 i^pectively. litis 
fact has been.utilised while writing the ionila formulae of the ammines 
as given in the last column of the Table. 
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(ii) The greater is the molar conductivity of the solution of the 
complex compound, the greater is the total number of ions (complex 
ions and simple ions both) given by it in solution. Since the com¬ 
pounds give different number of ions in solution, it must be con¬ 
cluded that in some of the ammines the Cl' ions exist in coordina¬ 
tion sphere, [ ], while others exist tis free ions outside the 

coordination sphere. The Cl* ions in the coordination sphere 
behave differently from the Cl ions outside the coordination sphere 
on treatment with AgNQa solution. 

(Hi) The molar conductivity in the range of 430 ohm ' for 
C 0 CI 3 . 6NH3 is characteristic of (3-I-, 1 - ) charge type while that 
in the range (less than 10 ohm *) for C 0 CI 3 . 3 NH 3 shows that 
this compound is non-electrolyte. 

Werner’s Theory 

Several theories were proposed to explain the ol^erved pro 
perties of Co(lII) ammines and of other similar compounds 1/ke 
Pt(lV) ammines which had been prepared by thm. It was only m 
1893, that Werner presented a theory known as Werner’s coordina¬ 
tion theory which could explain all the observed properties of com¬ 
plex compounds. More important postulates of this theory are : 

(/) Most elements exhibit two types of valencies : (a\ nrimary 
valency and (b) secondary valency. 

(a) Primary valency. This corresponds to oxidation state of 
the metal ion. This is also called principal, ionisable or ionic valency. 
It is satisfied by negative ions and its attachment with the central 
metal ion is shown by dotted lines. 

(b) Secondary or auxiliary valency. It is also termed as coordina' 
lion number (usually abbreviated as CN) of the central metal ion. 
It is non-ionic or non-ionisable (i.e. coordinate covalent bond type). 
This is satisfied by either negative ions or neutral molecules. The 
ligands which satisfy the coordination number are directly attached 
to the metal atom or ion and shown by thick lines. While writing 
down the formulae these are placed in the coordination sphere 
along with the metal ion. These are directed towards fixed posi¬ 
tions in space about the central metal ion. e.g. six ligands are 
arranged at the six corners of a regular octahedron with-the mefal 
ion at its centre. This postulate predicted the existence of different 
types of isomerism in coordination complexes and after 19 years 
Werner actually succeeded in resolving various coordination exam¬ 
ples into optically active isomers. 

(ii) Every element tends to jalisfy both its primary and secon¬ 
dary vailencies. In order to meet this requirement a negative ion 
majifpften show a' dull .behaviour, i.e. it may satisfy both primary 
an(^sec 6 ndary valencies ^ce in every case the fulfilment, of cordi- 
nation number of the centralmetalion appears essential) (see the 
riesignations of CoCli.SNHa,. CoCS,. 4NH, and CoCI,.3NH, as given 
inFig. IMI. 

The properties of Co (ill) ammines mentioned in-Table I1-6 
can be explained on the b^is of the postulates mentioned above. 
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In all the ammines cobalt shows secondary valency 'i.e. coordination 
number) of six and primary valency (i.e , oxidation state) of three. 

Designation and Formation of Co (III) ammines. On the basis 
of postulates of his theory Werner designated the ammines as given 
in Fig.n il. and formulated them as : (Co*’*(NHs)J*+(Cl')s, 
[CoJ«(NH3)s(H, 0)1»+(C1-)3, [Co*WtNH3]3Cl]*+(Cl-)3, 

[CoI”(NH 3)4 CIjI+CI- and [Co^HNHjI.CIs]®. . 

The molecule, C 0 CI 3 . 6 NHS which is formulated as 
[Co^*'(NH 3 )g]’+(CI ), has six NH 3 molecules that satisfy the secondary 
valency of the metal ion, viz., Co*+ ion and their attachment with 
the central metal ion is shown by thick lines. The primary valency 


NH, Cl 


NH3 

Cl - ■ Cp 

P'' 

NHj 1 




NH, 


NH, 


NH3 Cl 

CoCI,. 6NH3 or 
ICo'" (NH,)«J*H-(Cr), 



CoClj.5NHi or 
lCo*“ {NH,),CI1*+(C1-), 


NH 3 




Cl 


Cl 

;c'o- 

NH, 



CoCl3 SNH3.HiO or 
(Co'"(NH,),(HtO)l«+(a-), 

Cl 



CoGta.4NH( or 
ICo*”(NH,)4ad+a- 


'Cl 


Coa«.3NHs or rCo“'(NH,),Cl*l» 

Hg. I ri 1. Detignatiou and foririulationt 01 Co(III) ammines on the 
basis of Werner’s theory. 
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(i.e., oxidation state of +3) is satisfied by three Cl* ions, which 
have been shown by dotted lines and are kept outside the coordina¬ 
tion sphere. As all the three Cr ions arc loosely bound, they are 
immediately precipitated ■•■s AgCl on the addition of AgNOs solution. 
Thus the solution of this compound should conduct current to give 
four ions in all viz. [Co(NH 3 ),]»+ and 3CI- which has been confirm¬ 
ed by conductivity measurements. 

In the molecule, CoClj.SNHj.HjO which is formulated as 
[Co*”(NHa)i(HjO)]Cl 3 , five NHa molecules and one H»0 molecule 
satisfy the secondary valency (shown by thick lines in the 
designation). Primary valency is satisfied by three Cl ions. The 
solution of this compound also conducts current and gives in all 
four ions : one complex ion, {Co*^*(NH 3 ) 6 (HtO)]» '- and three sim¬ 
ple ions, 3CI'. 

In the molecule CoCIa .5NHa which is formulated as 
[Co**’'(NH 3 )sClP+(CI-)a on the basis of Werner’s theory one Cl' ion 
does the dual Uinction, since it satisfies both primary and secondary 
valency. Werner, therefore, showed ii.s attachment with the central 

metal ion by a combined dashed-solid line,-This Cl ion, 

being non-ionic, is not precipitated as AgCl by Ag+ ions and hence 
it is different from the .-ither two Cl' ions and has been placed along 
with five NHa molecules and central metal ion in the coordination 
sphere as shown in its formulation. The other two Cl' ions, -being 
ionic, are precipitated as AgCl by Ag* ions and the total number of 
ions obtained is three : one complex ion, [Co“’(NHa)sCl]*+ and two 
simple ions, 2CI-..Thus the formulation, [Co*”(NH 3 )sCl]*+(CI')a 
satisfies both primary (=-i-3) and secondary ( ^C.N.^^6) of Co*^-. 

The formulation [Co'^^fNHslaCy+Cl' of CoCl3.4NHa shows 
that it has only one ionic Cl' ion which gets precipitated as AgCl by 
AgNOa solution. The conductivity measurements show that it has 
two ions in solution viz. [Co*** (NH,)tCla]-*' and Cl". 

The formulation {Co‘**(NHa)aCla)'’ of CoCla.3NHa has po 
ionic Cl' ions and hence it behaves as a non-electrolyte. 

BzanUe. The substance CoBrav4NHa.2HaO has a molar conductivity 
of 420 ohin/^ at infinite dilution. Formulate the substance. 

Solation. Since- the conductivity value of 420.. Ohm'^ corresponds to 

I_i charge type (see Table 116),. the substance is formulated as 

[Co***(NHa «(HsO)a]*+(Br-)s or simply as ICo***(NHa)i(Haq)tIBca. 
Sidgwirrk's Electronic Interpretation of Coordmation 

Until the advent of electronic theory of valency, Werner’s 
theory was regarded as satisfactory. , But with the advent of eleclto- 
nic liteory of valency, it was considered necessary to make wme 
modifications in it. Sidgwick accepted the Lewis concept of the 
two-electron covalent bond between two atoms in a molecule and 
introduced a new concept of coordinate-bond (sometimes called the 
semipolar or dative bond) which, in fact, is an exten^n of Lewis 
concept of covalent bond. According to Sidgwick’s concept the 
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ligands attached with the central metal ion have atoms which have 
at least one unshared electron!pair}. He further says that when the 
ligands are attached with the central metal ion, they donate the 
electron pair to the central metal ion The atoms which donate the 
electron pair to the central metal ion arc called donors and the 
central metal ion which accepts the electron pair is called an 
acceptor. 

According to Sidgwick the bond thus established between the 
ligands and the central metal ion is a coordinate or dative or semi- 
polar bond. This bond is not very different from a covalent bond. 

The only difference lies in the mode of its formation. The 

bond formed is usually represented as M <- L which indicates 

that the donor group, L (/.«. ligand) has donoted an electron nair 
to the metal ion, M (/.<?. acceptr r). 

Thus on the basis of Sidjwiek’s concept, the structure of I'le 
complex ion, [Co(NH 3 )»]»<, can be.shown as 

r MHi Y' 

H 3 N. I NH* 

^Co*^ 

NH,'' t '^NH, 

L . NH, 

Evidently, in the formation of the biouls between the six 
ds (which are NH 3 nrif.lecules) and ihc central metal Co^- ion, 

-atom of each NH 3 molecule donates an cicctroir p,iir to € 0 ^+ 
hus in all twc'vc electrons (i.e. six electron pairs) arc 
by six ligands to 3o** ion. The dentition of an electron 
IH 3 molicu'c has xen rcpre.scnled by an arrow. • 

incept of Effective Atomic Number—EAN concept (also 
"oMe Gi s Rule). 

'U 4 gcstcd that after the ligands have donated a cer- 
’Ktt.ons to the central metal ion through bonding, 
'f < lectrons on the central atom, including those 
in the bonding is called the effective atomic 
central metal ion and in many cases this total 
e. EA.'l) surrounding the coordinated metal 
'c.nu Tiber of the inert gas. 

Ci(III) in ICo(NH 3 )j]®‘' can be calculated 


^atomic number of Co 
'7-3 


=27 electrons 
=24 electrons 


'2 X 6 i= 12 electrons 

in [Co(NH,),)9+ . 24+12=36 


*ly equal to file atomic number 



571 


Basic Concepts of Co-ordination Chemistry 


Exceptioas to EAN Rule. 

Though in many cases the EAN is the same as the atomic 
number of the next inert gas, yet it is not always so—this total 
number of electrons i.e. EAN may be a few units more or less than 
the atomic number of the next inert gas. Complexes of Ni(II), 
Co(II), Ag(I) etc. which have more than one coordination number. 
depending on the nature of the ligand, generally do not follow the 
EAN rule. Some metal atoms such as Fe(III) which has its coordi¬ 
nation number equal to 4 in fFe*** CI 4 ]' and eoual to 6 in 
tFc‘" (CN)fJ-’* never follow this rule. The validity and exception of EA^ 
;onccot is shown in Table 11.7. 


tiAN rule a.s applied to carbonyls 

Metal carbonyls and its derivatives frequently obey EAN rule. 
By using this rule to metal carbonyls it is possible to predict whether 
a given carbonyl is a monomer. 


Examples. The EAN of the central metal ion in the compounds 
viz. Ni»(CO)„ Fe»(CO)«, Cr«(CO)„ Fe*t-(CO) 4 CI„ Mh+(CO) 5 Br, 
Co®(NO)(CO )3 a-nd Fe®(NO) 4 (CO)j is 36. To estimate the EAN in 
these complexes it has been assumed that CO, CF and Br' contribute 
two electrons and NO, three electrons to the central metal ion. 


V(CO)« is the only monomeric carbonyl which does not obey 
EAN rule. 


Metal carbonyls of M*(CO)» type also obey this rule, e.g. the 
EAN of Mn in Mn 2 (CO)io is 36 as shown below ; 

This compound has the formula (CO) 5 Mn—Mn(CO)* which 
shows that each Mn atom donates ope electron to the formation of 
Mn—Mn bond and thus each metal atom shares two electrons : 

Electrons from each Mn atom=atomic number of Mn^ 25 
Electrons from 5 (: CO)=5x 2 _=10 

Electron from Mn—Mn bond =1 

EAN of Mn in Mn, (CO)„n=25+lO-M =^36 


Objections against Sidgwick's electronic interpretation of coc rdinatiQii 

and the electro-neutrality principle. 

The concept of valency introduced by Sidgwick suffei s from a 
number of defects such as those given below : 

(/■) The donation of electron pair or pairs by tbe liganc to the 
central cation would cause a reduction in the positive charge of the 
wntral cation. Due to tbe creation of a negative charge on the metal 
ion, a partial ionic character is developed in the complex, irakins it 
less stable. ® 

How a negative charge is developed on the central iretal ion 
CM be explained for [Fe(H,0),J*'' ion by studying two cases as 
follows: 



Table 11-7. Illustration of the validity and exception of EAN concept. 
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(a) Each of the six Fe—O bonds is 100 per cent covalent. If it 
is assumed that the Fe—O bonds in {Fc(HiO ,]•+ ion are 100 per cent 
covalent {i.e. equal sharing of each electron pair between the Fe- and 
O-atoms) Fe-atom and O-atom would each ‘own’ one half of each 
electron pair. Thus each O-atom in effect would lose one electron 
and the Fe-atom would gain in all six electrons. Thus a formal 
charge of —3 would exist on Fe-atom and each of the six O-atoms 
would bear a positive charge of unity. 

(ft) Each of the six Fe—O bonds is 30% covalent and 50% ionic. 
If it is assumed that each of the six Fe—O bonds is 50% covalent 
and 50% ionic, Fe-atom would ‘own’ one quarter of each electron 
(i.e. J electron). Now since there are six electron pairs (i.e. 12 elec¬ 
trons), the Fe-atom virtually gains a total of three electrons 
(Jx 12=;3) and Fe-atom is thus rendered exactly neutral (-1-3 charges 
on Fc’+’ ion are neutralised by the three negative charges of 3 elec¬ 
trons). Each O-atom which ‘owns’ three-quarters of an electron 
(1—i = i) would have a ^ charge. This is shown below in Fig. 
1112 . 



^ 3 » 

Fe (gaseous iof'l * 6HjO lot 

infinity) 

i 

M H 

I \ / ;■ 

®.’T Iv, . 

''O' 

Ft MB) 




. *0 

I /'•'{ I 

MM H H 


Fig. 11-12. -1-3 charges ori Fe*t-i6n in (H»0)»1*-*'arc 

neutralised by the three negative charges of 3 electrons 
- gained by Fc-atom. Water molecules shown at I and ^ posi¬ 
tions are lying on an axis at right-angles to the plane having 
the four HjO molecules shown at 2, 3, 4 and 5 'positions. 

Now the O-atoms that are reluctant to bear a positive charge 
would cause a displacement of the electrons in the O—H bonds 
towards the O-atoms. The net effect would be that a positive charge 
on each H-atoms would be developed. If in this process the O-atoms 
become exactly neutral, each of the twelve H-atoms would bear a 
charge of-fj. This is shown in Fig. 11-13. Total positive charge 
borne by twelve H-atoms would thus be equal to -fix 12—-f 3. The 
charge of -f 3 on the complex ion. fFclHiO),]**- would be that borne 
by twelve M-atoms. 

According to Pauling’s elcctoneutrality principle, the overall 

charge distribution on each atom in species like lFe(H,0)»]*-»- would 
depend on ihe relative electronegativity values of iron and oxygen 
atoms. EIcctroneulrality principle requires that the bonds in 
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3ld 

[Fe(H20)»]*+ have some ionic character. In other w^ds the electron 
pair is not equally shared between Fe- and O-atoms but is attracted 



Fig. 1 M3. Dissipation of the +4 charge from the oxygen atom 
to two hydrogen atoms by the displacement of the bonding 
electron pairs towards the oxygen atom. 

more strongly to the O-atom. This prevents the accumulation 
of negative charge on the Fe-atom and is in keeping with the greater 
electronegativity value of O-atom as compared to Fe-atom. 

(//) Another objection is that electron pair used by H*0, NH 3 
and many othei neutral molecules for donation purpose is 25* elec¬ 
tron pair. This 2^* electron pair has no bonding characteristics, and 
if these electrons, in order to make them useful for bonding purpose, 
are excited to higher energy level, there is required more energy than 
what is actually available in the bond formation. The answer to this 
objection may lie in the re-oiganisalion of energy levels in the bond¬ 
ing atom to form hybrid bonds. 

(Hi) Finally, there ate complexes which are predominantly 
ionic in character and hence the forces acting between the central 
atom and the ligands may be regarded as essentially electrostatic. 
Fluoro complexes of metals provide examples of such type of 
complexes. 
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Nature of Metal-Ligand 
Bonding In Complexes 


. To explain the nature of bonding in transition metal complexes, 
three dmerent theories are generally used. 

c. . Bond Theory, VBT (due to L. Pauling and J. L. 

Slater, 1935). 

V/ Theory, CFT (due to H. Brethe, 1929 and J. 

Van VIeck, 1932). 

Tield Theory, LFT or Molecular Orbital Theory, 
MOT (due to J. Van VIeck, 1935). 

1 hese are discussed below ; 

VALENCE BOND THEORY (VBT) 

t his theory is mainly due to Pauling. It deals with the electro¬ 
nic stiucture of central metal ion in its ground state, kind of bonding, 
geomeiry {i.e , shape) and magnetic properties of the complexes. This 
IS base*I on the following assumptions : 

■ 1 ^ 1 .} ^f'dra! metal atom or ion (as the case may be)/nai(:e.s 
available a number of empty s, p and d atomic orbitals equal to its co- 
ordinai. on number. These vacant orbitals hybridise together to form 
ii'-j- which are the same in number as the atomic orbitals 

hybridi mg together. These are vacant, equivalent in energy and have 
dejinite geometry. The most commonly encountered hybridisations 
in com,ilexes are given in lable 121. 

(/) The ligands have at least one o-orbital containing a/one 
pair oj electrons. 

. . hybrid orbitals of the metal atom or ion overlap 

with the filed (conuwnmg lone pair of electrons) oorbitals of the 

ligar ds to form ligand -> metal o bond (represented as M L). This 
bom which is generally known as coordinate bond is a special type 
of covalent bond and shows the characteristics of both the overlapp- 


315 



375 Nature of Metal-Ligand Bonding in Complexes 

ing orbirds. However, it also possesses a considerable amount of 
polarity because of the mode of its formation. 

Tabic 12-1. Important types of hybridisation occurring 
in the first row transition metal complexes. 

Notes. (/) C. N.=Coordinalion number of the central metal, M indi¬ 
cated by black circles 

(ii) L= Ligands indicated by white circles. These may be 
the same or different. 


C.N. 

Type of hy¬ 
bridisation 

Geometry of the hybrid 
orbitals or complex 

j 

^ Examples of complexes 

2 

SP 

Linear or diagonal 

[Ag(NH3)i]+. tAg{CN)*l- 


(4i Ap) 

^ - 

L 

M L 




« 

I'rigtinal planar 

L 


3 

sp* 

(As 4p*) 

1 

/ 

/ 

/ 

/ 

/ 1^0 

% 

V 

N 

\ 

IHgbl- 



1 

L 


4 

(4j Ap^) 

Tetrahedral 

L 

/ Ml ' 

[Ni(CO)«]« IZnvNHs)4]2+. 
[ZnCl«]*-, lCuX«]*-, 
[MnX*]*-, INiX*!*-, 
X-C1-. Br-, I- 




"'ti- 

L 
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(' jy; Type of //V- j Geometry of the hybrid 

■' ’I bridisalion j orbitals or complex 


Examples of complexes 



As Ap^ 4p,) 


5 *P* 

^ (3^^^44^4pS) 


sp^d 
t: (4.t 4p’ 

-V=> 



[Ni(CN)4]*-, INi(NHs)4l*+ 
[Cii(NH3>4]*+ 


[CuClsia-, IFc(CO)5]« 


rf*jp* Inner-orbital octahedral 

3f/^* 4 j4p*) 


V*d* Outer-orbital octahedral 
(4» 4p* 

t 1 

4</^, ) P;—- 


lShF.J» . 1F» 


[Cr(NHj)J»+. IMn(CN),1»-. 
Fc(CN)»p- etc. 


[Fel [Co(H,0),p+. 
INi(NH|),l»+ etc. 
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Pauling has made a use of magnetic measurements to find out 
the number of unpaired electrons (n) in a complex,. According to 
him the number of unpaired electrons («) and the geometries of the 
complex ions having the central metal ion with configurations </* to 
d* are related to each other as shown in Table 12'2. 


Table 12-2. No. of unpaired electrons (n) and geometry 

of complexes. 


, ! 

Number of unpaired electrons (n) for different geometries 

g 


1 




Octahedral 






Tetra- 

Square planar 


Inner-orbital 

l(n—l)d^.ns.np^] 

Outer-orbital 

(ns.np^nd*) 

hedral 



I 

1 

1 

1 

(i^ 

2 

2 

2 

2 


3 

3 

3 

3 


2 

4 

4 

4 


I 

5 

5 

3 


0 

4 

4 

2 

d’’ 

1 

3 

3 

1 


0 

2 

2 

0 

d» 

1 

1 

1 

1 


‘Now let us apply the assumptions of VBT to the fornation of 
ihe following types of complexes ; 


(A) Octahedral complexes. [{n—])d^.ns.np^ or ns.np^.nd--hy- 
bridisation]; 

Since r/** and orbitals lie directly in the path of the 

ligands, it is these orbitals which arc used in the {n — \)d*.ns.np^ or 
nj.n'/>®./jd*-octahedral hybridisation. These orbitals are generally 
referred to as e^-set of orbitals. 

Let us consider the formation of [Co***(NH 3 ’g]*-i- and [Co*^*FgP' 
ions. Both of these ions are octahedral ions, since the C.N. of 
the central metal ion is 6 in each case, and are of the same metal 
ion, Co*+. [CofNIlj)*!®*' contains strong (cr) ligands while [CoFo]*' 
has weak (er) ligands. 

(/) [(Co***jNH 3 )s]“*^ ion. Pauling, originally called such com¬ 
plexes covalent complexes, since according to him the metal-ligand 
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bonds in such complexes are primarily covalent. He further says 
that in covalent complexes electrons in the 3«/-orbifals of the metal, 
ion are paired to vacate two 3rf-orbilaIs (namele 3</,'‘./and 
orbitals) which are occupied by the ligand electrons to form six (W)* 
(4«) (4/>)* hybrids. 

On the basis of VBT the formation of this complex ioi/has 
been explained as follows ; 

In this complex ion Co is present as Co*+ ion whose electronic 
configuration ( 3 </* 45 ® 4 p®) is shown at (a) : (n = No. of unpaired 
electrons). 


-3d-H 

U— t.. ,-- On —H 

t ^^3_ ^ _• 


t 

(a) Co»+ (34«) 1 

t 1 

I'l 

t 

t 

t 

(Ground state) 

1 i 

1 

1 

1 

1 


xy yz zx x?-y^ z3 


(0 = 4) 



In order to accomodat^ the six electron pairs donated by{six 
ligands (6 : NHj molecules), six vacant hybrid orbitals namely 
must be made available. It can be done by transferring the two 
unpaired electrons (one being in 3 ^,*.^* and the other in 3 </.* 
orbital) to the 3<f„i and 3</« orbitals. Thus in [Co*''(NH 3 ) 8 )*+ ion 
Co*+ has the configuration shown at ( 6 ). 


t* 7 — 3 d- 






#-61 

1 

(h) Co*+ in [Co(NH,\,]®+ ion 
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□ 



In = 0 ) 

■fhe six electron pairs donated by six NH 3 molecules will be 
entering the hybrid orbitals formed by combining two 3 rf-orbitals 
(namely "id'^x-y^ and 3d,- orbitals), one 45 and three 4 / 7 - (i.e. 4/?,, 
4py and 4 / 7 j orbitals) orbitals. Thus the configuration of [Co(NH 3 ) 8 ]>+ 
ion will be as shown at (c). x x represents an electron pair deno¬ 
ted by each NH 3 itiolecule. The two electrons of this pair have 
opposite spins. 


(c) [Co(NlIi) 8 ]®+ ion 
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six (34)* (4*)^ (Apf hybrids hav¬ 
ing.12 electrons donated by six 
ybands, 6: NHa molecules-inner 
orbital complex 
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Evidently, since [Co(NH,)«]»+ ion has no unpaired electron, it 
should be diamagnetic. Actually this ion has been found diamag¬ 
netic. 

Here it may be noted that the d-orbitaJs used in the formation 
of octahedral hybrids (six hybrids) are from a lower shell than 
the s- and p-orbitals, since d-orbitals are 3d-orbitaIs while s- and p- 
orbitals are 4s- and 4p-orbitals i.e. for 3d-orbitals, n=3 and for 
4s- and 4/j-orbitals, n — 4{n = Principal quantum number). 
Complexes using the inner d-orbitals (which are 3d-orbitals for the 
first row transition dements) are called “inner orbital ’ complexes 
by Huggin. Thus, in general, the complexes which use two {n—l)d 
[namely (/i—l)d,* and (n—l)d,*.»*-orbitals], one nj-and three 
np-orbitals in their octahedral hybridisation scheme are the “inner 
orbital” complexes. In our present case the scheme of octahedral 
hybridisation is (3d)* (4.r) (4p)*. 

The formation of the inner-orbital (/ e., covalent) octahedral 
complexes of d*. d®, d*. d’ and d* ions of 3d-series elements on the 
basis of VBT has been explained by the scheme shown in Tabic 12-3. 
In this table (/) the electronic configuration shown at (a) is that of 
the free metal ion while that shown at (b) is that of the same metal 
ion in the complex (ii) ni and />-, are the number of unpaired elect¬ 
rons in the free metal ion and the complex respectively. (Hi) crosses 
represent the electrons donated by the ligands which have been 
denoted by L. 

It will be seen from the table that the number of unpaired 
electrons, nj, in the complex is less than that in the free-metal ion, 
i.e. «, < III in each case. It is for this reason (namely n, < ni) that 
the value of the experimental magnetic moment, for these 

complexes is less than /is value of the free metal ion calculated from 
“spin-only” formula ; 

/is—V«(«+2) B.M , 
i.e. Petf < Ms- 


(//) km. 

shown at (a) below : 


Electronic configuration 


of Co*'*' ion is 


(a) Co»-^(3d*) 

(Ground state) 


3 d 




0 

0 

0 

1 _1 



A\ 



4 * 4 p 

□ nz] 


physical measurements have shown that [CoF«l* ion has 
paramagnetic character corresponding to the presence of four un¬ 
paired electrons in 3d-orbital. Thus, to get six d*3p* hybrid orbitals 
none of the five electrons in 3d-orbitals should be disturbed but 
should be alktwed to remain unpaired as they are in the free Fe*'*' 
ion. 
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Table 12‘3. Formation of inner-orbital octahedral complexes 
{d*sp^-bonding) of </•, d*, d3, and d* ions of Sd-series 

elements on the basis of VBT. 


Inner-orlutcA octahedral complexes 
(d^sl^ hybridisation) 



That Pnf < trik is quite evident from Table 12-4. 
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TaU« 12'4. Comparison of Pu, and p% values for some 
typical inner-orbiftd oetanedral complexes. 


Inner-orbital 
complex Ion 


[Cr“ (*»),]»+ 
[Mn*^ (CN),1«- 
lMn”‘(CN),]*- 
[Fe“ 

[Fe***(pA«n)s]*+ 
ICo" (NO,),l*- 
[Co“^NH,),ls+ 


dr-eonfi- 
garatlon * 


•‘•■p {In BAi) 



In Table 12-4 dipy = 2, 2'-dipyridyi and phen = o-phenanthro- 

line. 

How 10 explain then the formation of this complex ion ? To 
explain its formation two suggestions have been put forward : 

(/) Pauling’s suggestion. 

Pauling originally suggested that in the complex ions such as 
[CoF,]*- ion the metal-ligand bonds are primarily “ionic” and not 
covalent (as in the inner-orbital complexes) and the d-electrons in the 
complex ion are, therefore, not required to pair but are allowed to 
remain unpaired just as they are in the free Co*+ Ion. Thus he as¬ 
sumed that the metal ion </-orbitals are left free to accommodate only 
the metal ion electrons and the ligand electrons are contained in 
separated orbitels located primarily on the ligand. According to him 
when electronegtrtive ligands are involved, tlw electrostatic bonding 
takes place which does not disturb the electrons of the d-orbitals. 
The-xae of the term “ionic” for such strongly paramagnetic comp¬ 
lexes was ttbandojoed, when it became known that many of such 
paramagnetic complexes such as Fe (acac)„ behave like typical 
covalent compounds 

(<V) Hoggin’s soggestioB (1937)—poter-orbital octahedral 

conqdexes 

Jo ^ount for the paramagnetic nature of the Complexes like 
BMumed that the' d-orbitals involved in the hy¬ 
bridisation process to form six Hybrid orbitals are not 3</-orbitaJs 
(as in case of inner^wbital octahedral complexes) but are 4d-orbitals 
10 that the four 3^rbital electrons remain unpaired which explain 
tils paramagnetic qharacter of (GoF,J»- ion. 
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Thus ion ctn ba cqprosnated as shown at (h) below : 

h ■ <J -t 




•ix (4»)1(4 b)* (4rf)» hybrids 
having 12 d^ronx donated 
by six ligands. Of- ; oiiter- 
orbital complex- 

Complexes such as [CoF«)*' are called “outer-orbital’’ com¬ 
plexes, since the d-orbitals involvM in (he- octahedral hybridisation 
scheme are from the same shell as the «-and /r-orbitals as is evident 
from the fact that in the present case the principal quahturn number, 
n for all the three orbitals (s-, p- and d-orbitals) being itsed in the 
formation of six hybrids is four. In general, complexes which use 
one ns-, three np-and two /t</-orbitals (ndf and orbitals) to 

form the six s^d* hybrids are called outer-orbital complexes. Thus, 
in the outer-orbital complexes of the cations derived from the ele¬ 
ments of the first row of transition series elements the </-orbitals’ are 
4</-orbitaIs while in the inner-orbital complexes of the same cations 
the <f-orbitals are Sd-oibitals. In both types of complexes ^/-orbitals 
are dt*' and dsj.ya-orbitals which are called e,-set of orbitals. 

In [Co'llp,]*- ion, the six hybrid orbitals are formed from one 
4 j-, three 4p- {i.e. 4pf, 4p-- and 4p,-orbitals) and two 4d- {i,e. 
4dx*.y* and 4</(*-orbitaIs) orbitals. 

At present it has become usual to call the “ionic complexes” 
as “outer-orbital complexes” and the “covalent complexes” as 
“inner-orbital complexes”. These two classes of complexes ar.i also 
called spin-free and spin-paired (by Nyholom),'AigA-riwn (abb -eviated 
as HS)'and low-spin (abbreviated as LS) (by Orgel) and hypo-ligated 
and hyper-ligate^(by Pauling) complexes. 

The formation of outer-orbital octahedral complexes (i.e. 
ionic complexes) of d*, d», d*, <P and ions of 3</-series elements is 
explained in Table 1 ’-5. From this table it may be ‘seen that the 
metal ion in these complexes has the same electronic configuration 
as it has in the free metal ion (i.e. ground state). Ilius, in case of 
these complexes ni—n, and consequently /*s values are comparable 
with Pm, values (Table 12-6). 

Generally it is seen that the outer-orbital complexes arc form¬ 
ed with more electronegative ligands (e g. oxygen, fluorine, etc.), 
while innn-orbital complms are formed with ugands of low elec¬ 
tronegativity {e.g. phosphorus and arsenic) especially when d-n-dit 
bonding is possible. 
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Table 12*5. Formation of outer-orbital octahedral complexes 
(sf^d*-bondlng) of eF, d*, d’ and d* ions of 
Sd-series elements on the basis of VBT. 


Outer-orbiioi octahedral complexes 
(sp^r hybridisation) 
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Table 12‘6. Comparison of and pa values for some 
outer-orbital octahedral complexes. 


Outer-orbital complexes 
ions 

d*-eonfi- 

guralion 

"1 


(/n 

Un^M) 

[Mo** (CNS),]*- 

tP 

5 

5 

592 

51 

(Mn***(acac)8]o 

d* 

4 

4 

4-90 

5-0 

[Fe** (en),]*+ 

d* 

4 

4 

4-90 

5-5 

ICo***FeJ»- 

d* 

4 

\ _ 

4 

4-90 

5J 


Following ions give both inner-and outer*orbitaI complexes : 


Mn*+, Mn*+ ; Fe*+, Fe*+ ; Co*+ and CoS+ 

Outer orbital complexes include high-spin complexes old*,<B 
and d* ions and complexes of d’, d®, d* and d*» ions. 


F.xamples of inner-and outer-orbital octahedral complexes are 
given below : 

Inner orbital complexes : d> -» [Crn^(NH,),l»+ • d* -j—* 

lCrM (GN).r-. [Mn»«(CN),f-; d» —^ {Pelll^cN-).]®-;’d« —► 
[Fe« (CN),)®-. (Col»(NO,),]*-, [Co"I(H,0),]»+, tCo(e«),]»^- 

[PflV(NH,),]«+ ; <P -► [Co« (NO,),]*-. 


Outer-orbital complexes : d»-» ICr***(H,0),]*+, 

(Cr«*(NH,),]»+ ; d*-- [Cr» 

[Mn« |FeI»(H,0). 

[Fe“(NH,),]*+;d’-► (Co*' 

[Ni” (H,0).]*+ ; d»-► [Cu** 

Example. Show that all octahedral complexes ofNi*+ mustJbe 
outer-orbital complexes. ™ 


(H,0),J*+, [Mn***(H,0),]»+ ; d» -» 

]*+ (Fe*«F,]»-; d*-►[Fe« 

*(H,0),]*+; d» -► tNi"(NH,),]*+, 

(NH,),]*+ ; dJ* [Cu* (NHj),]+ 


Solution. The electronic configuration of Ni*+ ion {3d») indi¬ 
cates that two inner d-orbitals (3d'Orbita]s) cannot be made available 
to allow d*5/;» hybridisation. However by using twcT 4d-orbitals 
jp*d* hybridisation may be possible. ’ 


[Ni** L,]*+ ion 


tni 

0 

E 

B 


□ 


4p 


E 

E 

I 

I 

□ 


t t t 

L L -t 


t* 1 

L L 


bybriditation-bBter 
orNtal octahedral complex 




m 


Nature of Metal-Ligand Bonding in Complexes 


(B) Tetraliiednil Conq^lexes (^/ 7 >.hybridisation). 

I'he formation of tetrahedral complexes can be explained by 
consid^rii g the formation of [Mn** CI4]*' complex ion. The confi¬ 
guration of Mn*'*' ion is : 





3d 


4s 

4p 

{a) Mn'+ (Sd®) 

(Grdi nd state) 

m 

0 

0 


't 

□ □ 


□ 


(n = 5) 


and that of [Mn'* CI 4 P+ ion is: 


3d 


4s 


4p 


if)) (Mn” a«]*- ion 



Four s/fi hybrids having 
eight electrons donated 
from four ligands, 4CI- 

1 he hybridisation scheme given at ( 6 ) above clearly shows the 
presence of five unpaired eletirons in [MnCU]*' ion. Experiments 
also $b(<w that this ion is paramagnetic corresponding, to five unpair¬ 
ed elecTons BM, /a,,,=5*95 BM). 

• ((^) Sqmre plaitar complexes ((»—1) os . n/>*-hybridisa- 

tion.l , . . ■ 

Ir. the formation of fourd rp*- hybrid orbitals, dn yt orbital 
should be of lower shell than the y-and p orbitals. If these four 
hybrid orbitals are in the xy-plane, the two p-orbitals involved in 
the formation of four dsp*-hybnds should be p, and p, orbitals. 

The formation of square planar coqaplexes by VBT can be 
explained by considering t|ie complexes such as lNi(CN) 4 ]*' and 

[C J (NH,)*r+. 

(i) (Nl® (CN) 4 ]*- Ion. Evidently in this complex ion Ni is pre'- 
seii^ ts Ni*+whose electronic configuration is shown at {a) given 
be’ov: .s. 


3<i 


<fl) Ni*'*' ion (3d») 

Grbund state) 
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Since the coordination number of Ni in [NiiCN) 4 l*-ion it 
can also be assumed that the complex ion is formed by ^p^-hybri- 
disation [(4r)(4p)»]. This type of hybridisation wjill give two 
uhpaired electrons to this complex ^pn and consequenUy the ion 
should be paramagnetic^ corresponding teetwd unpaired electrons 
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having /is yalne to 2*83 BM. Actually the complex ion has 
which indicates that it is diamagnetic i.e. it has no unpaired 
electron. This situation can be obtained by sending one Sclst-yi 
orbital electron to 3</i*-orbital so that all the electrons get paired 
and we get the electronic configuration of Ni*+ ion as shown at (b). 


(b) Ni*+ ion in [Ni(CN)«]*' 
(Excited state) ion 
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n t; 
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2 2 2 
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4A = 01 



Now 3</as-yt< 4s-and two 4p-orbitals (namely 4px -and 4p^ 
orbitals) on hybridising give four (3d!tt-yx) (4r) (4p*) (4p,) hybrid 
orbitals which are used in the formation of [Ni(CN) 4 ]*' ion as shown 
at (c) below; 


(c) INi(CN)4]*- 
t ion 
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X, x-y 
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Four (34^,_^i) (4 j) (4/?x) {4p,) 

hybrids having 8 electrons dona¬ 
ted by four ligands. 4-CN- iof^ 


Evidently the complex ion, [Ni(CN)«]*', has no unpaired eleo^ 
trons and the value of us should be zero. Actually the value itf 
fjex, has been found to be equal to zero. 

(if) [Cu® (NH,) 4 ]*+ ion; In this ion Cu is present as Cu*+ (3</* 
ion) whose configuration is shown at (a) given below ; 


(a) Cu*+ ion (d*) 
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Configuration of Cu*+ ion (3rf») shown af^ (o) and ^e fact that 
coordination number of Cu*+ ion in [Cu(NH 3 ) 4 ]*+ is 4 indicates that 
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it can also be foimed by jr/>*-hybridisation as shown at (b) given 
below : 


{b)\tCu** (NH|)d*+ ion accord¬ 
ing to hybridisation 
(tettahedral) 
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2 2 
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sp^ hybridisation 
(Tetrahedral) 

Now if the formation of the complex ion, [Cu(NH,) 4 ]*+ ion, is 
to be explained in terms of < 297 *-hybridisation, then the ^,*.„*-<»rbital 
shonld be vacated in the electronic configuration of Cu*+ ion shown 
as above at (a). This can be done by promoting one electron in the 
3^**-»*-orbital to 4p*-orbital and then the formation of [Cu(NH 2 hl*+ 
will be as shown at (c) given as follows : 


fe) lCu° (NHs) 4 ]*+ 
Ion according 
to dsp* hybrid¬ 
isation (square 
planar) 
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Four dsp* hybrids having eight 
electrons 
(square planar) 

^me authors suggest that the unpaired electron resides in the 
3>orbitaI as shown below : (still doubtful) 


(d) [Cu» (NH,) 4 ]*+ 

ion 
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4rp*-hybrids 
(square planar) 

Evidently both the configurations of [Cu(NH,)4]»+ shown at (b) 
vJ'T* hybridisation) and at (c) or (d) in teims of dsp^- 

nybndisalicn) have one unpaired electron and consequently the 
magnetic character of this ion cannot be used to predict the geo¬ 
metry of the ion. However, physical measurements berve indicated 
the icn existtnce of tetiabcdial gecmcijy for the icn. Now, if the 
square planar struciule for this ion is supposed to be correct, the 
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4D.-electron shown at (c) and 5s electron shown at (</) which is in 
a higher energy level would be expected to be easily lost which 
would mean that the complex ion, [Cu** (NHi) 4 ]*+, could be easily 
oxidised to [Cu*“(NH 3 ) 4 P+. but this is not so. i.e. the reaction, 
oxidisation ... 

rCu'* (NH,)«]*+ -► [Cu**‘(NHs) 4 j*+ does not occur. 

(Cu*+=‘3</») (-«-) (Cu»+-3<<») 

How to explain then the geometry of [Cu** (NHj) 4 ]*+ ion ? It 
is now suggested by Huggin that it has square planar shape corres¬ 
ponding to jp*rf-hybridisation [(4^)(4p)*(4d)- hybridisation] as shown 
at (e) below : 


(e)[Cu«(NH,) 4 ]‘+ion 
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hybrids having eight 
eicctrona from four 
: NHa molecules (ligands 
(square planar) 

This difficulty is avoided in the crystal field and molecular 
orbital theories tyhen applied to this ion. According to these theorin 
the unpaired electron is accommodated in an e^-orbital or m anti- 
bonding orbital respectively. According to the modern view the 
tCu(NHs) 4 ]*+ ion has a distorted octahedral geometry. 

Example. The magnetic moment of[MnBri]*' is 5*9 B.M. What 
is the geometry of this complex ion! 

Solution. Since the coordination number of Mn*+ion in this 
complex ion is 4, it may be either tetrahedral (sp* hybridisation) or 
square planar (dtp* hybridisation) as shown below at (b) and (c). 
^t the fact that the magnetic moment of the complex ion is 5'9 
B.M. shows that it should be tetrahedral in shape rather than 

3d 4s 4p 


(a) Mn*+ ion 
(34») 
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/sp* hybridisation—^ 
\ tetrahedral shape 
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(c) IMnBrj]"-- 
dsp* hybridisation 
square-planar 
shape 
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Limitations of VBT 


dsp* hyb'^disation—square 
plranar shape 


(i) Table 12-2 shows that (a) octahedral (rf*5p» of hybri¬ 
disation), tetrahedral {s[^ hybridisation) and. square planar (t/jp* hy¬ 
bridisation) complexes of d^, and </• ions have the same number 
of unpaired electrons and hence cannot be distinguished from each 
other merely on the basis of the number of unpaired electrons {b) 
similarly outer-orbital octahedral, and tetrahedral complexes of all 
the ions viz. to which have the same number of unpaired elec¬ 
trons cannot be distinguished from each other. 

(ii) It is firmly established that both the colour and the magne¬ 
tic moments of transition metal complexes are due to their possessing 
rf-orbital electrons. Therefore there must be a quantitative connec¬ 
tion between spectra and magnetic moment. Unfortunately this con¬ 
nection is not revealed by the VBT which does not consider the split¬ 
tings of the ^/-orbitals of the central metal ion and consequently these 
properties (i.e. magnetic and spectral properties) could not be 
explained by this theory. 


(«7) VBT does not explain the behaviour of complexes having 
<f* central ion (e.g. Ni*+, Pb*+, Au*+ etc.) in forming the expected 
S-coordinated complexes. Moreover, it is also not clear why this 
theory prefers only square planar geometry of complexes to other 
possible geometries such as tetrahedral and trigonal bipyramidal with 
co-ordination five (C.N.=5). 

(/v) VBT cannot explain why square planar complexes of Cu*+ 
ion (</• system) like ICu(NHj) 4 ]*+ are not reducing agents like inner- 
orbital octahedral complexes of Co*+ (d’ system), although in both 
the cases promotion of anon-bonding d-electron to some higher- 
energy level (presumeably to 5j level) is required. 

(v) Too much stress has been laid on the metal ion while the 
importance of ligand is not properly stressed. 

(vi) VBT cannot explain reaction rates and mechanism of 
reactions. 

CBYSTAL FIELD THEORY (CFT) 

This theory advanced by Brethe and Van Vleck was originally 
a|>plied mainly to ionic crystals and is, therefore called Crystal 
Field Theory (CFT). It was not until 1952 that Orgel popularised its 
use for Inotfanic Chemist. 
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This theory regards the ligand atoms of ionic ligands such as 
F", Cl* or CN" as negative point charge (also call^ point charges), 
and if the ligands are neutral molecules, these are regarded as point 
dipoles or simply dipoles, since such ligands are dipolar, e.g. NH 3 and 
H,0 shown below : “ 



Such ligands approach the central metal ion with negative poles 
(i.c. ends) closest to the central metal ion. Actually, even if the 
ligands are not negatively charged (i.e. neutral ligands), they are pola¬ 
rised by the positive charge of the cation and thus appear negatwely 
charged. Thus in octahedral complexes having neutral molecules as 
ligands, the central metal ion is sorrounded by dipoles. 

Here it should be clearly understood that to regard the ligand 
atoms as simply points.is a sheer formalism which is devoid of physi¬ 
cal meaning. Actually the ligand atoms are not points but are bodies 
with about the same size and structure as the metal atom itself. 
Thus, it can be said that CFT regards the ligand atoms as negative 
point charges or dipoles aligned with their most negative regions 
towards the central metal ion. This considers only those complexes 
which are having a central metal ion surrounded by the ionic or 
dipolar ligands and with partially filled d-orbitals. The theory also 
considers the effects of ligands on the energies of the d-orbitals of the 
central metal cation. 

Important Features of CFT 

(/) CFT regards a complex as a combination of a central ion 
surrounded by other ions or molecules with electrical dipoles {i.e., 
ligands). It considers these ligands as point charges or as point 
dipoles. 

(/■/) In its simplest treatment CFT does not consider covalent 
bonding in complexes, but the bonding between the metal cation and 
ligands arises from the electrostatic attraction between the nucleus of 
the metal cation and the partial negative charge invariably present 
on the ligands. The interaction between the electrons of cation and 
those of the ligands is entirely repulsive. 'It is these repulsive forces 
that are responsible for causing the splitting of the d-orbitals of the 
metal cation. The bonds between the metal and the surrounding' 
ligands are thus purely ionic. 

(Hi) The CFT does not provide for electrons to enter the,metal 
orbitals. Thus the metal ion the lipands do not mix their Orbitals 
or share electrons i.e., it docs not otm^dw aqy oi^ital overlap. 
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(jV) CFT gives a representation of bonding that is purely an 
electrostatic or coulombic interaction between positively charged 

cation) and negatively charged {i.e., anions or dipole molecules 
which act as ligands) species. Complexes are thus presumed to form 
when centrally situated cations electrically attract ligands which may 
be either anions or dipole molecules. The attraction between the 
cations and the ligands is because the cations are positively charged 
and the anions are negatively charged and the dipole molecules, as 
well, can otfer their negatively incremented ends for such electrostatic 
attractions. 

Crystal ^ield Splitting of d-Orbitals 

We shall confine our attention to the splitting of <f-orbitals in 
octahpdral, tetragonal, square planar and tetrahedral complexes. 

(A) Splitting of d-orbitals in octahedral complexes. 

On the basis of the orientation of the lobes of the five-rf-orbi- 
tals with respect to coordinates these have been divided into two 
groups: 

(i) This group has the orbitals which have their lobes along the 
axes and hence are called axial orbitals. Quite obviously these are 
d^ and dj^^^ orbitals. Group theory calls these e, orbitals in 
which e refers to doubly degenerate set. 

(ii) This group includes the orbitals whose lobes lie between the 
axesi and are called non-axial orbitals. Group theory calls these r. 
orbitals wherein t refers to triply degenerate set. 

In case of free metal ion all the five </*orbita1$ are degenerate, 
i.c.'these have the same energy. Now let us consider an octahedral 
complex, [MUj"+ in which the central metal ‘cation, M"+ is placed 
at the centre of the octahedron and is surrounded by six ligands 
which reside at the six corners of the octahedron as shown in Fig. 
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The three ax« viz.x-,y-^ and z-axcs which point aione the 
corners have also been shown. 
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Now suppose both the ligands on. each of the three axes are 
allotv^ to approach towards the metal cation, M"'*' from both the 






</y, orbital 

Fig. 12-3. Six ligands approaching the d^y, dy, and dy, 
orbitals {ttg self aioDg tbie x, y and z axes in 
an octahedral complex 

endboflfae axes. In this procesg the electrons in rZ-orbitaJs of the 
metal cati<m are lepelled by nqi^ive point dBuige or by the negative 
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end of the difx^le of the ligands. (Remember CFT regards the ionic 
hgMds as negative point charges and neutral ligands as dipoles) 
This repulsion will raise the energy of all the five d-orbitals. ^If ali 

fmm are at an equal distance 

‘’'® ^/-orbitals (i.e the ligand field is spherically sym- 
^trical), the energy of each of five </-orbitals will raise by the same 
fh^v n 'h' “ ^.orbitals will still remain degenerate, although 
they will have now higher energy than before. This is only a hypo¬ 
thetical situation. Since the lobes of ihe two e, orbitals (i.e. d,% ^d 

approaching ligands (see 

**• </« orbitals) 

y^ hose lobes are directed in space between the path of the approaching 
//gort</j(jee Fig. 12-3) the energy of e, orbitals is increafed while 
that of r», 1$ decreased (Remember greater is the repulsion grater 
the increase in energy). Thus we find that under the influfnee of 
approaching ligands the five </-orbitals which were originally degene¬ 
rate in the free metallic cation are now split (or resolved) into two 
which , is triply deVeVate andis^XS 
energy and (/I) e* level which is doubly degenerate and is of higher 
energy (see Fig. 12 4). In other words the degeneracy of the fiv^e d- 
orbitals IS removed under the influence of the ligands. The separation 
of five d-orbualsofthe metal ion into two sets having different energies 
M ca//e</ tOTstal field splitting or energy level splitting. This confept 
of crytal ^eld splitting makes the basis of CFT 

sets is denoted by ^0 or 
10 Dq where o in indicates an octahedral arrangement ^ the 
hgands round the central metal cation. This energy difference arises 
because of the difference in electrostatic field exerted by the 
ligands on r„ and e, sets of orbitals of the central metal cation. 
Ao or 10 Dq is called crystal field splitting energy. With the help of 
simile geo^try it can be shown that the energy of r„ orbital % 
^ Ao t —4 Dq) few than that of hypothetical degenerate <f-orbitals 
(No splitting state shown by dotted line in Fig. 12-4) and. hence that 
of c, orbitals is Oj6 Ao(=6 Dq) above that of the hypothetical degene- 
rate rf-orbitels. Thus, we find that set loses an energy equal to 

? ® energy equal to 0-6 A 

;"P'gJ2-4the loss and gain in energies of and el 
orbitals is shown by negative and positive signs respectively. " 

^mpl CTt a^ d-orbltals in tetragonal, square planar and tetrahedral 

\ 

If the two traiu ligands lying on the z-axis of an octahedron are 
moved away from the central cation so that their distance from the 
metal cation is slightly greater than it is for the other four ligands 
lying in the xy plane, we get a tetragonally distorted octahedron Such 
a structure is called tetragonal structure. " 

In order to consider the splitting of d orbitals in tetragonal 
structure, it is convenient to start with the splitting in octahedral 
complexes. In a tetragonal geometry since the distance of the two 
ligands on z-aais is increased from the central metal cation by remov¬ 
ing them away, d-orbitals along the z-azis (le. d^ orbi^ and in xx 
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irbilaU at a higher energy level under aphencally ayminemcai ligai 
*^1116 irfuence of aw>roaching liganda into and 
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(i.e. dxt) and yz (i.e. d^t) planes experience less repulsion from the 
ligands than they do in an octahedral geometry and those in the xy 
plane {i e. dxy and dx*-y* orbitals) experience relatively greater repul¬ 
sion. Consequently the energy of the orbitals experiencing less repul¬ 
sion decreases while that of the orbitals experiencing greater 
repulsion increases (see Fig. 12 5). 

Note that d„ and dy, orbitals are degenerate. Thus under the 
influence of the ligands in tetragonal complex the order of energy of 
various </-orbitals is : 

dyt—dtx < dxy < d^i < d^i_yi 

If the two trans ligands on the z-axis are completely removed, 
we get a square planar geometry. This is accompanied by a further 
rise in the energies of dj^i_yt and d,y orbitals and a further fall in the 
energies of and <4, orbitals as shown in Fig. 12 5. Thus in 

square planar geometry the order of energy of different rf-orbitals 
is ; 

dyt = dgx <. d2i < dxy 

From this order we can see that planar complexes of d’’, and 
d® (the only ones at present known) should have 1, 0 and 1 unpaired 
electrons respectively. The crystal field splitting in square planar 
complex is denoted by A-i- which represents the total square planar 
splitting from the lowest d,,, dy, pair to the highest and is 

given by „ , . 

= [E(dj^.t_vi )—E(dr„)]-l-[E(d,,)—E(djt )] 

“f —E(d,*, d|^i)] 


5= /\l "4" /\% 

The value of A.p has been found larger than Ao because of the 
reason that d„- and d^i-orbitals interact with only two ligands in the 
square planar complexes,' while in octahedral complexes the inter¬ 
action takes place only with four ligands. Li»p has been found equal 

to 1-3 Ao- Thus; . . ^ a 

A»»>'=(Ai+A t+As) > Ao 

In order to un^er^stand the splitting of d-orbitals in tetrahedral 
complexes it is convenient to picture a tetrahedron placed inside a 
cube ( 5 ce Fig. 12-6). We may note from this Fig. that the four nega¬ 
tive ligands (represented by circles with negative signs) placed at the 
four corners of the tetrahedron are located at the four corners of the 
cube Thus these four ligands are lying between the three axes viz. x, 
V and z axes which protrude from the centres of the six faces of the 
cube and thus go through the centre of the cube. Now since the 
lobes of ft/ orbitals (</,„, dy, and d„) are lying between the axes. i.e. 
are lying directly in the path of the ligands, these orbitals will ex¬ 
perience greater force of repulsion from the ligands than those of e, 
orbitals and d^^_yl ) whose lobes are lying along the axes, i.e. 
are lying in space between the ligands. Thus the energy of fj, orbi¬ 
tals will be increased while that of c, orbitals will be decreased. 
Consequently the d orbitals are again split into two sets as shown in 
Fig 12*5 from which it may be seen that the order of energy of t,, 
and e, sets is the reverse of that seen in octahedral complexes. 
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The energy difference between tz, and e^-sets for tetrahedral 
complex is represented as 1* has been shown that 

Ai < Ao» 

the cause of which is that ti^-orbitals, although now closest to the 
ligands, do not point directly at the ligands i.e. in an octahedral com¬ 
plex there is a ligand along each axis and in a tetrahedral complex, 
no ligand lies directly along any axis. For this reason and also 
because there are only four ligands in the tetrahedral complex, while 
in an octahedral complex there are six ligands, the tetrahedral orbital 
splitting, /\t is less than for the same metal and ligands and 
the same internuclear distances. 

It has been shown that ^t=0-45 Ao 

Thus the energy level of the /i«-set is raised by 0-4 A«=0'18 Ao 
while that of e„-set is lowered by 0 6 At=0'27Ao- The relation 
namely A«=0-45 also shows that, other things being about equal, 
the crystal field splitting in a tetrahedral complex will be about half 
the magnitude of that in an octahedral complex. Since A( is rela¬ 
tively small orbital splitting, spin-pairing in tetrahedral complexes is 
rather unlikely. 

Since < Ao. crystal field splitting favours the formation of 
octahedral complexes. f 

Factors influencing the magnitnde of Ao / 

A mass of experimental data show /hat the magnitude of A* 
depends on the following factors : / 

1. Nature of the metal cation v / 

The influence of this factor can m studied under the following 
four headings : 



Fig. 12-6. A tetrahedron placed in a cube. The 
centre of the cube is the centre of the 
tetrahedron at which is placed central 
nwiallic cation. M"+. Four corners of the 
cube are the four comers oMhe tetra¬ 
hedron at which are placed^he four 
negative ligands which have been shown 
by circles with negative signs. 

(/) Different charges on the cation of the same metal. The 
cations from atoms of the same transition series and having the same 
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oxidation state have almost the same value of but the cation with 
a higher oxidation state has a larger value of Ao than that with 
lower oxklation state, e.g., 

(a) A. for [Fe» (H,0),]*+= 10,400 cm'i. 

Ao for [Fe”' (H,0),]»+=13,700 cm-».3d* 

(A) Ao for [Co” (H,0),]» = 9.JtiO cm-».3<r 

Ao for [Co”‘(H,0),]»+= 18,200 cm *. 3d* 

This effect is probably due to the fact that the central ion with 
higher oxidation state (i.e. with higher charge) will polarise the 
ligands more effectively and thus the ligands would approach such a 
cation more closely than they can do the cation of lower oxidation 
state, resting in larger splitting. 

(HY Different charges on the cation of different metals. Two 
different cations having the same number of d-electrons and the same 
geometry of the complex but with different charge can also he com¬ 
pared. The cation with a higher oxidation state has a larger value 
of As than that with a lower oxidation state. For example, the 
behaviour towards the same ligand of V (II) and Cr (III), which are 
both ip ions can be compared. It is observed that the value of Ao 
in [V” (H,0)*1*^- is less than that in [Cr”* (HtO),l*+, as is shown 
below: 

Ao for [V** (H,0)4*+= 12,400 cm'i.3d* 

and Ao for [Cr”* (H,0).l»+=17,400 cm'i.3d» 

This fact can be explained in terms of the charge on the cation. 
The Cr*+ ion, which has greater positive charge than V*+ ion, exerts 
a greater attraction for water molecules (ligands) than does the 
ion. Hence the water molecules approach the Cr*-*- ion more close!) 
than they approach the V*-^ ion and so exert a stronger crystal field 
effect on thp d-electrons of Cr*+ ion. 

(ill) * Same charges on the cation but the number of d-electrons 
is different. In case of complexes having the cations with the same 
charges but with different number of d-electrons in the central metal 
cation the magnitude of Ao decreases with the increase of the 
number of d-clectrons, e.g. 

Ao for [Co” (H,0),p+=.9,300 cm- ‘.SiT 

Ao for [Ni*‘ (H,0),P+=8,500 cm->.3d* 

From the combinat^ of (t). {ii) and (iii) mentioned above it 
can be concluded that («) for the complexes having the same 
geometry and the same ligands but having different number of d- 
electrons, the magnitude of Ao decreases with the increase of the 
number of d-electrons in the central metal cation (No. of d-electrons 

a —^ ) (A) In case of complexes having the same number of d-elec- 

lIo / 

XTon%,i\\e magnitude of „ increases with the increase of the charges 
{i e. oxidation state) on. the central metal cation (oxidation state a Ao)- 
(;v) Quantum number (n) of the d-orbitals of the central metal 
ion. A* increases about 30% to 50% from 3d" to 4d" and by about 
the same amount again from 4d" to 5d" complexes; e.g.^^ 
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for tCo“* (NH,),f+=23,000 cm *. Id* 

A. for [Rh*U (NH,),]*+=34,000 cm-*.4rf» 

A. for {lr“* (NH,),]»+=41,000 cm'*. Sd* 

Presumably the 5d and 4d valence orbitals of the centraf ion 
are better than the 3</-orbitals in v-bonding with the ligands. 

2. Strong(er) and WeBk(cr) Ligands and Spectrochenkal 
Series. 

The magnitude df A« .varies from strong(er) to weaic(er) 
ligands. Strong (er) ligands are those which exert a strong (er) held 
on the central metal ion and hence have higher splitting power 
while the weak (er) ligands are those which have a weak(er) field 
on the central metal cation and consequently relatively lower splitting 
power. Thus strong (er) ligands {e.g. CN') give larger value of 
and weak (er) ligands {e.g. F') yield a smaller value of {see Fig. 
12-7). 
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Splitiinc of <f-orbUals Five degenerate Splitting of 4-orbitals ic 
in presence of weak(er) d-orbital» in the presence of stroi’.g (er) 
ligands (e.g. F') free metal ion. ligands (e.g. CN') 

Fig. 12-7. CFT splitting of five i-otbltals in strong (er) and weak (er) 
octahedral field (diagram drawn not to scakk). 

Fig. 12-7 shows that not only which represents the energy 
difference between the and e,-sets of orbitals, is smaller in the 
weak (er) field complex than in the strong (er) field, but also that 
both the t„ and e,-levels of the weak (er) field are correspondingly 
closer to the level of the degenerate five d-orbitals of thjs free isolated 
metallic ion than are those, respectively, of the strong (er) field. 

The common ligands can be arranged in the order of their 
increasing splitting power to cause d-orbitals splitting. Tills series 
is called spectrochcniical scries and is given below : 


1- < Br' < Cl- ~ SCN- ^ N,- < (C,H,0), PS,- < F' < 
(NH,),CO < OH- < QO,*- H,0 < NCS- H- <5 CN* 

<NH,CH,CO,-<NH, C,H»N<en ~ SO,*- < NH,OH < NO,- 
< phen <H- < CH-, <CN-, CO. (The binding atoms are iq tlnck 
type and two positions have been given for H" iony. 

This series shows that the value, of A« *“ series also 
increases in the same order, l.e. from left to right. 
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The order of held itrength of the common ligands shown above 
is, in fact, independent of the nature of the central metal ion and 
the geometry of the complex. 

The increase in the value of A* o" proceeding from 'left to 
right in the spectro-chemical series is quite evident from the values 
of for some octahedral complexes given in Table 12-7 which 

clearly shows that since on proceeding from 6Br' -- 3 en the 

field strength of the ligands increases, the value of /\o also corres¬ 
pondingly increases. 

Table 12-7. values (i.e. energy difference between ttg and 
e, levels) in em’^for some octahedral complexes (Ao values 
in thick type are for iow-spin octahedrai complexes). 


Ligands -► 6 Br" < 6 Cl' < 6 HjO < 6 NHj < 3 en 

-Field strength increasing- 


Metal Ion 


Ni (lit 7,000 cm-i < 7,200 crn'i < 8500 em't < 10.800 cm * < 11,500 em t 
Cr(lll) j — 13.800 < 17,400 < 21,600 <21,900 

Co (III) ' — — 1*,200 < 23,000 < 23,200 

Rh (111) 19,000 < 20,300 < 27,000 < 34,100 < 34,600 

j_Ao values (In cm *) also increasing- » 


Example. Which complex of the following pairs has the larger 
value of Ao (0 lCo”‘ (CN,]»- and [Co'» (NH,),]»+ (ii) [Col'‘ 
(NH,)of + and (Co”' F.p* {Hi) [Co'” (H,0),]»^ and [Rh*»(H,0),]>^ 
(iv) [Co and [Co”»(H,0),J»+ ? 

Solution, (i) Since CN" is stronger than NHj (i.e. CN' ion 
has greater field strength than NH,), Ac for [Co(CN),]»' is greater 

than Ao f"^ 

(ii) [Co ion has greater value of Ao than that for 

[CoF,]»-. 

(Hi) Rh is a member of 4J-series while Co is a member of 3d- 
series. Thus principal quantum number, n, for Rh is greater than 
that of Co and consequently Ac for [Rh(H,Oe)]*+ is greater. 

(iV) The charge on Co in [Co{H»0)»P+ is higher than that on 
Co in [Co(H|0),J*+. Thus Ao for [Co(HsO),]*+ is higher. 

3. Geometry of the complex. 

We have already seen that with the change of the geometry of 
the complex the value of A also changes. It has already been seen 
that , 

A.o > Ao > Ar 
1-3 Ao Ao 0-45 Ao 
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Distribution of d-electrons in ttg and eg orbitals in octahedral 
complexes y 

The distribution of ^/-electrons in Ug and e, orbitals takes place 
on the bdrisybf the nature of the ligands, /.«. whether the ligands 
are weak or strong (er). Thus two cases arise. 

(i) When the ligands are weak (er) 

We have seen that under the influence of weak (er) ligands the 
energy difference, Ao between r,« and c, sets is relatively small and 
hence all the flveV-orbitals of these two sets may be supposed to be 
degenerate, i.e. in presence of weak (er) ligands all the <f>orbitals have 
the same energy and consequently the distribution of </-electrons in 
ttf and eg sets takes place according to Hand's rule which states that 
electrons will pair up only when each of the five d-orbitals is at least 
singly filled. Thus in weak (er) field the first three electrons number¬ 
ed as 1, 2, 3 go to r,,-level, those numbered as 4 and 5 (two elec¬ 
trons) go to e,-set, those numbered as 6, 7, 8 (three electrons) go to 
t-gset and the remaining two electrons numbered as 9 and 10 will 
occupy fj-set. This can be shown as : 

fj, 2. 3 -, g/. 5-» 6,7.8-, g^9 ,10 („g Table 12-8). 

As an example, if we consider the octahedral complex viz. 
[CoFs]*- which contains weak (er) ligands, the distribution of six 

</-electrons of Co»+ ion (Co»+ -► 3d*) in r„ and e, sets will be 

fo/ e.,* (see Fig. 12-8 (a)]. The complexes like [CoF,]** which contain 
weak (cr) ligands are called weak field or low fieW complexes. 

In the formation of such complexes Ao < P ^here P=average 
(or mean) pairing energy which is the energy required to pair two 
electrons in the same orbital, and Ao‘°<’Ctahedral crystal field 
splitting energy. Ao tends to force as many electrons to set 
while P tends to prevent the electrons to pair in the tgg level. 

(ii) When the ligands are strong (er). 

In octahedral complexes containing strong (er) ligands distri- 
bution of t/-electrons in r*, and eg sets does not obey Hand's rule. 
Thus in strong (er) field the first six electrons numbered as 1, 2, 3, 4, 
5 and 6 will go to fjg-set and the remaining four electrons numbered 
as 7, 8, 9, and 10 enter Cj-set. This can be shown as ; 

ttg^’ *’ *table 12-8). 

Consider the distribution of six d-electrons of Co*+ ion 

(Co3+-► 3d*) in the complex ion, [Co(NH3)*]®+which contains 

strong (er) ligands. Quite obviously this distribution is e,^ 
[see Fig. 12-8 (6)]. Complexes like [Co(NHs),]*+ which contain 
strong (er) ligands are called strong field or high field complexes. 

For these complexes Ao > P. 
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d-orbitals in weak(er) Degenerate five <i-orbitaIs under slrong'er) 
ligand field (Hund’a rule ornitals of Co*'*' ligand field (Hand’s rule is 
it followed), [CoF»]*" ion (Co*+:—*3(/*) not followed), [Co(NH»)(i]®+ 
(/»»*<»*) (weak-field under no ligand (strong.field complex) 

complex). field (Huod’srule 

(e) is applied) (b) 

Fig- 12‘8- Formation of [CoF»l®" which contains weak(er) ligands 
(/.e-, weak field complex) and (Co(NH 3 )s]*+ which contains sirung(er) 
ligands (i-e. strong-field complex). 

Tabic 12'8. Distribution of d-electrons in ttg- and Cf-sets 
in strong (er) and weak (er) octahedral ligand fields. 
n=:No. of unpaired electrons <• 


S^Resultant spin=\xn 
p+q^x—I, 2, 3 . 8, 9 or 10 



d* Cf* 1 1/2 I 1 


<#• %• «|^ 2 1 I tfP 2 
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Table 12-8 in which the distribution of various ^-electrons of 
the ^ntral metal cation in strong (er) and weak (er) octahedral 
ligand field is shown discloses the followina facts ; 

M ‘he ligand field Is strong (er) or weak (cr), for rfi 

3* and a* configurations, the electrons go to the lower enerev /.»-level 
(more stable), for d*, d» and r/*® configurations, the first six electrons 
go to the tj.,-level and the remaining two (in case of </» ion) three 
(in case of </* ion) and four (in c,xse of </'•• ion) electrons occupy the 
f,-level. Thus, ilie distribution of -dectrons of./', d\ d*, d^ d* and 
</'® configuratioas m and e.,-levels for both strong (er) and 
weak (er) octahedral liganc field is the same. 

.._ ol ‘I*. </* and eP configurations theire is a 

li^n'd"field" ^iTangemenf of electrons in weak(er) and strong(er) 

,("') Number of unpaired electrons («)_high spin and low-spin 
complexes. Weak-field complexes of d*, tp, d^ and ions have 
greater number of unpaired electrons (n) titan those of (same ions) 

^ ® of resultant 

spin (S). It IS for this reason that the weak-field and strong-field 
complexes are also called spin-free or high-spin (abbreviated as HS) 

° n r complexes respectively. Recall 

^ complexes as ionic (Pauling) or outer- 

orb,tal (Huggin)and covalent (Pauling) or inner-orbit^ (Hugein\ 
complexes respectively. 

Different names used for octahedral complexes bv different 

theories such as VBT, CFT and LFT (Ligand neWTTieJrr-fi^te 

discussed later on) are summarised below. Note that the names 

given in the first column are equivalent to each other (Le. convev 

the same meani^). Similarly those given in the second column 

who*hn‘''“ parenthes contain the names of the chemSte 

who have used these names. wucunsis 


Theory 

Names used for complexes j 

VBT 

Outer-orbital (Huggin), ionic 
(Pauling) 

I(4r) (4 p)» (4d)2 hybridisation] 

[(3d) (4*) (^)* hybridisation] 

CFT and 

LFT 

Spin-free (Nyholom)), Low-field 
or weak-field (Brptbeand Vanv- 
leck'. High-spin (Ofgel), 
Hypo-ligaied (Pauling) 

Spin-paired (Nyholom), High- 
field or wrong-field (Brethe Ind 
Vanvleck), Low-spin (Orgel). 
Hyper-ligated (Pauling) 


The number of unpaired electrons (i.e. tl 
tant spin, S) in the cases namely d^ to and 


<7® to <P® is the I 
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in both the fields, and it is due to this reason for these con¬ 
figurations the question of the formation ot HS- and LS-complews 
does not arise. The question does arise for the system d to (T. 

The paramagnetism of HS-complexes is larger than that ot 
LS-complexes. since, as is evident from Tables 12-8, HS-complexes 
have more unpaired electrons (i.e. larger value of S) than the LS- 
complexes (i.e. smaller vatiie of S). 

Examples of some HS- and LS- octahedral complexes arc given 
in Table 12-9. In this table the value of P (in cm'*) of the central 
metal ion of the corresponding complex determined from spectro¬ 
scopic data and that of A. (in cm'*) for the complexes arc a so 
listed. From this table it may be seen that the spin-state of the 
complexes predicted by CFT is the same as that ob^rved experi¬ 
mentally. In every case where A» < HS-complex is formed 
and in case where Ao > '' LS-complex is formed. 


Table 12-9. Examples of some LS- and HS- Octahedral 
complexes 


1 


Value of 

P 

(cm-*) 

Value of 
Ao 
(cm ') 

1 

spin-stale \ 

1 

Relative 

<1* con- 
figuration 

Examples of 
complexes 

Predi¬ 
cted by 
CFT 

Observed 

experi¬ 

mentally 

magnitudes 

aiif 

d* 

(Cr(H,0),l*+ 

23,500 

13,900 

HS 

HS 

Ao < P 

(Mn(H*0),]»+ 

28,000 

21,000 

HS 

HS 

Ao < P 

(P 

[Mh(HiO),l*+ 

25,500 

7,800 

HS 

HS 

Ao < P 

(Fe(H,0)«P+ 

30,000 

13,700 

HS 

HS 

Aq ^ P 


tFc(H,0),l*+ 

17.600 

10,400 

HS 

HS 

Aq ^ P 


[Fc(CN),]*' 

17,600 

33.000 

LS 

LS 

Ao > P 

<#• 

[Co(NH»)«l»+ 

21,000 

23fiOQ 

LS 

LS 

, Ao > P 


lCoF,]»' 

21,000 

13.000 

HS 

HS 

Ao < P 

(P 

ICo(H20)J*+ 

22,500 

9.300 

1 

HS 

HS 

Ao < P 


VvaaaAe For Mn»+ ion, the electron pairing energy, P is 
about im-L A- values for the complexes [Mn(H*0).r 

Ind [MiN).l»- are 21,000 cm'> and 38.500 cm'* respectively. ^ 
Sesi compl«£ have high-spin or low-spin configurations ? Also 
write down the configurations corresponding to these states. 
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Solution. For the complex ion, [Mn(H*0)*]*-*-, since P > / « 
(P=28,000 cm"* and ^«=21,000 cm'*), this complex ion is a high- 
spin complex and its configuration is ti,* e«*. Note that Mn®"- ion 
is d* system. 

For the complex ion, ]Mn (CN)*]®', since P < (P=r28,00() 

cm- * and ^^ 0 =38,500 cm-*), the complex is a low-spin complex and 
its configuration is r,/ ef. 

Example (ii). Given the following three conditions with 
respect to the magnitudes of a-nd P for an octahedral complex, 
(1) Ao > P (2) Ao=P (3) Ao < P» predict the spin states for the 
following types of ions : (a) d* (b) d* (c) d*. 

Example (Hi). Give the number of unpaired electrons for the 
fbllowing complexes : 

(a) [Vl» F.p- (b) (Fe» (CN),]*' (c) [Fe«» (CN),]®- 

(d) [Rh”' Cl,]®- 

Solution. (a) In [VF«]®' vanadium is present as V*->- ion which 
is a 3</* system. Thus, in this case the question of the formation of 
HS- or LS- complex does not arise and the distribution of two 3d 
electrons in and e„-scts is as : 

(3d^) -> i 2 g e^o, which gives the number of unpaired elec 

trons, n, equal to two, i.e. n = 2. 

(b) In [Fe(CN)g]*' ion, Fe is present as Fc*+with 3</« configu¬ 
ration. Since CN* ion is a strong ligand. (Fc(CN),(* - ion is a LS- 
complex and hence the distribution of six 3</-electrons in r»,- and 
eg-sets is as : 

Fe»+ (3d*) - > /„• ef>, giving /i=0. 

(c) In this case : 

Fc*+ (3dS) —» /,,» e,*, giving «=1 

(d) Cl- ion is a weak ligand. Thus [RhCI,]»- is a HS-complex 

and consequently > 

Rh*+ (4rf*) -» ttg* eg*, giving n=4. 

Distribution of d-electrons in t,, and e, orbitals in tetrahedral 
complexes. 

The distribution of </-eIectron$ in the r*,-and e,- levels in a 
central ion surrounded by tetrahedral ligands exerting weak fer) and 
strong (er) fields is shown in Table 12-10. ' ' 

Table 1210 shows that HS-and LS-complex may be formed 
by d®, and </• ions, but, in fact, LS-complexes are extremely 
rare, and, possibly non-existent. ReCl« is diamagnetic which 
suggests no paired electrons in it, but the geometrical s^pe of the 
complex has not been established. 
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' Table 12-10. Distribution of d-electrons in weak (er) and 
strong {er) tetrahedral ligand field. (n=*number of 
unpaired electrons). 

The sum (p+q) is equal to the number of electrons in the <f-oibitals of 
the metal ion, l.e. (p+?)=Jr=l, 2, 3.8,9, or 10. 


i 

eon^ 

Weak field {HS-eomptexes) 

Strong Field (LS-emnplexes) 

j figuration 

1 

tig* eg* configuration 

B 

tig* eg* configuration 

n 



1 

tvfi eg* 

1 

d* 

tig^eg* 

2 

tt/>eg* 

2 

1 

W 

2 

tie* eg* 

B 


ttg*e^ 

n 

tt^eg* 

D 

! ^ 


B 

tig* eg* 

1 

! d* 

j 

W 

B 

w 

2 

1 d' 

tig* eg* 

3 

tig* eg* 

3 

1 d» 

lu*eg* 

2 

tig* eg* 

2 

1 d» 

•u'eg* 

1 

ttf eg* 

1 

i JU 

i 


B 

tig* eg* 

B 


Some Applications of CFT 
( 1) Colour of transition metal complexes. 

One of the major successes of the CFT is that it can provide 
an explanation for the observed colours of transition metal com¬ 
plexes. 

When white light is allowed to full on a complex, the following 
things may occur ; 

(i) The complex may absorb the whole of white light. In this 
case complex appears black. 

(if) The complex may reflect (or transmit) the whole light. In 
this case it appears white. 

(Hi) The complex may absorb some of it and may reflect (or 
transmit) the remaining light. In this case the complex has some 
colour, i.e. it is coloured. The absorption of light by the coloured 
complexes takes place in the visible region of the spectrum which 
extends from 40(X)A® to 7000A® in wavelength. The colour of 
the absorbed light is different from 4hat, of the transmitted light. 
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relation between the colours of the absorbed and reflected light 
is shown in Fig. 12-9. The colour of the transmitted light is called 
the complementary colour of that of the absorbed light and is. in 
fact, the colour of the comple.x. 

Thus: 

(/) Hydrated cupric sulphate containing {Cu(H20)4]*+ ions is 
blue (colour of the transmitted light) because it absorbs yellow light. 

(/■/) Cuprammonium sulphate containing {Cu(NH.,),]-+• ions is 
violet, because it absorb.s yellow green light. 

(/u) [TilHiOlsP^ absorbs grmt light in the visible region and 
hence it is purple which is the colour of the transmitted light. 

The complex ions which absorb light in the infra-red (A > 
7000 A“) Of ultra-violet (A < 4000 A“) regions of the spectrum are 
colourless, e.g., (/) anhydrous cupric sulphate is colourless, since it 
absorbs light in the infra-red region. (//) (Cu (CN) 4 }*' ion absorbs 
light in the ultra-violet region and hence is colourless. 

High-Decreasing Energy-^Low 


Colour 1 
absorbed] 

Bi... Green- Blue- L,_ 

® *** 1 blue green 

1 ' 1 

Ycllow- 

green 

Yellow 

1 

Orange 

Red 

Wave ■ 


• : i • 





length 







of the 
ab¬ 

-4000 A 4330 4800 4900 5000 5600 5800 5900 6050 7000 

sorbed 







light , 








Low— 

-Increasing wavelength- 

— 

-+Hig 

h 


Colour 
trantmi- 
lied (ob¬ 
served or 
reflected) > 
which is 
the col¬ 
our of the 
complex 


Yellow-] 

green 


Yellow Orange; Red 


Red 

Purple! Violet 

Blue 

Oreenj 


' 


1 


Blue- 

green 


Fig; 12-9. Relation between ih«; colours of the absorbed light 
(Visible spectrum) and those of the transmitted light. 


With the help of visible- , absorption spgctiym ot axonqtlM ion 
i.t is possible to predict the-'colour of the stnnpkx. For examplfl 
ITiXHiO),t*+^iQn shows absorption maximji at a wavelengUi of about 
-^OdOA“ ifflg. 12*10) which corKsponds to the wane nupber, 
-= 20Qp0.cin-*-as shown below : 
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Since 1 A°s=10 * cm, wave length, A=5000 A=5000x 10'® cm. 

Consequently wave number, 

1_,_1__ 

'* A (^iti cm) 500bxi0'*cm 

— r- V^ -T-cm * = 0-2x 10® cm * 

5x 10'® 

= 20000 cm-* 

Light of thi's^wavelengih (= 5000 A) is green (see Fig. 12-9) and 
is absorbed by the complex ion. 1 hus the transmitted light is purple 
which is, in fact, the colour of the ion. 


o 

O 

O 

jO 

CJ 

k 

c 

o 

s 


(enqht A (in A*) ^ 

C^t^OO 4000 5000 

r i 


- \ X 

Absor-cf i 

V/T 

sf A-5000A 

1 



50000 20000 tcoco 


t'^iX 

pCOCm’) 


.Frequency in 'fjove 

numbt’i, i/(incm*') dccrc liiUiiq-►- 


Fig. 12-10. Visible absorption spectrum of ITi *** lH20),)*-t- 
ion. Peak of the curve shows the 
maximuin absorption 


Now let us see what happens to the single d-electron of Ti*-^ 

ion in f*, orbital (Ti»+-» fs«*A®), when the complex ion absorbs 

light in the visible region at 5000 A. The energy (in Kcal/mole) asso¬ 
ciated with this absorbed light of wave number, y of 20000 cm-* is 
equal to 20000x2-85 x 10'* — 57 Kcal/mole, since 1 cm'* =. 2-85 x 
lO'* Kcal/mole. 

This energy («= 57 Kcalories/mole) is equal to the energy differ¬ 
ence, Ao between r„ and e, levels and hence is sufficient to excite 
the single d-electron in orbital to e, orbital. This type of electro¬ 
nic transition from /*, to e, level is called d-d or ligand field transition 
and is shown in Fig. 12-11. 

Thus the colour of [Ti(H,0),]**- is attributed to d-d electro¬ 
transition. 
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Light absorbed^ 

X=5000A‘’and^ Ao = E = 57 K cator.es/mole 
E = 57 K calories/mole 



Ground state of 


rn(HsO),i»+ 

(V r,«) 


Excited state of 
(TI(H,0),T»+ 

('iff® c,*) 


Fig. I2'll. Absorption of light by [Ti"* (HsO)*]*^ ion involving 
a shift of an electron from ttg level to Cy level. This 

transition :—» 'jn® Cff*. gives the |Ti’'* 

(H»0),p+ ion its purple colour. 


(I) Nam^r of unpaired electrons and magnetic properties of octahedral 
complex^ 

CFT is helpful in determining the number of unpaired electrons 
in a given HS- and LS-octahedral comple x, and consequently, with 
the help of “spin-only” formula, Hs == Vn(n+2) BM, we can find 
the value of “spin-only” moment, its, of a given HS- and LS-octa- 
hedral complex. 

Value of Its calculated from the spin-only formula given above 
and those of itj and its+u calculated from the following equations for 
HS-octahedraJ complexes of some of the di- and trivalent ions of the 
3</-series elements are given in Table 12-11. 

fij = g V J (J+l) BM 

where g which is Lande splitting factor is given by 

__ I I I)-+-S(S-|-1)—L(L-l-l) 

* 2J(J+1) 

FS+L = ■\/4S(S-|-l)-|-L(L-(-1) BM 

Table 1Z’12 contains its values for LS-octahedral complexes. 

For comparison, values of magnetic moment found experi¬ 
mentally (i.e. ftttf values) are also included in both the tables. 

Tables 12*11 and 12-12 make the following points clear : (In 
these tables rti indicates the number of unpaired electrons in the free 
metal ion and represents those in the (.metal ion when it is com- 
plexed). ■ 

(i) According to crystal field theory of complex compounds, 
since the number of unpaired electrons in the central metal ion with 
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d* to d' configuration (i.e. d*, (P", d* and d' configurations) in high- 
spin and low-spin octahedral complexes is different (see Table 12-8), 
the values of fo*" these ions in HS- and LS-complcxes are also 
different. 

(ii) For many of the ions of the series, particularly for the 
first half of the series, /xj values for the HS complexes agree with /*«» 
values. 

(Hi) In case of the HS-complexes. /x,,, values frequently exceed 
/xs, but seldom are as high as ps+l values. This is due to the whole 
or partial quenching of orbital moments. 

(iV) For the ions such as Mn*+ and Fe»+ (</“ ions) which are 
with S ground states {i.e. L = 0), the ps, l and /xj values are all 
equal (for HS-complexes). 

(V) Use of the table—Importance of magnetic moments. From 
the tables it is obvious that from a knowledge of the number of un¬ 
paired electrons and of the magnetic moment values it is possible to 
find : 

(fl) the valence state of the metal ion in a given octahedral 
complex, and 

{b) the nature of the bonding in the complex {i.e. whether the 
complex is of Spin-free or spin-paired type), if there are more than 
three </-electrons. 

These two points may be explained by considering the follow¬ 
ing examples : 

(f) If an octahedral complex of cobalt is found to possess a 
moment of 4-5 M.B. {e.g. Hg [Co (CNS)*]), it would be concluded (a) 
that the cobalt is in the bivalent state (Co*+ —r-» d’), and (b) that the 
bonding is of the spin-free type corresponding to n = 3. 

(ii) If an octahedral complex of Fe is found to possess a mo¬ 
ment of 2-2 B.M. (e.g. [Fe (diph),] (ClOx),), it would be concluded 

(a) that the iron is in the trivalent state (Fe*+-► tP), and (6) that 

the bonding is of the spin-paired type corresponding to n = 1. 

Now consider a Cr complex with magnetic moment equal to 
3-72 B-M. (e.g. Kg [Cr (CNS),]). From the magnetic moment value, 
although it is obvious that Cr is in the trivalent state, it is not 
possible to say whether the bonding is of spin-paired or spin-free 
tv-pe. 

Occasionally some confusion may arise regarding a definite 
evaluation of valence state of the metallic ion from the m^netic 
moment value, e.g., see the cases of Fe*+ and Fe*+ spin-free 
complexes. 

In low-spin octahedral complexes, the value of experimental 
magnetic moment, is less than the /xs yhlue calculated from the 
“spin-only” formula for the free metal ion.~ This fact can be used to 
answer whether a given octahedral complex is a high-spin or a low- 
spin complex. Thus when value for the cbmplex is less than the 
fig value for the free metal ion, the complex is of low-spin type, 
otherwise it is of high-spin type. 
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Table 12*11. Values of ps, mj ond in B. M. for d* 
configuration of the first row transition series in HS- 
octahedral complexes {sp^d* bonding ; outer- 
orbital octahedral coipplexes) 


<P confi¬ 
guration 

Ions 

Ground state 
free ion 
term 

M 

B 

M+l 



iP 

Ti»+ 

*03 /1 

1 

1*73 

m 

1*55 

1*73-1 •85 

d* 

V*+, Ti*-*- 

*Fi 

2 

2*83 


1*63 

2*73-^2*85 

d* 

v»+- 

^ *V*it 

3 

387 

5*20 


i-8»:-3-96 


Cr«+ 



3*87 

5*20 


3;7<^3*9!Q. 

d* 

Cr‘+ 

‘D, 

4 

4*90 

5*48 

00 

4*75-4*90 


Mn*+ 

*D« 

4 

4*90 

5*48 


4*90—5 00. 

d‘ 

Mn*+ 

'‘S„3 

5 

1 

5*92 

5*92 

5*92 

5-63—6*10^ 


Fe^ 

•S,/i 

5 

5*92 

5-92 

5*92 

5*2(M5 00 

d* 

Fe*+ 

*D4 

4 

4*90 

5*48 

6*71 

5*l0=-5*70 


Co»+ 

»D4 

4 

490 

5.*48 

6*7t> 


<P 

Co*■^ 

r 

^F»,3 

3 

3*87 

5*20 

6*63 


d» 

Ni*+' 

*F4 

2 

2*83 


5*39 


d* 

Cu*+ 

*D„2 

1 

1*73 





Table 12* 12. Values Of i^s and un, {in B.M.)for d* Nhfi- 
guration of the first row transition series in LS-octahedral 
. complexes {d*sjp bonding : inner-orbital octahedral 
complexes) 


# eonfi- 

Ions 

Ground slate 

*1 


FS 

5 

guration 

free ion term 


F»«p ■ 

d* 

CrW* 

•D, 


2 

4*90 

3*26—3*30 


Mn»F 

•D, 

4 

2 

.4*90 

3*18 

rf* 

Mn»■^ 

*Si,t 


1 

3*92 

• 

1*80—2*H]i 



•Sif* 


1 

5:92 

2*00-2*80 

d4 

Fe*-H 

*04 . 

4 

0 

4*90 

tvOOff*^ '■ 


Co^ 

•Di 

,4 

0 

4^ 

. - ■ ) 

d> 

. Co*+ 

*F«V 

3 

1 

3*87 

1*80-^200 ' 

1 
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(3) Dbtortioii of octahoinil com^xM Mi Jd«*TeB« ThooFoa 

The six-co^iWAed conjiplexes 10 which all the six distaiK^ 
between the ligald dcbtron clouds and central metal ion arc the 
same are said to be regular (/.e.. symmetrical) octahedral comdexm. 
On the other hand the six-coordinated complexes in whi<m the 
distances are not equal are said to be distorted octahrfral complies, 
since their shape is changed (i.e. distorted). The change m shape 
is called disto^on. 

Distorted octahedral complexes may be of the following three 


types : 

(i) Diagonally distorted octahedral complexes which are ob¬ 
tained when the ^stortion of a regular octahedron takes place along 
a two-fold axis. 

(ii) Trigonally distorted octahedral complexes in which the dis¬ 
tortion takes place along a threerfold axis. 

(Hi) Tetragonally distorted octahedral complexes which are also 
known as tetragonal com^xes. These are obtained when the 
distortion of a regular octahedron takes place along a four fold 
axis. 

Tetragonal complexes may be obtained by any of the following 
two ways ; 

(a) If the two trans ligands lying on the z-axis in an octahed¬ 
ron are^ moved away from the central metal cation so that their 
distance from the metal cation is slightly greater than it is for the. 
other four ligands lying in the xy plane, we get a tetragonal struc¬ 
ture. Quite obviously this structure has two long bonds along the r- 
axis and/oMf short bonds in .xy plane. 


Example (/) It has been shown that in tetraammine of ion in 
aqueons solution, [Cn (NH ^4 two water molecules arc at larger 

distance from the km ihM the fcur coplanar NH 3 molecules 

and consequenUy the’cbftiplex kM e tetragonal Oupe. The ^o water mole¬ 
cules are in a plane « right ifiglw to that containing Cu^^ ion and four 
NH 3 molecules which am at equal diatancM from Cu^t ion. 

(ii) L.ow-spin octahedral complexes'., ot Ni*'*', Pd*"*" and Pt*+ 
(all d* ion) undergo strong distortion and assume square planar 
geometry in which the two ligands aloifg the r-axis are at larger 
distance and four ligands in the xy-plane are at shorter distance 
from M*+ ion. (d/ar«),I, is an example of such complexes. 

(lif) In CwCli crystal each Cu*+ ion is surrounded by six Cl- 
ions ; four aits ttf a distance of 2-30 A" and the other two are. 2-95 A“ 
away. 

(iv) In G^t crystal four F' ions are 1-93 A away from Cu*+ 
ion, while the two F' ions afe'2-27 A ajmrt. 
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located at^e-*«axisare broi^t 
ocnr Utf ccntrel metal cation so that iheir distSnce from the m^I 
cation It smaller than it is for the dtlwr four Ugainls'in the xy plane 
w ^Bgret a tetragonal structure. This strurture has /iw^jSrr 
bonds along the z axis and/bur iong bends in xy plane. 

Examples. (/) In KtCuF4 the Cu*+ ion has two F' at 1'95 A 
a.nd four at 2-08 A. 

2 has two F- at 1-99 A and four at 

• forward a theorem kno#n as jahn- 

»i*-coordihated com- 

plexes un^rgo distortion to assume distorted octahedttd He 
tetragonal) geometry. This theorem states that any mm-Bnear 

degenerate electronic state Jilt be htsSe 
omf wtli undergo distortion to form a system of lower siitnmetrv 
lower energy and thus will remove dig^fy It Jhff^ 

if dois^n'T®"!^-predicts the occurrence of a di^ortio^- 
It does not pr^ict its nature or it^ magnitude. If the undistorted 

Symmetrical a^d unsymmetiical r 2 .-«nd e -orbital. The u ano 
t'g-orbitals which are empty (t^g^ and eg\ half-filled (/jg^ and P) o; 

completely filled (tj^ and e^) are said to be symmetrical orbitals. Here it 
should be noted that in the strong field (i.e., LS-complexes) e -set having 
two electrons (i.e., e^2.sct) is unsymmetrical orbital. Orbitals other than 
those mentioned above are called unsymmetrical orbitals. Thus the svm- . 
metrical and unsymmetneal and orbital can be written as : ^ 


... f ft9*t ^ 

t„ orbitals 'j 

^ V. /*,*. fu*. /„» 


symmetrical 
—*■ unsymmetrical 


e, orbitals 



-► symmetrical 

—» unsymmetrical 
symmetrical .in HS-complexes (d,*)*]’ 


In Table 


-»*)® (ds*)*] 


—^unsymmetrical in LS-compleXes [{</**. 
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tie regular) octahedral complexes. (See Table *213). Thus it 
mJvli froln Tible 1213 that the i-orbitals : dW e/)jd* 

? andd»«(^.*V) o£ HS-octahedral 

im?le!:esaidV(/;;oA <PJtu*e,%f(tu*ef) “d 
of octahedral complexes give perfectly regular octahedral com¬ 
plexes. Thus in these cases there is no distortion. 

Condition for slight distortion. When d-orbitals of the central 
metal Ion of an octahedral complex have /»,-orbitaIs as unsymmetri* 
cal orbitals, there occurs slight distortion in the complex, i.e. when¬ 
ever the /..-orbitals, which do not come direct in the path of the 
ligands disposed.' octahedrally around the central metal ion, but 
pSiht between the ligands contain 1. 2, 4 or 
S^pect only slight distortions from the regular octah^ron Thus, 
as K evident from' Table 1213, the HS-complexes of (/„^ ef), (P 
(t -e«) d* tUa* ec*) and <r (/t«*e»*) ions and LS-complexes of ^ 

’ f{tu* eA,d* (/„* ef) and (P (/„» c/) ions undergo slight 
d^tortion (often not experimentally detectable) from the octahedral 
shape. 

Condition for strong distortion. Whenever the e, orbitals which 
xxiint directly towards the ligands, are urtsymmetncal i.c. contain 
l*-3 or 2 (only in LS-compIexes) electrons, we shall strong 

, dkiortions, leading to tetragonal and even to square planar comp¬ 
lexes. Distortion produced in an octahedral complex due to the 
presence of unsymmetrical e,-orbitals is due to*the fact 
the directions of the e»-orbitais of the central roetal ipn correspond 
withjhe directions of the ligands disposed octahedralfy "ounj the 
metal ion, .the octahedral arrangement of the ligands is likely to be 
more sevefely distorted by the dissymmetry of the e,-orbitals than 
that of the /j,-qrbitals. 

Thus-from Table 12-13 it can be seen that the conjuration : 
d* (t,.* e.h. d* itu* e»*) of HS-complexes and d\ (tu*. e,*), a* e» )• 
d* (tu* *§*) of LS-complexes lead to strong distortion in octahedral 

complexes.'' 


■ e 

..as/' 


Conditions, for various types of distortions can be summarised 


ttt (sym)+e, (sym) 

tit (u»sytn) 


it (unsym) 

et* W)* LS-complexes 


No distortion 
Slight distortion 

Strong distortion 


}- 

" Qiase of distortidn with some complcX|^ 

(/) High'Spin octahedral * complexes of rf* ion have any of tfe 
following cohfigurations 

I ^ 4,s (rf,i: II /„• (dtf. (**,•)*. 
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When the configuration has one electron in </,* orbital and the 

orbital is empty (structure I), cation-anion interaction along 
thfe z-aixis B less than that along the x-and y-axes, leading to a larger 
interiodic distance along the z-axis and hence to a tetragonal 
' structure. 

(//) Complexes of Cu*+ ion (d* ion) such as aqueous solution of 
|Gu(NHtU]*^ in which the tetragonal distortion is so marked that a 
square planar complex results. This ion has the configuration /„« 
in both the fields. Evidently in this ion the two possible arrange¬ 
ment of electrons in t,g- and e.,- orbitals are : 

Configuration I-» /««.(</,»)• (d,**)^ and Configuration II 

Since in both the configurations/,,-orbitals are completely 
filled, asymmetry (i.e. distortion) is caused by incomplete filling of 
e,-orbital$. 

Distortion arises mainly from the repulsion of ligands by the 
electrons occupying Cu-orbitals. If we consider configuration I 
namely, '/f,*.(</i*)*(</t*.,*)*, the i^^-orbital, which is completely 
filled and points at the ligands on the z-axis, offers greater shielding 
of the Cu*+nucleus than the half-filled dt*./-orbital, which points 
towards the ligands in the xyjjlane. Thus the ligands on thex- and 
y-axes experience a higher eflective-nuclear charge, while those on 
the z-axis experience a lower effective nuclear charge. Consequently 
the liggnds on tiie x- arid y- axes are drawn in closer to the Cu*+ 
nucleus arid those on/the z-axis/move further out We thus observe 
Jouf 'sborf ancrtwo long bondi< i.e. the ligands Lj and L, existing 
ja^g Ae z-axis would be rit a greater distance from the central 
metal ion (Cu*'*' ioq) and the remaining four coplanar ligands : L,, 
ptt 1 -s Bod L( (coplanar with the centralised metal ion, in xy- 
plane) would be at a shorter distance fi-om Cu*+ iod. Thus : 

ML 6 =ML, > ML,=-ML,=ML,=.ML 4 

where ML]....'.....etc. indicate the metal ion—ligand distances [F^ 
12'12 (a)]: Ligands Lsgnd L^are trans ligands while the ligands, 
L], L,y L, arid L, are eijuatorial ligands. 

If, on ihe other hand, we a>nsider configuration II —» (</,*)* 

i d,*./]^/,/, we shall expect an exactly-opposite distortion i.e. the 
igands in the xv-ptenc (/e, L,, L,, and L* ligands) would move 
^114 those L 5 jhM ligands) on the z-axis would move but 
in -fiisni (heir* equilibrium positions in the hypothetical regular 
octahedron and we would expect two short hon^ (along the^z-axis) 
and four long bonds (along* x- and y- axes in the Jy- plane). Thus : 

ML’i = ML,^ MLi = ML, > ML* =. ML, [Fig. 1212(h)] 

Ht)w tlien to decide which of the two possible octahedral distor- 

tion configur^ions : 1 —* (rf.*;* {d,*./).‘ /„• and II-► /,/. (d/)i 

would yield the more stable complex. CFT offers no way of 
deci<Bng it. Expcrimenfal results, however,ahow that it is I octhKedral 
distortion configuration namely (d,*)* (<4*./)>. /„• wUk two tong and 
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four short bonds vhick is more stable. There is no theoretical ex¬ 
planation Tot the instability of structure corresponding to II configu- 



Z- axis having 
two short hands 





Fig. 12'12. DTstortiott in so octahedral complex. 

(a) Configuration I —»having two tong (along 

the z-axis) and four short (in the x^-plane) bonds, t.e. 
MLt-ML« > MLi-MLa-MLa-MU 
This coofiguratioii is more stable. 

(b) Configuration II —> (<#»•)* (<4*-**)*. t^f having four long (co- 
planar in xj> plane) and two short (along ^ z-axis) bonds. Two 

short bonds are prependicular to the zv-plane. Here 
MLt.MLa-MI«-ML4 > ML«~MLa. 


ration namely (</,*)^ (</**.»*)* • ft** having four long and two short 
bonds. 

How the d orbital energy Icveb dunge in Cia?+ (d* ion)'ioo when 
the regular octahedron distorts. Let us consider the manner :in which 
the rf-orbital energy levels change in the Cu*+ ion (d* ion) wjien the.ra 
occurs a small distortion of the type in whici) the regular octahedron 
becomes stretched along z-axis. The splitting and 'energy level 
diagram caused by such type of distortion are shown in Fig. 12-13. 

In this diagram the variotts splittings ai^iidt drawn to scale-in 
the interest of clarity. Here - the splitting of the more stable octa¬ 
hedral distortion corresponding to configuration I —/»*(</,*)* 
(</** /)'has been considered, ^%id'^S^, \vha;h i^ftbCnt the flitting 
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of the e,*- and ff,*-leTels respectively, both are much smaller than A« 
and 8t» much smaller than i.e. Ac > > > > 8». 

The two e,-orbitals separate so that one (namely <4*./) goes up 
as much as the other (namely </,*) goes down ; the tw-orbitals 
separate so that doubly degenerate pair (/.e. d,, and <4.) goes down 
only half as far as the single orbital (namely <4,) goes up. 

Hence it can be seen that for /tf~electrons there is no net energy 
change, since four electrons (namely < 4 , and < 4 , electrons) are sta¬ 
bilised by 4x^—^ 8 , ^=3 —y 8 ,, while two electrons (namely < 4 ^ 

electrons) are destabilised by 2x(+y-8, ) = +-j 8,. Thus in the 
splitting of tiflevels : 

Net energy gain — energy gain+energy loss 

== + ^ = 0 

However, in the splitting of e, levels : 

Net energy gain = energy gain+energy loss 

= lx(+ ^81 )+ 2(_i8, ^ 

= + 2 81—81 *= —2-81 


Thus the net lowering of the electronic eneigy in case of 
e,-lcvd IS 8,/2 This nef energy equal to -8i/2, might be called the 
Jahn-Teller stabilisatiop energy and provides the driving force for the 
distortion. ^ 

7 high^pin octahedral com. 

plexes of ion such as tNi(H,0),]*+ [Ni(NH,).J»+ [Ni(N.H.),]«+ etc. 
are not expected to show distortion, since both /.. and e, orb tals in 
these complexes are symmetrically filled as is evident from the 
arrangement of eight electrons in these orbitals given below t 
d» (high-spin state)-► /.^» e.t or r.-« WJ 


7 .," «.* or /..• (<4*.,y 


U. 11 + octaWra/ complexes ofd» ion (e.g. Ni*+, 

Pd*+ and Pt*+ 10 ns) undergo strong distortion and a&sume square 
planar geometry {see Table 12 13). Mn((d,fl«y, a typical 
example of such complexes Under the influence of strong liSSi 

^cctrons in e. levef pair up in <4* 
orbital, leaving <4 „ orbital empty. Thus the arrangement of two 
electrons in e. orbitals is unsymmetrical as-shown below : 
d* ion in low-spin «tate 1 

/under the influence of strong >_, /. • (A*\t tjt rm 

[ ligand field of diorsine J ** ^ ^ r' 

^d due to the operation of Jahn-Teller effect th^, orbitals split 
into a lower energy d.* orbital and a. highei’ pne/gy d,*. j orbital. 
The two ligtmds along z-axis move away from NiV: ion while the 



422 


Nature of Metal-Ligand Bonding in Complexes 

four ligands in the x> plane move closer and as a result, the octa¬ 
hedral complex is considerably £storted and assumes almost square 
planar geometry. 

4. Crystal field StablHsatioa cacsiles Cl^’s and their.uses 
We have seen that, according to CFT, under the influence Of 
the six ligands approaching towards the central metal ion .during die 
formation of an octahedral complex, the d-orbitals of the central 
metal ion arc split into two sets vis. {lower energy set) and e, 
(higher energy set) sets. The energy gap between these two sets is 
equal to /\o (or 10Dq> The energy r„ set is lowered by 2/5Ao 
(<= 0-4 Ao) or 4Dq while that of e, set is raised by 3/5 Ao 
(= 0-6 Ao) or 6 Dq relative to the energy of hypothetical degenerate 
d-orbitals. Thus each electron occupying r„ orbitals d.ecreases the 
energy of d-orbitals by —0 4 Aol^ —4 Dq) while that going into 
eg orbitals increases its energy by +0-6 Ao (= Dq). — and + 
signs indicate respectively the decrease and increase in the energy 
of d-orbitals caused by their splitting under the influence of six 
ligands. 

Now consider a </»’+• ion with p electrons in /*, and q electrons 
in e, orbitals. Quite obviously : 

Gain in energy due to 
q electrons in e, orbitals 
(in terms of A^ 

and loss in energy due to 
p elections in ft* electrons 
(in wrms of Ao) 

Thus: 

Net change in energy 
for fl'+o-ion 

(in tciros of A«) 

This change in energy in terms of Dq will be given by utilising 
Idle relation: 

* Ao = 10 Dq. Thus : 

Change in energy (in terms of Dq) = [—0-4 p+0-6 9 ] x 10 Dq 

= [—4p+6 9 ] Dq ' ...(//) 
This change in energy is' called crystal field stabilisation energy 
(CFSE), since it stabilises d orbitals by lowering their energy which 
results from their Splitting into r*, and e, orbitals. 

It may be seen from equations (/) and (fi) that for d° (l6w»spin 
and, high-spin), d® (high-spin) and d“ (low-spin and high-spin) ions of 
' an octahedral complex there is no net change in their energy due to 
their splitting into tu and eg orbitals, i.e. no stabilisation results from 
the splitting of d-orbitak of these ions, e g- 

( 1 ) for a d” ion with tu* eg* configuration, the net change in 
energy (p * 6i g *= 4) 

=. [r-0'4x6-f0-6x4] A# = 0 


!- 

j--. 


-fO-6 Aoxg 
4 AoXP 


} - l-o. 


4 P+0-6 g] Ao 


...(0 
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(i7) for </» (high-spin) ion with eg* configuration, the net 
change in energy (p = 3, ^ = 2) 

= t-0-4x3-i.0*6x2J A# = 0 

If P == mean pairing energy which is the energy required to 
pair two electrons a^inst electron-electron repulsion in the 
orbital and m » No. of paired electrons, then 

CFSE for </'*+• ion (in terms of Ao) 

n= [—0-4 p-l-0 6 q] Aa+wP ...(Hi) 

As an illustration let os use equation (Hi) to calculate CFSE 
values for d*, d* and d* ions in octahedral, complexes : 

(0 d» ion. We know that the distribution of three ^/ electrons 
in tgf and e, levels in both the fields (i.e. strong and weak) is /*«• eJ* 
and m — 0. Thus p zm 3, q mm 0 and m mm 0 and hence 


CFSE for both the fields') 
(low spin and high spin j 


= {-04x3 + 0-6x01 Ao-fOxP 
= -1-2 Ao - - I2Dq 


(ii) d* Ion. (a) For weak field (high spin complex) </* _ 
/*,* e,^ Thus p mm 3, q mm 1 and 0 and hence 


CFSE for weak field = [—0-4x3-|-0 6x 1) Ao+OxP 
— —0-6 A* — -“fi I3q 

(b) For strong field (fow spin complex) d* « r^« e,®. Thu» 
p =m 4, q mm 0 and m mm I and hence 


CFSE for strong field =» {— 0-4x4+0*6xOjA*+l xP 
- -1-6 Ao+P - -16 Dq+P 

, (Hi) d^ hm. (a) For weak field (b^ spin con^kx) <P » 
Thus p mm 5, q mm. 2 aiid m mm 2 and he^ 


'wV- 


CFSE for weak field - {-0-4x5+0*6x2J Ao+2P 
- -O'S Aa+2P - -8Dq+2P 

(b) For strata fi^d (low s^n eoir^Ux) d* » e.K Thw 
p - 6,f - 1 tndw - 3,andb*oee 


CFSE for strong field — (—0-4 x 6+0-6 xlJ A*-f3P 

« -I-g Ao+ 3P - -18 Dq+3P 

On these fines/i^SE values for' high spin and low spin octa¬ 
hedral complexes Mve been calculated and are listed (in terms of A. 
and Dq) in Tal(^2-14. 

Example. .For the (Cr(HiO),]*-'- ion, the mean pairing energy, P, 
is found to be 23,500 cm->- The wogn/ri/dc jjjC At 1* 13,900 cm'*. 
Calculate the CFSE for this complex tm corresponding to high spin and 
low spin state. Which state is more stable! 

Solution. Quite evidently in jbe given complex ion Cr is present 
as Cr*-*- ion which is a d* ion. 

For a d* ion in a high spin state, 

CFSE-—0*6^* 






-0-6^^,(or-6Dq)+4P * - 0-6 A, (or-6 Dq)+4P 

00 Ao (or 0ODq)+5P ^ 0 0 Ao (or OO Dq)+3P 




Nature of Metal-Ligand Bonding in Complexes 


425 


=—0-6 X (13,900 cm-i) =-8,340 cm-i 

For a d* ion in a low spin state, 

CFSE»-16Ao+P 

= -l-6x(13,900 cm-i)4-23,500cin-i 
= +1.260 cm** 

Since Ao (= 13,900 cm**) < P (= 23,500 cm'*), the high spin 
configuration would be more stable. 

CFSE values (in the units of Ao and Dq) for octahedral, tetra¬ 
hedral and square planar complexes (in both the fields) are collec¬ 
tively given in Table 12-15. In this Table -ive sign has been omitted 
and mean pairing energy, P, has not been considered. 


Uses of CFSE values 


Following are the important uses of CFSE values ; 

(/) Crystal structure of spinels. Mixed oxides of the general 
formula A*+Ba*+0«* are called spinels after the name of the mineral 
spinel, MgAl, 04 . A*+ and B»+ are divalent and trivalent metallic 
cations which may be different or the same. In spinels oxygen atoms 
are arranged in a cubic close-packed lattice. In such lattices each 
oxygen atom has 12 other oxygen atbms equidistant from it and the 
holes between oxygen atoms are of two types : (/) octahedral holes 
which are so called because these are surrounded by six oxygen 
atoms. There is one of such holes for each oxygen atom (H) 
tetrahedral holes which are so called since these are surrounded W 
four oxygen atoms. There are two such holes for each oxygen atom. 
These are smaller than the octahedral holes. There are twice as many 
tetrahedral holes as there arc octahedral holes. The cations occupy 
the octahedral and tetrahedral holes, since these are large enough to 
be filled by cations. 


There are two main types of spinels : (i) normal and (ii) inverse. 
In normal spinels all the A*+ cations occupy one of the eight avail¬ 
able tetrahedral holes (positions where a cation can be surrounded by 
four anions) and all B**-cations occupy )ialf of the available octa¬ 
hedral holes. In inverse spinels all the A*+-and half of the B*+ cations 
are in octahedral and the other half of the B*<' cations are In tetra¬ 
hedral holes. These inverse spinels are, therefore, represented as 
B»+[A*+B»+) 04 »- to distinguish them from the normal spinels which 
are represented as A*+fB,»+] 04 »'. The species enclosed in square 
brackets occupy the octahedral holes. ^ 

Spinels of general formula A«+B,*+0** have also been ob¬ 
tained. Examples are : Ti*+Zni*+ 04 ** Sn«+Co 2 *+ 04 ** etc. Thne are 
inverse spinels. Examples of simple and inverse spinels of 
A*+B,*+ 04 *-*' formula are given below : 


Simple spinels : M*+[AIt*+p 4 where M*+ =» Mg*+, Mn*+. Fe*+ 
Co*+, Ni*+. Zn*+ ; Mg*+(Cr,»+] 04 , Ni*+tCr»»+P 4 , Mn ,04 ’ 

Mn*+[Mn,»+P 4 , C 03 O 4 or Co*+[Co,»+p 4 etc. 


or 



lUfe 12-15. Crystal field stabilisation energies {CFSE) in terms of and Dq for (P to 

configwrations of metal ions in high-spin and low-spin octahedral, tetrahedral and 
square planar complexes. 
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Inverse spinels : CuFe,0« or Fe*+(Cu*+Fe»+)0«, MgFeiO« 
or F^Mg•+Fe^^P 4 , Fe^O^ or Fc»+[Fe*+Fe^p 4 , TiZn*©, 
or Zn*+[Ti^+Zn»+p 4 , SnCo »04 or Co*+(Sn«+Co *+]04 etc. 

... cations given in brackets occupy the octahedAl holes 
while those given outside it are in the tetrahedral holes. 

Now let us see how CFT helps in predicting the structure of 
spinels. For example with the help of CFT it can be shown why the 
oxi^ Mns 04 or Mn*+Mn »*+04 is a normal spinel while the oxide 
Fe ,04 or Fe*+Fei *+04 is an inverse spinel. CFSE values is octahedral 
and tetrahedral fields have been used for the interpretation. For 
this it is assumed that the oxide ions, O*", like water molecules, pro- 
duce weak field. CFSE values (in terms of for Mn*+(</*), Fe’^-, 
Mn*+(«?) and Fe^+(</«) ions in octahedral and tetrahedral’ weak 
ligand (/.e. high spin) field are given below : 


Mn»+(</«) Mn*+(ds) Fe*+(d») Fe*+(d«) 
CFSE {octahedral weak field) ; 0-60 Ao 0 0 0-40 ^ * 

CFSE {tetrahedral weak field ): 0-18 Ao 0 0 0-27 Ao 


It is obvious that for Mn*+(d*) and Fe*+(d») ions the CFSE 
v^ues are greater for octahedral than for tetrahedral sites. Thus 
Mn + Md F^+ ions will preferentially occupy the octahedral sites, 
ma^ising the CFSE values of the system Hence in MnP* all the 
Mn»+ ions occupy octahedral sites and all Mn*+ ions are in the tetra- 
hedral sites, / e. it is a normal spinel and its structure is, therefore 
represented as Mn*+(Mn**+] 04 . In Fe,0« all the Fe*+ ions and half 

sites, while the remaining half 
tetrahedral sites. Thus it is an inveres spinel 
and IS, therefore represented as : Fe*+[Fe*+Fe*+P 4 . 

(//) StablbifiMr^o^tioB states. CFSE values also explain 
why certain oxidaUon states are preferentially stabilised by coordinat¬ 
ing with certain ligands. The foltowing two examples illustrate this 
use: 


{a) Although H,0 molecule which is a weak ligand should be 
expected to coordinate with Co*+ and Co»+ ions to form the high- 
spin octahedral com^plexes : rCo(H*0),l«+ and rCo(H,0),l*+resp^ 
s’’®'*' H,0 stablises Co^ ion and not cV 

.'on '■ 

coordination of NH, molecules with 
^ and ions, it may be seen that NH, which is a strong ligand 

strtlises Co^ ion by forming [Co(NH,).p+ rather than Co^^jon. This 

^ I mucit higher value 

of^Eiiytrong ^tahedral configuration (CFSE - 2 4 Ao) than 
Co*+ ion (d» system) in the same configuration (CFSE *» 1-8'Ao) 
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(Hi) Stereochemistry of complexes, (o) CFSE values also 
predict why Cu*+ ion forms square planar complexes rather than 
tetraiiedra! or octahedral copaplexes in both the fields. This is 
because of the reason that Cu*+ ion (</* system) has a much higher 
CFSE value in a square planar configuration (CFSE = 1'22 than 
in octahedral (CFSE = 0 6 Ao) or tetrahedral configuration (CFSF 
= 0-18 Ao). 

(b) Most of the four coordinated complexes of Ni*+ ion (d* 
system) are square planar rather than tetrahedral (NiX 2 )** is an exce¬ 
ption, X = Cl", Br", I'). This is because CFSE values for d* ion are 
higher in square planar configuration than thpse of the same ion 
in tetrahedral configuration (see Table 12-15). 

(iv) Heats of hydration of divalent ions of first row transition 
elements. The heat of hydration is the heat evolved in the hydration 
process : 

M*+(g)+6 H,0-* [M,(H.O),]*+ ( 09 )-heat of hydration 

Minus sign indicates that heat of hydration is evolved in the 
bydratiop process. 

We know that on passing from Ba*+ to Mg*+ (alkaline earth 
metals) in II A group of the periodic table there is a decrease in the 
ionic radii. This decrease in ionic radii vahies brings the ligands viz. 
H,0 molecules closer to the metal cation, M*+, resulting in the in¬ 
creased electrostatic attraction between the cation and the ligands. 
Consequently the values of heats of hydration increase steadily from 
Ba*+ to Mg*+. 

Now we know that since the ionic radii of divalent ions of the 
first rqw trjinsition elements (Ca*+ to Zn*+) decrease, the experimental 
v^ues of heats of hydration of these ions should also increase regu- 
larlyj'from Ca*+ to Zn*+. However this increase does not happen as 
is evfcleiyt from the graph shown in Fig. 12-14 which shows that the 
experimentd['.values, instead of increasing regularly, show maxima at 
V*+ (d*/ion).- and Ni*+ (d* ion) and minima at Ca*+ (d® ion), Mn*-*- 
(d* ion) and Zn*+ (d*® ion). The unexpected maxima and minima can 
be M^laiigsd op the basis of CFSE concept. The hexahydrated ions, 
lM(H,0),]i+ are high-spin octahedral complexes and for high-spin 
complexes/ CFSE is minimum (zero) for d* (Ca*+), d* (Mn*+) and d“ 
(Zn*-*-) iqns and maximum (= 1*2 Ao) for d* (V*■^) and d» (Ni*-*-) 
ions. 

If these experimental values (shown by dots, •) are corrected 
for each ion (the correction is done by substracting the calculated 
CFSE values given in Table 12-14 from the experimental values), We 
get a smooth curve on which these corrected values have been shown 
by crosses, x. This curve indicates the expected regular increase. 
Experimental values are irregular and hence incorrect values while 
correctedLyalues are regular and hence are the correct values. Note 
thal the ioni-viz. Ca*+(d»), Nfn*+(d») and Zn*+(d»») which donot have 
CFSE (zero) have experimental vyilucs on the smooth curve. 
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Fig. 12‘14. Heats of hydration of divalent ions of first-row transition ele¬ 
ments. Dots(-) are experimental values while crosses (x) show the 
corrected values. 

,i'*??*X**' hydration of Cr*+ ion is 460 kcal/mole. 

For [Cr(HiO),]*+, = 13,900 cm**. Calculate what heat of hydra¬ 

tion would be, if there were no crystal field stablisation enfrgy. 

***** >9”* tlie'fcalculated 

CFSE for a high-spin octahedral complex of Cr‘+ viz. rCrfHiOiiil?-*- 
= -0-6 Ao = — 0-6 X 13,900 cm'i. i v a 

Now since 350 cm-‘ = I kcal/mole, 

calculated CFSE = -24 kcal/mole 

Thus, heat of hydration whenl 

there is no crystal field [ ■> Experimental value^calculated 
stabilisation energy i value 


limitations of CFT 


Experimental valuer-calculated 

val^e 

-46P -(-24) 

"—436 kcal/mole. 


(i) CFT considers only the metal ion rf-orbiUtls and .gives^io 
consideration at all to other metal orbitals such asw,>^;>l-?<and 
Ps- orbitals and the ligand w-orbitals. Therefore, fto expltirall the 
properties of the complexes dependent on the n-ligand orbitals will 
be outside the scope of CFT. CFT docs not considerthe formation 
of 7c-bonding in complexes. 


07) CFT IS unable to account sati^tpril^ fdr the rdative 
strengths of ligands, e.g., it gives no explanation as to -why H.O 
appears in the spectro-chepiical series as a stronger ligand fhaa OH'. 

(iH) According to CFT; the bond betweeff the,metal and li^nds 
are purely ionic. It gives ho account, of the partly tovalent nature of 
the metal—ligand bonds. Thus the effects directly dependent on 
covaiency cannot be explained by CFT. ^ 
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Experimental Evidence for metal-ligand covalent bonding in complexes 

The following evidences have been presented to show the metal- 
ligand covalent bonding in complexes. 

(/) Electron spin resonance (csr) spectra. Most direct evidence 
is obtained from esr spectrum of complexes, e.g., esr spectrum of 
[Ir^'^ Cl,]*‘ ion shows that it has a complex pattern of sub-bands 
which is called the hyperfine structure. The hyperfine structure has 
been explained by assuming that certain of the iridium orbitals and 
certain orbitals of the surrounding Cl" ions overlap to such an extent 
that the single unpaired d-electron is no* Ijcalised entirely on the 
metal ion but instead is about 5% localised on each Cl" ion. Such 
study of other complexes also gives similar results. 

(//) Nuclear magnetic resonance (nmr). nmr studies of complexes 
like KMnFj and KNiF* show that the metal and e, electrons pass 
a fraction of time around the fluorine nuclei. 

(ill) Nuclear quadrupole resonance The ngr spectrum of 

some of the squire-planar complexes of Pt(II) and Pd(II) such as 
[PtllX 4 ]*'and [PdllX*]*" suggest that there is considerable amount 
of covalency in the metal-ligand bonds (/.e. Pt—X or Pd—X bonds). 

(h) The unusually large absorption band intensiti^ observed for 
tetrahedral complexes like (C 0 IICI 4 ]*’ have been explained by saying 
that the metal-ligand bonds have appreciable covalent character. 

LJGAND FIELD THEORY (LFT) OR MOLECULAR ORBITAL THEORY 
(MOT) 

The crystal field theory takes no account of possible covalent 
bonding in complexes—and regards the bonding as purely electro¬ 
static. But the physical measurements such as electron spin reso- 
ance, NMR and nuclear quadruple resonance suggest that there is 
some measure of covalent bonding also in complexes. It is because 
of this reason that a kind of modified form of CFT has been suggest¬ 
ed in which some parameters are empirically adjusted to allow for 
covalence in complexes without explicitly introducing covalence into 
CFT. This modified form of CFT is often called Ligand Field Theory, 
LFT. However, LFT is sometimes also used as a general name for 
the whole gradation of theories from CFT to the molecular Orbital 
Theory, MOT. In our present discussion we shall use the term LFT 
in the latter sense. Cotton and Wilkinson have called LFT, Adjusted 
Crystal Field Theory, ACFT. 

The covalent bonding complexes may be considered in terms 
of MOT. This theory starts with the premise that overlap of AO’s 
of the central metal ion and those of the ligands will occur, to some 
degree, whenever the conditions of energy, overlap and symmetry 
permit. The first task in working out the MO treatment for a parti¬ 
cular type of complex is to find out which AO’s of the central ion 
and ligands can be combined. This pan be done quite elegantly and 
systematically using some principles of group theory, but because 
this theory is outside the scope of this book, it will not be discussed 
here. Here we shall deal simply with the results. The MO’s we shall 


Nature of Metal-Ligand Bonding in Complexes 


431 


be using here will be of the LCAO type and we shall consider the 
formation of MO’s specifically in octahedral complexes only. 

MOT as applied to octahedral complexes 

According to MOT the metal-ligand a-bonding in octahedral 
complexes results from the overlap of suitable atomic orbitals of the 
central metallic cation with ligand o-orbitals. 

The formation of six metal-ligand o-bonds (or MO’s) in an 
octahedral complex taJkes place through the following steps : 

(i) The central metal cation of 3</-series elements contains in 
all nine valence-shell atomic orbitals which are : As, Apt, Ap^, Ap„ 
3</xy, 3<4t, 3dn, 3d^%_^ and 3d’^. In this step we make a selec< 
tion of only six suitable atomic orbitals which nuy overlap along the 
axis with group ligand a-orbitals to form six metal-ligand o-bonds (or 
MO’s). 

All the nine atomic orbitals have been grouped into four sym¬ 
metry classes which are given below : 

45-» A'lf or Oig \ Apx, Apy, Apt ■ • Tiy or fjti* ^dj^t — 

3dgi *• Eg or Of I and 3dgy, 3dyg, 3dgg • Lgg or • 

Now, we know that since in an octahedral complex six o- 
orbitals of the six ligands are approaching along the axes Fig. 12-15 


Z 



Fig. 12-15. Sis ligand a>orbiuia in an oeubedral complex. 

in which ligand o-orbitals along the -fx, —x, -fy, —y, -\-z and —z 
axes have been represented as o,,* o.,, o^, a.y, a„- and o., respec¬ 
tively), these o-orbitals, in order to form six metal-ligand o-bonds or 
MO’s, will overlai) more effectively with only those metal ion valence 
AO’s that are having their lobes along the axes (/.e., along the )net<J- 
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ligand direction). Quite evidently, such AO’s are 4r, Ap„ Ap^, Ap,, 
Sdgt and since these orbitals have their lobes lying along the 

axes along which the six a-orbitals of the six ligands are approaching 
towards the central metal cation to form six metal-ligand o-bonds. 

The remaining three AO’s namely 3dtf, id^t, and Zdta do not 
participate in a-bonding process, since these have their lobes oriented 
in space between thb axes. Thus these orbitals remain non-bonding 
and hence are called non-bonding orbitals. These can, however, over¬ 
lap sidewise with filled or unfill^ n-orbitals of the same six ligands 
(n-orbitals are those which are capable of forming metal-ligand 71 - 
bonds) to form metaUligand 7c-bonds or n-MO’s. Thus these orbitals 
are generally referred to as 7t^, k{d), d„ or « iz„ orbit^s. 

(ti) In this step the <Ts, or,,... etc. orbitals of the ligands com¬ 
bine together linearly to form such group ligand a-orbitals that 
should be capable of overlapping with the central metal ion six AO’s 
viz As, Apx. Apy, Ap,, 3dt* and The determination of such 

linear combination of ligand a-orbitals is made by inspection method 
which is a straightforward and common sense method. It is shown 
below, 

(а) Since 4 j orbital has the same si^ in all directions, the 
linear combination of ligand a-orbitals which can overlap with 4r 
orlntal is : a*-i-a.,-t-a^-l-a.y-l-a,-f a.,. This linear combination is 
represented by i?,'which in its normalised form, is given by : 

('*«+®.*+Ov+®-*+®*+®-i) ...Ai, pr ait 

Alt or oi» represents^roup symmetry class name of T,. 

(б) Since one lobe of Apx orbital has -f sign and the other has 
— sign, the linear combination of ligand e-orbitals that can over, 
lap with Apx orbital is a,—a.,. It is represented by Hg which in its 
normalised form is given as : 


2. 


1 

VT 


(o,—a.,) 


...lit or e. 


Similarly a^—a., and a,—a., are the linear combinations of 
ligand a-orbitals that overlap with 4p, and Ap, atomic' orbitals 
respectively. Thus • 

..E, ore. 


E, = -h 


^ (Oy-CT-.-) _ 


...E, or e. 


(e>»Sinoe on* opposite pair of lobes of orbital has a 

-1- sign an4 the ofii»' has — sign, the linear combination of ligand 
•■‘orbitak fds this'orbital is : a,+a.,—a,—a.^. Thus 

a.„—a,,) 


(d) To ligand e-orbital combination for 3A* orbital 

poses some.iiitfietilty The analytical function for 3</,» orbital is 
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proportional to 3z* —r*. The proper e-orbital combination is easily 
written down by substituting for r* in 3r*—r*. ' Thus 

3z*—r*=32*—(jc*-|-y*-fz*)=2z*—Jt*—y*. Gynsequently the proper 
combination for 3dt* orbital is : ^ 

2 (a,-f a.,)—(os+ 0 .,) —(e^ 4 - 0 -») = 2 o,+ 2 o.,— e,—o.,—e 
Thus 

^*~2^ ( 2 <Ti-|- 2 o.,—'J. —a.,—e^—o.,)..Ti„ or tj. 

The group symmetry names given above show that there is no 
ligand e-orbitaJs with J,, or symmetry name; Thus 3<4*, 3<4« 
and 3dti atomic orbitals which are with or tf, symmetry will 
not combine with any of the above group ligand e-otbital^ which 
are with /in) symmetry, t.e. these atomic orbitals will not 

participate in the formation of molecular orbitals and hence remain 
as non-*bonding orbitals. 

(Hi) This is the final step in which the six atomic orbitals of 
the central metal cation viz 4s, 4px- 4j^, 4p„ 3<4*.y* and 3</»* overly 
with siXjgr >up ligand a-orbital viz £„ i?*, and 

respectively to form six sigma bonding (abbreviated as »*) and six 
sigma antibonding (abbreviated as a*) molecular orbitals. Here it 
should be noted that atomic orbitals and the group ligand a-orbitals 
which are overlapping together to form the molecular orbitals are of 
the same symmetry. Thus : 

(a) 4s and X, which have the same symmetry (a,, syn metry). 
overlap to form one a,* MO and one a,*MO. 

(b) 4pt and X, (both with e, symmetry) overlap to form one 
a,»-MO and <t,*-MO. 

(') ^Pv ^v (both with e, symmetry) overlap to form one 
ay "-MO and one ay*-MO. 

(d) 4/»g and X, (both are with e, symmetry) overlap to generate 
one a,’’-MO and one a,*-MO. 

(e) 3</»* and X,* (both with ti« symmetry) overlap to form ohe 

ayt^-MOand a***-MO. -r. 

(/) 3</**.y* and X* *,* (both with ( « symmetry) overlap to 
give one a** .y*»-MO and one a*».y**-MO. 

Thus we see that the combination of six central metal atoiric 
orbita s with six ligand a-orbitals gives six a" <ind six a* molecular 
orbitals in an octahedral complex. It is thus obvious tha^ qn adding 
twelve molecular orbitals ( 60 "- and 6 a*-MO’s) to the 'bree non¬ 
bonding AO’s viz. 3<4y, 3dyt 3d„, we get in all afteen orhitr'ls poten¬ 
tially available for electron filling. 

a*-MO’s are generated when the raetai AO's ana the group 
ligand a-orbitq/(s combine together with maximum positive oyerhp 
and o-*MO’s are formed when the orbitals overjap together tvith 
maximum negative overlap. > 




stability d 
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Overlap of metal AO’s: As, Ap„ Ap^, Apt, 3<4*-r* and 3d«* 
with group ligand ff-orbitals : it. and Bg* respec* 

lively, which are of the exact same symmetry, to produce a*-MO’s 
is shown pictorially Fig. 12*! 6. 

From Fig. 12-16, the following points may be noted : 

(j) The wave functions of all the six ligand orbitals used for 
combination with 4j-orbital have the 'same sign (i.e. + sign) as 
metal 4j-orbital. This is a case in which the orbitals combine 
together With maximum positive overlap and give the bonding MO’s 
[Fig. 12T6 (a)]. The corresponding antibonding MO’s would involve 
reversal of sign of the wave-fuction of the combining orbitals. 

(//) Each of the meta^ /M)rbitals combines with a ligand com¬ 
bination orbital involving |iwd ligands as shown for the 4p, orbital 
(Fig. 1216 (6)]. 

(Hi) The dg* and orbitals of the central metal ion com¬ 

bine with the combination linnd orbit^s of the same symmetry (e,- 
symmetry with the signs as shown in Fig. 12-16 (c) and (d). 

Energy order of orbUa^s and their fllling with elcctnms. 

The order of energy of different orbitals formed in an octahed¬ 
ral complex depends on the nature of the ligands i.e, whether the 
ligands are strong(er) or weak(er). Thus two cases arise ; 

(/) When the ligands are stTong(er). Stroog(er) ligands such 
as NH, molecules spilt the o-bonding MO’s namely, o/, 

».*1»**=<»*** “Of® widely and the energy difference. As bei* 
wccQ the non-bonding AO*8 idp$ and id^g) and 

settof MO’s(o.*-,‘* and o,** MO’s) is greater than the electron pair- 
iing energy, P [i.e A* > P)- 1“ en«fgy of 

different orbitals is shown as follows : 


n ag* a. Og* aa Og* (3)...,. Op* (tin ) 1 

a,* (1)...(flu*) f 

o xt-ys* - «,i*(2)...OiS or a*{d) (e,*) } 


six 9* MO’s 



3dgg (3)...wi or «(d)or d, or-i Three non-bonding 

- - I, \ v AO's 






OjP^yt'’ — « ‘ (2).(c»)- 


) 


(i) 


(3). 


»»■ (tm)- 


«is (tu) 

[six «* MO’s 


•(*!»)• 


Numbers given in brackeu indicate the degeneracy of the MO’s 
or AO's as the case may be, e.g. the MO’s viz. ««*, and <t»* are 
triply degentrOte. 

Quite evidently the o'-MO's have the lowest energy, e*-MO’t 
have the highest energy while the non-bonding orbitals viz- 3di^f 3dgg 
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Fig. 1216. Combination of 4#, 4/>, (similarly for Ap, and Apy), 3rf,* 
and AO’s of the central metal atom with a group ligand o- 

orbitals to form bonding o-MO’s in an octahedral complex. 

(а) Overlap of metal 4«-orbital (ai, symmetry orbital) with a group 
ligand o-orbitals (aif symmetry). 

I,—(<»,+o_, + o,+o-,+o,+o_,) 

(б) Overlap of metal 4^s-orbltal (ti. symmetry orbital) with a group 
ligand o-orbitai (/is Symroetry). 

(e) Overlap of metal 3</(*-orbital {ty symmetry orbital) with a group 
ligand a-orbitals (cy-symmetry). 

(,2oi+2o.,—00-0--—o,—o.|,) 

(d) Overlap of metal orbital (ey symmetry orbital) with a group 

ligand o>orbitals (ey symmetry). 

V-***“4“ 

and 3d,K have an energy level intermediate between th'.; bonding and 
antibonding MO’s. Thus the non-bonding orbitals are more stable 
than the anti-bonding MO’s but less stable than the bonding MO’s. 
These orbitals remain unchanged in their energy. 

Now let us see how the distribution electrons in 
[Co(NHa),]*+ which contains strong(er) ligands viz. NH* molecules 
\i.e. it is a low-spin' complex) takes place in various orbitals according 
to the above order. This complex has Co as Co*+ (d* system). Thus 
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in all 18 electrons in it: 12 electrons from six : NH, mole¬ 
cules'and 6 from </-orbitals in Co*+ ion. The distributiqn of 18 clcc- 
,irons in various orbitals is shown in Fig. 1..'17 which is commonly 
called the MOT energy level diagram. 

Fig. 1217 shows that the MOT conhguration of [Co(NH8)»P+ 
can be represented by any of the following configurations : 


Nine AO’t on Co*+ ion MO’g and non-bonding Sill ligand combination 

l3</(5) + 4j(l)_4jp(3)l AO’s in lCo(NH,),]*+ o-drbilgls of 6 : NH» 

having SIX'elecirons molecules. {strong(er) 

' ligands having 12 elec¬ 

trons] 



Fig. 12'*7. Molecular Orbital Theory (MOT) energy level, diagram (dra»n 
not to scal^) of |Co(NHt t]*^ which is a Ipw-spin octahedral cam¬ 
ple; (It bonding not considered, only d bonding considered). The 
' electt'ons repretented by crosses are those' ^ six : molecules 

(ligands) and those represented by full arrows (f 4)are 3d elec¬ 
trons of Co*+ ion (d* ion) 





-Energy increasingr^ 
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- WT. = («,• *).* ( 34 ,)* 


(//) (6a*lM, (34J* 

(///) (a,,)*. (/,„)«. (e,^ 

(»v) (ff/)*. (V)«. 


= (34.)* = (34,)*. 

(/*,)*. 

(wj)*. 


(34,)* = r34.)*. 


The designation (6 a"]** represents the six sigma-bonding MO’s: 
«/. = «,* = a,*, a-H of which arc completely, 

filled. Hence the superscript 12. 

In connection with MO'rf' energy level diagram shown in Fig. 
12’17 following points may be noted : 

(a) Since the ligand orbitals are usually more electronegative 
than the metal AO’s, we have drawn the right hand energy level 
below any of the left hand levels. 

(b) The crystal field splitting energy (Ao or 10 Dq) in an 

octahedral complex, according to MOT, is the difference in energy 
betwetn the fje (4,- 4*' and 4z‘0rbitals| and e.* atid om* 

MO’s) energy levels 

(c) In general it may be assumed that, if a MO is near in 
tfn'fcrgy to the energy of the ligand orbital, it would have more of the 
character of the ligand. Thus six o^-MO’s (i.e. a,o, o*^ a/, a,*. 
®x*—and MO s) which are nearer the energy level of the 
ligrnds, are occupied mainly by the ligand electrons (two electrons in 
each ligand orbital have been shown by crosses, x X) rather than the 
metal ion electrons (metal ion electrons are shown by full arrows 
I t). In other words the electrons in the six a*-MO’s are mainly 
localised on ligand orbitals, since o-orbitals of the ligands are more 
stable than the n etal orbitals. Conversely, electrons occupying an y 
of the six a*-MO s are to be considered mainly metal ion electrons. 
Electrons in set of orbitals will be purely metal ion electrons when 
there are no ligand n-orbitals. 


(ii) ^en ligands are weak(er). In case of weaker ligands 
such as F" ion, the energy diGEerence, Ao. between the tg. set and e.* 
ret IS smalls than P (i.e. Ao < P) and hence the lowest-energy anti¬ 
bonding MO s namely aiid have approximately the 

»me energy as the non-bonding AO’s : 34,, 34, and 3d„ (r„ set). 
Consequently, the order of energy becomes as shown below ; 


=<*.•(3).a,r(fi.*) "isixo* MO’s 

Oj.>and three non- 

34 ,—34,=34*=<Tx*-y»*=a,**(5). dr+ 04 * 3 bonding AO’s 

(Ii*+*#*) 


ox»-j4»=a^*(2) . .,. 04 >(e,) 

.»«*(Ii«) 

n.*(l).(M 


] 


six o* MO’s 


The dis^ibutiqn bf~F8 electrons in ICoE,]*- which contains 
weak (er) ligands VIZ. F ions r/.e. it is la high-spin complex) takes 
vanous orbilals according to the al^Ve scheme as shown in 
MOT energy -Jevel diagram given in Fig. 12-18. this Fig. clearly 
shows that incase of high-spin complexes Hand’s rule is oteyed 
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The MO-configuration of [CoF,]*- can thus be represented by any of 
the following configurations : 

= (3dp$)^— (3</f *)*■=(Ojft _ =(®*s *) 

m (flip)*. (<.«)*. ((»)*• 

(/V) (a/)*, M*. (Tti)*, (oa*)* 

Nine AO’s on Co^ ion MO*s and non-bonding Sis li^nd comtanation 
I3d(5)+4,(l)-^4j,(3.] . AO’sin[CoF.l*- 

having sis electron. ‘^’ii?12'S^on^ 



low-spin comiuexea. 
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Electronic configuration of octahedral complexes of d^ to 
ions having strong(er) (/>. low-spin complexes) and Weakter) 
ligands (i.e. hi^-spin complexes) is shpwn Table 1316 and 13-17 
rwpwtiydy. In both the tables the designation i6o*]i* represents the 
SIX o*-MO s : ' ‘ 


X — — O* f 




all of which are completely filled. Hence the superscript 12 It 
may ^ seen from these tables that MOT also predicts the same 
number of unpaired electrons, n (or the resultant spin, S = l n) in 
low-spin and high-spin octahedral complexes a CFT does. 

>c-teNDING IN OCTAHEDRAL COMPEXES 

We have so far dealt with cr-bonding between the central metal 
^tionand ihe ligands having o-orbitals in octahedral complexes. 
Here we^hall consider the forniation of it-bond between the appro¬ 
priate AO s of the central metal cation and ;t-orbitals of the ligands 
(usually called ligand n-orbitals). “ 

The metd orbitals which take part in the formation of w-bonds 
^ j’ orbitals, since thesocan overlap with, 

the ligand n-orbital in sideway on fashion to form the n-bond, while 
the ligand 7t-orbitals participating in r-bond formation may be any 
ot the following three types ^ 

(a) Simple p-orbitals. These may be simple p-orbita l 9 ;/called 
pn orbitals) which are not directed along the line joining the ligand 
and the metal ion, i.e. p-orbitals taking part in n-bond formation 
are perpendicular to one another and also to the metal ligand Thus 
^ere are two such p-orbitdis on each of the six ligands in an octahe¬ 
dral complex as shown in Fig.. 1219 in which Li.L, are the six 

^“^i "•*’/** u"*Y ’ ”*1 "*»’ ’'**• W 4 . 

are me pn-Iigand orbitals along the x-, y- and z-axes respectively. In 

the first column of Table 1218 are listed the ligands L,.L, and 

Table 1218. P'!t-orbitals of ligands Li .L, 


Ligands, 


pit-orbUals on the ligands 




^li. 

’'Sji 
’'8«> ’'fci 
’'4«, ^Sm 
“ii, ’'li 


^Total 12 orbiUils. 


J 


in the scednd toliimn are given their p--orbitals The letter x in 
^..... imdicates that th^ pn-orbitals-are ^ongj the-x-axis, 
the letter h-ib ...k^ iMicates thi^ these-pjr-drbitals lie along 
the y-axi^. Similarlyithe-ktler z in staonds t indicate 
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that these »7r-orbitals are along the 2 -axis. The numbers 1, 2,.-.... 
5, 6, used as coefficients of x, y and z in different pn-ligand orbitals 
indicate that these /»«-ligand orbitals are of ligands namely Li, L*... 
...L#, L, respectively. 

The arrow-heads of these pn-orbitals point in the direction of 
the + lobe of the orbitals. 

Ligand pir-orbitals are always filled and are found in halide 
ions, O*', RO", RS" etc. 



Before combining with AO’s of the central metal cation these 
ligand p«-orbitals combine together to form group ligand w-orbitals. 
It is quite easy to see that the group ligand rt-orbitals (not in the 
normalised form) which can overlap with, for example, d„ atomic 
orbital is : 

(iti*—njj-f-TCj,—ir»x) 

In the last column of Table 1219 is given the appropriate 


Table 12-19. Proper metal-and-ligand n-orbitals combination 
{with symmetry class name) for octahedral complexes. 


Group symmetry 
name 

Central ion 
orbitals 

Appropriate combination of ligand 
pn-orbitdls 


*Pm 

(ffj|P+7r4j|-|-7r||g+Trgjj) 

>\u or Ti« 




*P» 



-' — ■ ■ - ■ * ' V - 

3rfx» 

>tx»“4 (*1*—’'Sit) 

Iff Of I’lf 

3<f«. 



3</.« 

(’'1. + 
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combination of pn-orbitals of the ligands that can overlap with 
Pmt Put Pmi ^d dg^ otomK orbitals. These combinations are 

not ^ven in their normalised form. 

In Fig, 12-20 the overlap of p, orbital of the central metal 
cation with group ligand pic-orbitals viz. } (ic„+it„+7Cj,-|-ici5 and 
of </» orbital with group ligand pic-orbitals viz. «»*) 

is shown. 


TTj^ligond 


atomic orbital on metal cotiofi 
/ I^az'igond orbital 

Metal cation { 


orbital 1 + 



yTTij^ligond orbitol 


L, X 

^ (-] (-1 
vL4 

^ 4 Z ligond orbital 
(a) Overlap of the meul p, atomic orbital with group ligand pic-orbitals 

VIZ. (’'Ii4-ic*»-f-’'3g-t-if4t). 


Ugand rr-orM^in.^) 


6 $Ptnd n-prBi/^l 



orbif’M 

(Netai iort orbitgtl 


fiSdndir-otbaat 




Ugondfr-orbital 


' of‘he metal <!„ atomie orbital with group ligand pn-orbi- 

tala vtx. (ifii—irt»+«i«—asa). r 

group Snd^2?-orffl.®^ 

(b) Simple dic orbitals : These may be simple dic-ofbitals 
{i.e.a^, agr and </«rorbitals). Such type of dic-orbitets are found 
in phosphtnes, arsines etc. These are always filled. 

«tM.li * . ““y ic MO’s of poly-atpmic ligands 

such as CO, CN-v.»r pyridine. »- .> > o 

r* how the^mbination ot the ic-MO’s of 

poly-atoiiiic Itgand^ wifh the metal diii^i^itats occurs inrowter to 
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illustrate such type of combination let us consider the bonding in 
hexa carbonyl of chromium Cr(CO), in which both <t- and Tc>bonds 
occur. In this compound Cr is in zero oxidation state jCr‘’-»-3d®4j*). 
Since the coordination number of Cr in Cr(CO)* is six, Cr is d*sp* 
hybridised as shown below : 


Cr° {3d-' 4j» 4p“) 


Cr in Cr(COe) 
{3d* As” 4p°) 


, - 3d -^ 4j , - Ap -> 

t t t t 1 1 _ __ _ 

xy yz zx z* x*—y* 



4--- As , - Ap -^ 

t i t; t i 




-V-- 

six d*sp^ hybrids 


We know that,according to MOT the electronic configuraf' 
of CO molecule is : (z-axis assumed to be the molecular axis). 

-Energy Increasing-- 

. (0./)’. (rtx")*=(rr,,'>I*;(sp)2. . (’t.*)*=(V)*. 

Now the filled sp hybrid on carbon atom overlaps with one 
(suitable) vacant d*sp* hybrid oirbital on Cr° to form Cr<-CO<j- 
bond (See Fig. 12-21). Thus in the formation of a-bond CO acts as 
a Lewis base {i.e. as a donor). 


vocant hybrid orbitoi.of Cr otom 

\ 

hybrid on Corbon^of CO' 

= O-.—cr ^ 0= 0 = 

Cr-4 . CO bood^^ 

Fig- 12-21. Formation of ^Cr4-CO o-bond using an unsfured eiebt'ron 
pair on carbon atom- 


One (suitable) of the filled dy, and d„ orbitals (t», set) ofn 

Cr overlaps with either of tj^e empty -k* MO*s of CO (w,* or ity* MO) 
to form Cr-»^CO n'-bond {see Fjg. 12-22). Thus we see that in thfe 
jormatio6 of Cr-^CO 7r-hortd,' CO acts' as a Lewis aeid (i.e. as an 
acceptor) Cr-^CO-rrhond oemoves^lectroB density fr$m the metal 
and thtik pr-ovents the acfom'uhrtion of tob much negative ch^gp pn 
the met»y . Phis bond is cjalled back-donation,, baek-bonding of%ick- 
cooidinatioa; The-jinfra^ed specflroscopy. has shpwh that-back- 
icoordination into the it*-MO’s Wdakev'lhc taotbos to-oxyg4n bond. 
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The bond order in CO is three but in metal carbonyb it is less. The 
presence of bbth e- and ic-bonds in Cr(CO)( strengthens the metal- 
ligand bond and contributes to the usual stability of Cr(CO)a. 


Filled dxy olop-r orbital of Cr 1*}^ orbital I 




y: 


Empty TT MO of CO irolecule 


Cr 


^ (^/ ^:±) 


Cr- 


•coir 



Fig. 12‘22- Pormatioa <d Cr-bOO «-boiid in Cr(CO)(. 

EActe ef ic-Bonilag on the Valne ef A* 

The formation of n-bonding in complexes affects the energy 
level of the metal i^-orbitals just as the formation of e-bonding 
affects the energy of the e,-orbitals of the central metal ion. These 
effects on the energy level of orbitals depend on two factors 
namely: 

(/) whether the Ugmd li-orbitab ef it, symmetry are of higher 
or lower energy than tia metal ttrorbUnb and 

(/i) whether the ligand n-^rbitab are filled or empty. 

In n-bonding three r|,-metal orbitals on combining with three 
ligand K-orbitals of tu symmetry give two sets of triply degenerate 
MO’s namely ftf^-s-nd ft,*-MO’s. /„*-MO’s are of higher energy 
and /,f*-MO’s are of lower energy. The splitting of three /tf-metal 
orbit^s on combining with three ligand n-orbitals of tu symmetry to 
produce three tu*- and three rM*-MO's can take place in the follow¬ 
ing two ways: 

(a) Empty (/.e. acceptor) llwd it-orbitab of higher energy than 
the mem tu-orbitab. If the ligand ic-orbitals are empty and of 
higher energy than the metal ion fv-orbitals, the splittii^ of tu- 
orbitals into t,,*- end ftp*-MO’s on combining with the above said n- 
orbitals (of fay-symmetry) takes place as shown in Fig. 12-23. 


In this case the net result of w-interaction is that the metal 
fty-orbitals are stabilised relative to the ea*-MO’s i.e. the metal tu 
electrons will go into the ft«*-MO’s wbidi are of lower energy than 
ray*-MO’s and thus the value of Aa will be increased to As' 
( As < As')* In Ibis case ligand exerts a stronger field. A ligand 
of dib type » referred to as an acceptor ligand necause of the pre¬ 
sence at «q>ty K-orbitals in it and the st-bondiag estaMbhed in such 
a ease u sometimes referred to as nletal-to-Hgand (M —> L) w-bon- 
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ding. Hiosphines, ar&ines and CO are important examples of this 
type of ligands. 
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/ orb'tols of higher 
/ er..":r gv 


tpT orbitols 


n H' t; 


I Filled mo's 

Fi*. 12-23. MOT energy level diagram Idmwn not to scale) showing the 
efltos of :;-bonding on the value of At. when the ligand 
orbitals are empty (/.e. acceptor) and of higher energy than 
the metal ion i*, orbitals (filled). Note that At' > A^ 

(A) Filled (i.e. donor) ligand n-orbitals of lower energy than the 
matal tsforbitab. If the ligand w-orbitals arc filled and of lower 
energy than the metal /st-orbitals, the splitting of metal orbitals 
takes place as shown in Fig. 12*24. 
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Fig. I2'24. MOTeneigy level diagrM -(drawH not wacalet-showing the 
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« v ^ ^^21; jwoitaJn are^»c alpMrisnf relative to 

^0 -MO%. TK^.dl^oUttKls tlitf; }||a!lid ic-oibttais enter 'the lower 
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/ij*-MO’s and thoM of the orbitals will go to higher tt,*' 

MO’s. Since in this case, the n-interac|iqn destabilises the rjg-nieta] 
orbitals relative to e,*, MO’s, the value 6 f /\, is diminished to ^o* as 
shown in Fig. 12-24 (Ao > A')- The ligand in this case exerts a 
weaker field. A ligand of this type is ^ntfraily called a donor ligand 
because of its filled n-orbitals. Halide ions are important examples 
of this type of ligands and the n-booding jpf this type is generally 
referred to as ligand^to-raetal (L —M) ^-bonding. Such type of 
Tt-bonding occurs in complexes having fhetal idfts in their normal 
oxidation states (especially lower oxidation states). 

Relation between n-bonding ability of ligands and spectro-chemical 
series 


The MOT also provides a correlation between the^pectro- 
chemical series and the n-bonding abilities of the ligands. The 
ligands which can accept electrons from the metal ion orbitals into 
their 7 :*-orbitals (i.e., the ligands having strong M -> L ^-bonding 
ability) are high in the spectrochemical series. Such ligands are called 
7t-acceptor ligands and cause large splittings i.e., have higher 7 ^, 
values, whereas the ligands which donate electrons to the metal 
orbitals [i.e., the ligands having strong L -► M w-bonding ability) are 
low in the series. Such ligands are called n-donor ligands and cause 
small splittings. The ligands having little or no n-bonding ability are 
intermediate in the series and have intermediate Ao values. This 
trend is shown below : 


CO > CN- NO*- 
> 0 -phen 


> NH, > OH- 

> OH, > F- 


> SCN- > Cl- 

> Br- > F- 


Ligandt having 
strong M -a L n'bond- 
iag a^lity. Suhh ligands 
are call^ ^.acceptor 
ligands and cause large 
splittings I.e, -have 
larger ^0 values- 


Ligands 
having no 
It-bonding 
ability. 


Mgsnds hav- i Ligahds having 

ing little i-itropg.LM it-bohding 
L M tt- liability. Such-Hgands are 
bonding abi- i* called n-donor ligands 

lity- ; and cause small spiittings 

i (-e., have smaller As 
I values. 


These ligands 
have larger a# values. 


These ligands have inter¬ 
mediate Ae values. 


-►-^Vtrlpe of A# ’decreasing. 


'Tlies£ ligands thave 
smaliet Ae^alue. 


Effect of the charge on the cratMl metal too bn thb magnitpde of As 

According to MOT of complexes As is the difference in energy 
between [or <T(d)* or e„*] and wg [or or dit or 714 ^ = 11 ^ = 7 t„] 
levels. In order to study the effect of the charge on the central metal 
on the magnitude of Ao> the followisg tWo types of comnlexes may 
be studied : 

(t) Complexes containing U^nds.that are not good R-acceptors. 
In such complexes Ao increases with ^|e increase of positive charge 
on the metal, ion, e.g.. 
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Ao for IV" (H,0),J*+ = 12,400 cm * 
and Ao for [Vl» (H,0),]»+ = 17,850 cm- * 

The increase in the mc^itude of Ao 'o l^ese complexes is inter¬ 
preted as a substantial increase in <r-bonding on increasing the i^i- 
tive chatge on the metal ioti. This results in an increase in the diner* 
ence ip'energy between at* and nt levels. 

({/) Complexes containing ligands that are good n-acceptors. In 
such complexes an increase in positive charge on the metal ion does 
not seem to be accompanied by a substantial increase in Ao J 
both[Fc"(CN),]«- and[Fe"‘(CN),l*-*have Ao values approximately 
equal to 34,000 cm *. In the transition. [Fe^* (CN),]*- -► [Fe 
(CN)«]* the lid level is destabilished just as much as the level, 
probably the result of a decrease in M -+ L «-bonding when the 
positive charge on the central metal ion is increased. 

Coinparision of Different Theories 

VBT Vs CFT 

We have .seen that accordibg to VBT the atomic orbitals 
used in'the formation of six d*sp* hybrids in inner-orbital octahedral 
complexes of 3^-scries elements arc 3<4*_yi, (e, set) 4j, 4p«, 4p„ 

and 4pi. The remaining three 3rf-atomic orbital viz, id^^, id^t and 
3 dm remain non-bonding and contain metal'ic electrons (non¬ 

bonding electrnos). In CFT as well the metallic electrons occupy /t» 
set, since it is lower in energy than e, set. 

Inner-orbital octahedral cotnplexes of VBT (d*sf^ hybridisation) 
are tbejsameas spin-paired or low-spin octahedral complexes of CFT. 
Similarly outer-orbital octahedral complexes (sffid* hybridisation) of 
VB'T are the amc as spin-free or high-spin octahedral complexes of 
CFT. In the formation of some inner-orbital octahedral complexes 
of VBTre.g. complexes of cf ion) the promotion of an electron from 
d-orbital to j-orbital is required, while in the formatioil of spih»paired 
octahedral complexes of CFT no such promotion is required. 

There are also certain points which make VBT different from 
^GFT. According to VBT, the metal-ligand bonding in complexes is 
only covalent, since VBT assumes that ligand electrons arc partially 
.donated to metal orbitals. On the other hand CFT does, not consi¬ 
der covalent bonding in complexes, but considers the Iwnding to be 
entirely electrostatic, an interaction between, a positively charged 
pietal ion and the partial negative charge invariably present on the 
ligands. In its pure state, CFT does not provide for ligand electrons 
to enter the metal orbitals. 

CFTVa MOT (a) Siiularicc. (f) From the MOli^fcBetgy level 
diagram for an octahedral complex, ir may he seentthhl 3dm> 

3</„, and 3i/„ AO’s of the central metal ton (f e 

== a^*) energy levels are split apart (qualUathielv) in the same 
manner in which the tu e. 3i4y> 2 dpt aQ4 id orbitals) and e, (i e. 
3 d^t and 3 djfl_y» orbitals) are split apart in titejcyystal field splitting 
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diagram. The set of tripW degenerate non^ndfng AO’s name^ 
3df$ and of MQT' raergy level jd^graittvis merely the 
level of CFT; and set of doubly degenerate aa(il?9ading MQ's (i.«. 
ffjji j * — Oj* ) of MOT energy Jevel ^grain js identical to tho 
e,-set of CFT (Fig. 12-25). ' 
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X-* * 


-/a, or 10 Oq 


3d 3d 3d 

.:y yi ^rr. 
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{Three aoo-boading AO’s) 
(a) (h) 

Fig. I2-23- Relation between a-ysta) field snlitOot diagram of an 
octahedral complex Aown at (n) ahd a portion of 
MOT erergy levti diagram.of the sanjc complex 
shown at (b). Qiagram drawn not to scale- 


(it) As regards‘the conceptions of HS-.and’LS- complexes, 
their different magnetic properties and thev'''ueof a«, these are 
retained in the same manner in both the-theories. 

Differences, (t) Mode- of prmation a) bonding in complexes. 
CFT considers thatlhe metat-iigpnd intQrachan in completes arises 
from the electrostatic attraction between the taetal cation and 
ligands, while MOT says tha^melaVligand hHpractiop OQcmn through 
the MO’s formed by. the overLtp of Ifgand and metal orbitals. 

(li) Orbitals used in the oond forntatTen. CFT takes into^account- 
the metal ion d-orbitals only, ^ d ignores the behaviour of other 
qietal-nr.Hitals such slssa Pm- add/^rorbitals and the o-. and/or ic- 
type^and orbitals. On the 9 tiher*haBd MOT considers all the metal 
ion orbitals and also a- and/or tc-orbitals of .the ligands. 

(Hi) Cause of the spiitting of d-orbitals. Both the theories 
admit the splitting of the 3d-mer>«\ ogbitaJs, when a complex com¬ 
pound is formed. According to CFT, the splitting is cau^ by the 
electrostatic fields exerted ^ the ligands on the central metal ion, 
while according to MOl -it Ts caused* by, covalent bond formation. 

(iv) Cause of engtgy difference, We have seen in the treat¬ 
ment of MOP ithat if the ligand i^orbitals are eng>ty and of higher 
energy than the A«-metal oi^italsv trcjgnefgy difference, Ati between 
tag- and e. - Orbit^S> is increased. 'Alxerding to MOT the increased 
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energy diflerence is caused by tc-bonding and is responsible for caus¬ 
ing pairing of the electrons (i.e. the formation of LS-complexes). On 
the other hand, CFT postulates the increased energy difference as due 
to the increased electrostatic field of the ligand. 

According to CFT, the di^erence in energy between tf,- and 
fj-orbitals is simply because of the difference in the electrostatic field 
of the ligands ou these orbitals, while according to Ligand Field 
Theory (MO-theory) the tt,- and e,*-orbitals have different energies 
because one set {viz. /tg-set) is non-bonding and the other set (v/z. 
e,*-set) is anti-bonding. 

(v) a- and it- bonding in complexes. In addition to the a-bond- 
ing in complexes, the LFT (MOT) postulates ^-bonding as well in the 
complexes. 

(vi) Nature of bonding in complexes. CFT, which considers the 
bonds as purely ionic gives no account of the partly covalent nature 
of the metal-ligand bonds. Thus the effects directly dependent on 
the covalency cannot be explained by CFT. However, LFT (MOT) 
takes the covalent character of the bond into account. 

(v/j) Charge-transfer bands. MOT energy level diagram shows 
that anti-bonding level;, ai,* and /i«* which lie above e,*-level also 
represent terminal levels for electronic transitions originating in tgg- 
level and electrons residing in the bonding levels may be excited into 
higher levels giving so called charge transfer bands. Neither of these 
two informations given by MOT energy level diagram can be given 
by CFT energy level diagram. 

VBT Vs MOT, We have seen that in VBT six atoUiic orbitals 
Viz. 4j, 4px, 4py, 4pg are used to form six d*sp* hybrids 

which accept six electron pairs from the six ligands to form an inner- 
orbital octahedral complex while in MOT the same six atomic orbitals 
overlap with six cr-ligand type orbitals to form six a*{a, 

‘ ‘) ^x*-y* *= 

a«‘*) molecular/orbitals. In VBT 3dxy, 3dgg and 3d,t atomic orbitals 
do not participate~in d*sp* hybridisation process and hence contain 
metallic electrons. Similarly in MOT these atomic orbitals do not 
participate in the formation of molecular orbitals and hence remain 
as nonrbonding atomic orbitals. 

Since, unlike MOT, VBT does not include antibonding molecu¬ 
lar orbitals namely a**./* =»***, o,*, <r,* =»,*=»<»,•, it does not pro¬ 
vide an explanation of the spectral bands of the metal complexes. 
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Isomerism Among Inorganic 

Complexes 


The compounds which have ihe same chemical composition 
but have different structural arrangement of their atoms are called 
isoascrs and the phenomena that gives rise to isomers is called 
tomerisB. Coordination compounds exhibit two malt types of 
isomerism viz, strueturai iaomerism and stereoisomerism. Each 
of these is further subdivided as : 


Stroctuial 

isomerism 


Stenoisomerism 
(or space isomerism 


^isstioo Hydrate Ligud Liniuige Coordmadim 
isomerism isomerism isomerism isommsm poaitidn bo* 

racism 


Positkm or Oeomeltbal Optical or 

or cis-traas isomerism mirror-image 

bmmrism 


STRUCTURAL ISOMERISM 


This isomerism arises due to the difference in structures of 
coordination compounds. This is of the follovring ^pes : 

(i) lonisatioa'bomcrism 

Complexes which have the same emperical formula but give diff- 
rent ions in solution on ionisation are called ionimtion isomers -e g 

(Co’« (NH,),BrlSO« rt) and (Co”* (NHs)sSO*]Br (II) are the two 
ionisation isomers (I) gives white precipitate of BaSO. with BaCl, 
solution while (II) does not- Similarly (II) gives yellow precipitate 
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of AgBr with AgNOb while (I) doeenot. Some other examples of 
ionisation isomers with their mode of ionisation in solntion are given 
below: 


Jaatforlaa Uomen 


(/) [Co(NBa)(CUNOa 


(fO (Co(NIfc)*<CI)(NO«)ia 


(i) Co(en)t(NO|)(a)]SCN 


(//) {Co(en)i(NOk)(SCN)ia 

(Co(en). 

m [Co(en),(SCN)(a)INOa 



(//) Hydrate Isomerism 

There are three isoMei> of CrCla. 6 H^ wliicfi are 


(a) CrdijUhlCIa—vmlet. does not lose water over H 1 ISO 4 and 
all O* ions are immediatrny preemltated by Agt kms. 

(b) [Cr(HtO)«CI]CI,.II|joi"gKan. 1(^ H,0 dver H<SO« and 
two Cl~ ions are prcdpitated by 'Ag^on 

(c) [Cr(H«0)tClt]Ci.2Ht0—g^n, loses two water molecules 
over H ^04 and only one Cl* ion is precipitated Iqr Ag^ ions. 

An example involving both ionisation and isommism 

is provided by the corapleses : 

(Co”* (NH,) 4 (H, 0 )ajBr, and (Co*” {NH,) 4 BrJ Cl. H*0 
(Ui) Ligaad homrriim 

Some ligands themselves are capable of existing as isomcxs, 
e.g., diamino propane can exist both as I, Iniiamino propane (yuf 

1, 3-diajnino propane, also called trimcthyiene diamine (tn). 

CHr-CH,-CH, CH,—CH-CH, CH,-CH,—CH, 

propane / \ / \ 

H,N NH^ H»N NH, 

1.2-diainino propane 1.3-diamino propane 
(po) (tn) 

When these ligands (l.e., pn and tn) are associated into comp¬ 
lexes, the complexes are isomers of each other. One example of 
isomeric complexes having this Kgand is': fCo({ih),Ciil'*' and [Co(tn )4 
Clt]+ ions. The structural forraulaa 01 these complex ions are 
shown below in Fig. 13-1. 
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Fig. I3i. Structural formula (a) jCotpnltCIil''and (6) ICo(tn)tCI)''’ions. 
(/V) Linkage Isomerism 

This type of isomerism is found in those complexes in which 
the ligands can coordinate with the central metal ion through either 
of the two atoms. The best known ligands of this type are NO*', 
SCN- and S*0,®- ions. In complexes containing NO*' ion as ligand. 
NOt' ion may attach with the central ion either through O-atom or 
through N-atom. Similarly in case of a complex having S,0,*' 
ion, the central ion may be coordinated with SfO,*- ion either 
through S-atom or O-atom. SCN' ion may attach with the central 
ion either through N-or through S-atom. 

The names of these ions (i.e., ligands) when coordinated 
through different atoms and examples of complexes are given below : 


lent I 

Complexes 

NO*" ion 

V 

fNitrito (ONO-) 

iNitro (NO*') 

(Co“‘ (NH,),^0N01*+ ion 
lCo^”(NH3)5-NOt1*^- ion 

SCN ion 

f Thiocyanato (.SCN)' 
t Isothio cyanato (NCS-) 

(Pd rdiph) (SCN)i| 

• (Pd (diph) (NCS),1 

StO**" ion 

J Thiosulphato-S (SSO*)*' 

1 Thiosulphato-O (OSOiS)*' 

(Co(NHi)tSS 03 ]+ ion 
(Co(NH«)sOSO|S]«- ion 
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Members of each pair of complex ions given above are linkage 
isomers to each other. 

(y) Coordination Isomertom 

If both cation and anion of a complex compound are complex, 
there may be an exchange of ligands between the two coordination 
spheres, giving rise to isomers known as coordination isomers. This 
type of isomerism which is called coordination isomersim is illustrat¬ 
ed by the following coordinated compounds : 

(o) Coordination compounds having similar central metal ions 
in both complex cation and complex anion : 

(/) [Crl» (NHa),]»+lCr»« (SCN)J»- 
and [Cr»‘ (NHaMSCN)*]^ Cr>» {NH,)j(SCN)«]- 

(ii) [Pt” (NH,)J*+[Pt^V Cl,]‘- 
and {Pt‘V (NH,UCl,]*+[Pt” Cl*]*' 

(b) Coordination compounds having differert central metal ions 
in complex cation and complex anion : 

(/) [CO”* (NH3),]»^{Cr”I (CN),] • 

nd lCr>" (NH,).p^ (Co«* (CN),) ‘ 

(H) [Cu“ (NH,) 4 P+(Pt“ Cl,^- 

r id (pt" (NH3)4 ]*+[Cu” CI4]*- 

( //) (Co>“(ei),]»*[Cr>»(C404),]* 

nd [Co"‘(en) 3 (C, 04 )]+[Cr“‘(en)(C, 04 ),]+ 

Here en stands for ethylene diamine, H,N—CH,—CH,—NH,. 

( i) Coordination Position Isomerism 

In some of the polynuclear complexes, to interchange the 
ligands between the metal nuclei which are present as part of the 
complex is possible. The type of interchange of ligands gives rise 
to coordination position isomerism, e.g., 

m /NH,. IV 

(NH,) 4 Co( >Co{NH,),CU 

\ o,/ 

unsymmelrical 


IV .NH,. Ill 

(CI)(NH,),Co' \Co(NH,0j ;C1) 

^ O. 

symmetrical 
are coordination position isomers. 
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STERBCNSCMIIIUSM OR SPACE ISOMERISM 

When two compounds contain the same ligands coordinated to 
the same central ion, but the arrangement of liguds in space is 
different, the two compounds are said to be stereoisomers and the 
type of isomerism is called stcrcoboincrisa. It is also called space 
boneittm. Stereoisomers are quite siihilar, e.g., optical isomers 
(which are stereoisomers) differ only in their opijcal activity. On 
the other hand structural isomers differ from eaclK. other in various 
ways. 

Stereoisomerism is of tWo types : (t) Geometrical or cis-trans 
isomerism, and [ii) optical orjpirror-image isomerism. 

GEOMETRICAL ISOMERISM IN 4— AND <— COORDINATION 

COMPOUNDS 

Geometrical isomers have identical empirical formula but 
differ in chemical and physical properties because of the different 
arrangement of ligands. They are usually easily separated by 
chemical or physical means. Some (not all) of the geometrical 
isomers may develop optical activity due to distinct mirror-image 
forms. Thus geometrical isomer 'which A capable of existing in 
non-superimposabfe mirror-image forms can be used tc isolate opti¬ 
cal isomers. 

In a c/r-isbmer two idenfica) (t.e. similar) groups are adjacent 
to each other (Latin, m same) while in a /ra;o-isomer the two 
identical groups are diametricallv Ji.e. diagonally) opposite to each 
other (L tin, trans —• across).' t.e., a At'raigKt line connecting the 
two groups trans to each othet'))as^s through the central at which 
the metal ion is placed. 

Geometrical isomerism cannot arise in a tetaahedral complex 
(C.N. = 4) because this geometry contains all the ligands in cis (i.e., 
adjacent) position A'ith respect to each other i.e. each ligand is 
equidistant from the other three ligands and all bond angles are the 
same (- This isomerism is, however, found in many square 

planar (C. N.=4) and octaJiedral(C.N.«»6) complexes. 

(A) Square planar complexes 

[Mfljb]"'*', [Mabj]'*’^ type square planar complexes 
donot show geometrical isomerism, since every conceivable spatial 
arrangement of ligands round the metal ion is exactly equivalent. 
The following types cf square planar complexes usually show cis- 
trans isomerism. 

(/! type complexes. Here M => metal ion and a 

and h are monodentat'e ligands. Ck)mplexes of this type can exist in 
cis- and (rans-isomeis -as shown below in Fig. 13-2. 

Examples. Examples of this type of complexes are 

[Pt» (NHj)* Clsl® and [Pd”(NH,), (NO,)J*. Both these com-v 
plexes have cis- and trans-isomers. The existence of cis- and trans- 
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isomers in these complexes indicated that the four bonds are coplanar 
with the central metal ion. 



Cts~ Form Tro-ns-For/rt 

(a.) (b) 


a’s and b's on adjacent pohiis i.e. as a’s and b's diametrically opposite i.e- 
and b's both «r»e cis^o each other. •'J and b’s both trans to each other. 

Fig. 13-2. Cis-aiUhtrans-isoniers oflMos^tl'*^ type complex (square 
planar complex). 

Cis-and trans-foTijis for [Pt**(NHs)»Cli]* are shown below in 
Fig. 13-3. 



Ci": ■ I'crrc’ Trans-i’soror 

iCLi tb> 


Fig. 13 3. Cis- and trans-isomers of iPt** (NHs)* Clil* (square 
planar complex). 

(/i) [Majbc]"'^ type complexes. The complexes of this type 
also exist in cis- and trans- isomers, c.g. [Pta,bc] type complexes show 
cis-trans isomerism. Here a is a neutral ligand such as NHs, py, HgO 
and b and c are the anionic ligands like Cl', Br", NO*', SCN' etc. 
{see Fig. 13 4). 



cjj-isomer /ru/M-isomer 

(Two a‘i ci^o each other) 'Two a's irons to each other) 

Fig. 13-4. c/r and rra/ij isomers of [PiB^I type complex. 

(in) [Mabcd]"^ type complexes. Pt” forms a number of com¬ 
plexes of this type. Complexes of this type exist in three isomeric 
f^orms as shown in Fig. 13-5. 
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Fixing any two groups in trans positions also fixes the other 
two positions. The fourth structure shown, in which a is trans to 


n r 

n* 

a. b 


_,6 

M 


jX 


jH 


' 

d T 



V* J 


J 


^ ... 


(M fill (iih 



Fig- I.S-5. Three isomeric forms of complexion 

(square planar complex ion). 

d, is identical to the third structure. Either of these structures can 
be obtained by rotation of the other through 180° about the axis 
through a-Pt-rf. All possible isomers can easily be obtained bj select¬ 
ing one group, say a, and seeing how many different groups can be 
placed trans to a. 


Examples, (a) Three isomers have been reported for 
[Pt” (NO,)(py)(NH,)(NH.6h)]+ 

ion corresponding to ammonia trans to each of the three groups 
where py stands for pyridine, QHjN. This complex ibn has a plane 
of symmetry, but since the four groups arc different, it has no rota- 
tional symmetry axis. 

(b) [Pt** (NH 3 )(py)(Cl)(Br)r> also exists in three isomeric forms 
, as shown below in Fig. 13-6. 



Fig. 13'd. Three isomeric forms of IPt**(NH»)(p,y)(Cl)(Br)]® 

(0 [Pt** (C*H«) (NH,) (Cl) (Br)]° also gives three isomeric 
forms. 

The existence of three-isomeric forms in case of the complexes 
mentioned above indicates that these complexes have square planar 
geometry. 

tiV) Square planar complexes having unsymmetrical bidentate 
chelating ligands : IM(AB),]" type coroplexts. Here M is the central 
metal ion and (AB) represenu an unsymmetrical bidentate ligand. A 
and B are the two qqds {i.Si bo-oadinating atoms) of the bidentate 
chelating ligand, (AB). Such type of complexes also show cis- and 
trans-isomerism as shown Fig. lJ-7 
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Fig. 13 7. ris and trans-isomers of [M(AB J"* type saiurc 
planar complex having two unsymmcirical 
bidentate cbelaling ligands. 

. .Ex*»pie. [Pt"(gly),f where gly is NH,_CH,COO- (glycine 
ton). IS an important example of this type of complex. It exists in 
CIS- and trans-isomers as shown below in Fig. 13-8. 


C - H, —s o r“ H u 

I V— i r9* —_,o—CO 


• /.H'; 

-CO 


i ! 


Ci.s— 


J ij; 



M 


N-OH- 

H. ^ 

a 

*. • r.;»' rr* 


Fig. 13-8. Cis- «nd inuis-isoi^ of II»t’*(gly),)0 where gly is 
NMs—CHsCOO- (glycine ion). 

(V) Square plaoar complexes having symmetrical bidentate chelat- 
-(NH..CH(CH.).CH(CH.).NH.I.1-* is a. ta- 

Cis-a„dtni„s. 




PiCvI 
i ‘ V—^ 

h 





•K. "i 

/-■-N. -,N—C 

TiI 

C-M*- •'n -C 

hP' Ho 


M+. 


\ 


<«) (b) 

rosH ,»^,.*^J.?®i,.Cis-«iidtrans-i 80 inersof - 
(Ft (NH| (M (CHa). 01(CH|)» NHt)t]*+ ion 
(a) Cla^ form; (b) tians-fbon. 

KriH-i!!'! binuclenr planar complexes of M,a,b 4 type. In 

M th^MvmiS^complexes cis-trans isomers « well 

fPtfPEt ta T although in the example 

[Pt(PEt,)Cli^cited^betow. and in all other cases, only the first two 

(/.«. CIS- and trans-forms) have been found. ^ 
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CK ^CK ^PEt,. 

tnmt-form 
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Cl'^ \PEt, 

unsymnpelrical 
form 
(///) 


(B) Octahedral complexes 

The arrangement of six ligands in a regular octahedral complex 
round the central metal ion, M can be represented as shown in Fig. 
1310. 



Fig. 1310. ArrangciueiU of six ligands in a regular 
octahedral complex round the metal ion, M. 

Here we shall discuss the cis-trans isomerism in different types 
of octahedral complexes containing monodentate ligands such as a 
and b, symmetrical bidentate chelating ligands, (AA) or unsymmetri- 
cal bidentate chelating ligands, (AB). In (AA) the two letters A and A 
indicate the two ends (/.e., donor atoms—similar atoms) of the 
chelating ligand which get coordinated with the cental metal ion, M. 

(AA) ligand may be a neutral molecule {e.g. ethylene diam'mine, 
H,N—CH,—CH,—NH*, en) or a negative ion (e.g. CtO,** ion). In 

(AB) , A and B are two different coordinating atoms. 

It may be seen that octahedral complexes of [Mosh]"* and 
[MaJ"* type will give only single isomer. Thus these complexes will 
show no isomerism. 

The following types of octahedral complexes show cis-trans- 
isomerism. 

(ri) Octahedral complexes contaiBing only monodentate ligands. 
Such complexes are those which have any of the following general 
formulae : 

(i) [IVfa 4 bt]"^ type complexes. In case of this complex, two 
isomers are possible : cis-iiomer in which two fc*s have adjacent posi- 





tions (i.e. they lie on any of the twelve edges of the octahedron) and 
trans-isomer in which two b's are diagonally opposite to each othc*,, 
i.e. the straight line connecting the two b's irons to each other pa^sc? 
through the centre where the metal ion is placed. It may be se^rf, 
from the octahedral shape shown in Fig. 13-10 that in m-isomer tv 
h’s can occupy any of the twelve positions viz. (1, 2), (I, 3) (1, 

(1. 5), (6, 2), (6, 3), (6, 4). (6. 5), (2, 3), (3, 4), (4, 5; and (5, 2). Thes 
positions have been known by considering the twelve edges of tj) 
octahedron. In a /ra;/j-isomer two b's occupy any of the position 
namely (1, 6), (2, 4) and (3, 5)'. These positions have been determnnu^ 
by considering the diagonals (2, 4) and (3, 5) of ihe square plaTie 
(2, 3, 4, 5) containing the central metal ion M and the line joinitit 
the vertices 1 and 6. Normally to avoid confusion it is assumed thin 
in CM-isomer the two b's occupy 1 and 2 positions while in irons 
isomer two b’s are at 1 and 6 positions as shown below in Fig. 13*J 1 



(I, 2) isomer (1, 6 ) isomer, 

Fig. 1311. Cis- and trans-isomers of {Ma 462 ]" • type 
octahedral complex. In cis-isorfl^ two^’s 
have adjacent positions while 'in' /rarft- 
isomer two b's are diagonally opposite to 
each other. Numbers indicate positions 
of b groups, 

Example. Dichlorotetraammine cobalt (III) ion, 

Cl*]+, is an important example of type comolex i9n. I 

cis-and trans-isomers as shown in Fig. 13-12. 



(Cis-Isomer or 1,2- Trcins-isfaseirior l;6 


isotfier tsomer 

<a) (b'i 

Blue violet Bright green 

Fig. I3'12. Cis- and trans-isomen of lColH(NH»)*CljH- 
ion. In cis-itotner two a- ions, are in toy) 
two adjacent positions While in trans isote^ 
these are in (any) two opposite positions^ 



In ciS-isomer the two Cl- ions are in (any) two adjacent posi¬ 
tions Cis-isomcr is designated at 1, 2-isomer. In trans-isomer the 
two Cl-ions are in (any) twooijposite ^siUons. TrMS-Bomcr is 
^ignated as 1, 6-isomer. Cis-isomer has a beautiful blue-violet 
colour while trans-isomer has bright green colour. 


(ii) [Ma,b»]"'' type complexes. Complexes of this type also 
exist in as-and trans-isomers. In cis-isomer three o’s owupy 1, 2 
and 3 positions and in rnwis-isomer these are at 1, 2 and 6 positions 
as shown in Fig. 13'13. 



cis-isomer 
(1. 2, 3) isomer 

Fig. 13*13. Cii- and trans-forms 
hedral complex ion. 

positions 


trans-isomer 
( 1 ,2. 6) isomer 
of |Masfcsl''t ‘yP«oc*“‘ 
Numbers indicate the 
of a‘s ligands. 


Examples, (a) Trichloro tripyridine rhodium (III), (py )3 

Cl,]* is an example of this type of ion. 

(b) Another example is tCr*» (NH,),Cl,f which exists in two 
isomeric forms. In one isomer, the three Cl ions are on one tri¬ 
angular face and the three NH, molecules are on the opposite 
triangular face of the regular octahedron. This isomer is called 
1 2 3 or facial isomer. In the other isomer the Cl' ions are around 
an ^e of the octahedron and the NH, molecules are around the 
opposite edge. This isomer is called 1,2,6 or peripheral isomer. 
(Fig. 13-14). 



sorrier- 1.2,6 - ISOn^fir 


( FacJO-i'SOmer) fPtrJjjIieral isome*) 

Fig. 13*14. Two isomeric forms of (CrlH (NH,),C1,1*. 

(Hi) fMabcdif] type complexes This type of octah^al am¬ 
pler. can exist in 15 dlffereDt geometrical isomers each of which 
would also have an optical ieonicr. The only compound of this type 







It bas been ohtaloed in three 
dimrent forms but no atteiopt been made to isolate all tbe 1$ 
isomers. 

(by Ot^tabednl con^lexet conliilnlng monoimMe and syni- 
inetriaM Iddmidale cheiatinc Uganda. Now let ua^ discuss tbe cis-trans- 
isonierism am^ti^ octahedral complexes containing moi|Q|dentate.and 
symmetrical ludcatate chelating ligands. These complexes may he 
those which have any of the following formulae : 

.(0 [h^AAlta,]"* type con^xes. Here (AA) is a symmetri¬ 
cal bidentate chelating ligand in wHch the two letters A smd A indi¬ 
te the two similar coordinating atoms, a is a monodentale %and. 
Complexes, having this general formula exist in cis- and trans-isomers 
as shown in Fig. 13*15. 



Fig. 13-15. Cis- and tians-isomers of [M(AA.tat]''* type 
. octahedral complex ion ; 

(a) Cis-form in which a*a are cis to each other. 

(b) tians-form in which a’s arc trans to each other 

VmUPPlca- The following complex ions are the examples of 
[M(AA)iai]''*' type ion : 

(Co>» (en), Cl,l+, [Co™ (en), (NQ,),]+ (Ir‘V (C,©*), Cy*- 

[Ir™ (CtOth Cl,]»-, [Rh’'^ (C,0.). Cy»-, [Cr»l (C,0«), (H,Oy- 

Os- and transrisomers of (Co*“ (e/i)* Cy-^ ion can be represent¬ 
ed as given in Fig. 13*16. 



Pi|. 1316, ^^ tEsm-boimrs pflCo™(aailsClt]+ km, 
(« CbdMMwr (d) uansdi^:; 



(^0 (^)s type complexes. These complexes exist in 

CIS- arid trans- isomers as shown below in Fig. 13-17. 



Fig. 13-17. Cit- and tnnt- isomers of [M(AA)t 06 ]'*^ type octa¬ 
hedral complex ion. 

(a) Cis-form (&) trans-form 

Examples [Co*** (««)i(NHjXCI)]*+ and [Ru***(p>’)(Cs 04 ):(^‘^)i 
cis- and trans-isomers of [Co*** (<’»»)s{NH 3 l(CI)l*+ ion arc given below 
in Fig. 13- 



Rg. 13-f8. Cis- and trans- isomers of [CO*** (en)t (NHa) (Cl)]*-*- ion. 

(ii7) [M(AA}a|b|]*<^ type coB^lexcs. Complexes of this type 
Also exist in cb- and rrons-isomers as shown below in Fig. 13-19. 



e(i*isenter rraiu-isomer 


Fig. 13-19. Qs- and tranadsomers of [MtAAlotAtf^ type complexes. 
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Examples. [Co“* (en)(NH,)i(Cl)J+ is an important example 
whose cis- and /rans^isomers are shown below in Fig. 13i'20. 



cij-isomer rr<i/i5-isoiner 

Fig. I3'20. cis- and /ram-isomers of [Co'** (en) {NH»)|Cli]+ 

(r) Octahedral complexes containing nnsymmetrical bidcntate 
chelating ligands. [M(AB)|]''^ type complex is an important example 
of octahedral complexes containing unsjmmetrica) bidentate chelating 
ligands. Here (AB) is an nnsymmetrical bidentate chelating ligand 
in which the letters A and B represent the two ends (i.e. coordinat¬ 
ing atoms) of the ligand. Complex ion of [M(AB)s]"* type exists as 
cis-and trans isomers as shown below in Fig. 13'21. Both cis-. and 
trans-isomers have each a pair of optical isomers. 



c/«-isom«r trans-isomtr 


Fig. 13'21. Cis-and trans-isomers of [MtABls]"^ complex ion. 

Example, c/r-and franr-isomers of triglycinato chromium (III), 
[Cr*** (ffylaj® has the structures as shown in Fig. 13-22. Each of 
these forms is optically active. 

(d) Octahedral complexes containing optically active hidflait 
ligands. [Co*** (cn)(p/i) (NO,),]+is an important examples of such 
type of octahedral complexes. Here en and pn are ethylene diamine 
and 1, 2-diamino propane and have the following formulae : 


CH2-NH2 

I 

CH,—NHj 


CHj—CH-CH3 


NH* KH2 

* ** 



en 


, pn 
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From their formulae it is evident that both die li^nds are 
bidentate with two neutral donors viz. N-atoms and theten Is 



c/r-form trans-iotm 

Fig. 13-22. c/i- and trans-isomers of [Co*" (gly)»F 
gynunetrical and hence optically inactive while pn is unsymmetrical 
and hence optically active. To differentiate the two donor atoms viz. 




/rai»-isomers 


Fig. 13-23. e/5-and rram-isomers of [Co*" (en) (pn) (NOi)t]+ 
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N-atoms of pn they have been shown with one and two asterisks. 
[Co^** (e;z) (pn) (N 02 ) 2 ]+ ion exists in four geometrical forms : two 
are cis and two are irons, (a) cw-isomer has been obtained by placing 

NH* and NHj at 4 and 6 positions of the octahedron and in (b) rh. 
isomer their positions have been reversed, (c) and (d) which are irons- 
isomers have been obtained similarly, (see Fig. 13-23). 

(e) Polynuclear complexes. The geometric isomers of a poly¬ 
nuclear hydroxy-bridged complex, IFei(OH )4 (HjO)*]*-*-, can be shown 
as follows (Fig. 13-24). 



Fig. 13-24! Geometric isomers of [Fea(OH)4 {H20)e3*+ ion. 


Such type of isomerism is called bridge-isomerism which inter¬ 
prets the linkage of two complexed species by ligands that are 
common to the coordination spheres of both, and which, consequen¬ 
tly, must be mutually shared. In (Fe*(0H)4(H20),]*+ ion the two 
OH- groups act as bridges and connect the respective octahedral 
components of the overall structure. 

TO DISTINGUISH BETWEEN CIS-ANO TRANS-ISOMBRS 

The following methods may be used to distinguish between 
c/j-and rranj-isomers. 

(1) Dipole Moments Measurements. 

Jensen has shown that the Pt** complexes of [Pt^* A 2 X 2 ] type, 
where A=substituted phosphine, arsine or stilbine such as (QiHj)*?, 
(C 3 H,) 3 As or (C 2 H 5 ) 3 Sb and X=a halogen, have their dipole 
moments (zt) either equal to zero or between 8 and 12 Debye units. 
In the compounds with n=0, the individual moments have ,cancelled 
one another and so these are .'ra/j5-isomers. The compound with 
/x=8 —12 Debye units are m-isomers. 

(2) X-ray Crystal Analysis 

X-ray crystal analysis and dipole moment measurements of 
several Pt^* complexes have confirmed the square-planarity of the 
bonds around the central metal atom. This square planar arrange¬ 
ment has also been established for 4-coordinated Pt^ , , Cu''* 

and Au^**. Tetrahedral configurations have been assigned to Cu* 
AgJ , Aul, B"I,A1>», Zn», Cd“ , Hg“ and Co» in their co¬ 
ordinated compounds. Some metals such as Ni’* appear td show 
either configuration for 4-coordination. 


Isomerism Among Inorganic Complexes 
Infrared Spectroscopic Technique. 

In a Items octabearal complex such as (NH 3 ) 4 Clj]+ or in 

imns square planar complex like tPtI> (NHaljCljl®, the Cl-metal-CI 
symmetrical stretching vibration produces no change in the dipole 
moment oil toe molecule (Fi8.-13-25(i) and (J)], and thus no band 
^ricsp^dii% to-thiS.viorafnDn is observed in the infrared spectrum. 
Howler, in the each eany)ound, the symmetrical stretch- 

|ng vibraiiaa [Fig. 13'.?o (a) as well the unsymmetrical stretch- 

y>g>Vib^iion produce apjarcciablc cftanges in the dipole moment; 
mcnce- tlre infrared spectrum of the c/j-jsomer will contain a large 
number of bands due the Cl-metal-Cl stretching. 



c/s-and trans-isomers of [Co”* (NH,) 4 CI,]+ octahedral complex. 



c/r-and irans-isemers of [Pt** (NHaltCIjP square planar complex 

^5’r”’“ri<al Cl-ircial-CI sircichirg \ibraiicns of c/f- 
and /raw-iscmers of lCo(NH 3 ) 4 a,]+ and [Pt(NH8)tCI,]0 
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(4) A c/j-Tsomer has a high molar extinction coefficient (absorp¬ 
tion) than the corresponding /ra/ij-isomer an^ sometimes the two 
isomers may differ significantly in their absorption spectra. 

(5) The technique which consists of attempting to resolve the 
c/'j-isomer into the two possible optically active isomers is also com¬ 
monly used to distinguish it from the tro/ij-isomer. 

( 6 ) Grinberg’s Method. 

It is a chemical method and assumes that when a chelating 
ligand having two donor atoms separated by two to four other atoms 
reacts with m-and /w/ji-isomers separately, its two donor atoms 
coordinate to the central metal ion of the m-form at two m-posi¬ 
tions and thus form live or six membered ring, while in the trans¬ 
form they coordinate to the central metal ion at tran 5 positions and 
thus the ligand acts as a manodentate ligand, i.e., the ligand cannot 
form a ring complex with trans form. Typical chelating ligands 
used for the purpose are oxidic acid, (COOH), glycine (HjN-CH,. 
COOH) and cthylenediaminc (NHj-CHi—CH»—NH*). The appli¬ 
cation of this method can by explained be considering the reaction 
of oxalic acid and glycine with m-and tranj-isomers of square 
planar complex of Pt (II). [Pt*-(NH 3 ) 2 CI*]«. Quite obviously the cu- 
•i^omeT g\\e% 0. chelated complex wMa the /ranj-isomer yields a non- 
delated complex. 


-f-(COOH), 
(—2HCI) 


H 3 N. .Cl 

Np( / 

HjN/ '^ci 


c/j-form 

|+H,NCH,COOH 

(-hci 7 ~* 


H,N- .0-C=0 
'Pt / I 

H,n/ \o-c=o 

Chelated complex 


-1-2HC1 


HjN 


+2(COOH)i 
(-2HCI> ■ 


H,N. 0^^=0 

/Pt V I 

H3N/ ^NH,—CH, 

Chelated complex 


P+HCi 


,+ ,OOC-^OOH 


.+ /C1 


\ 

Cl^ 'NH, 

trans-loTtn 

+2NHi.Qi*.COOHl 


\ *+ y 
\pir 

HOOC—COO'^ ^NH, 
Non-chelated complex 


U-2Ha 


ir,N, 


\p*tV 

HOOCM,C.H,n/ \nh, 
Non-cbelated complex 


NH,.CH^Otnf 


1 


Pa 
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(7) Knrnakov's Reaction 

Kurnakov utilised the phenomena of tra/ij-effect in distinguish¬ 
ing the pairs of cis- and rranj-isomers of square planar complexes 
of [PtA*X*] type by treating them with thiourea. 

For the details of this method see uses of trans-effect. 

OPTICAL OR MIRROR-IMAGE ISOMERISM 

Befor discussing the optical isomerism shown by various types 
of complexes we will define some important terms related to this 
isomerism. 

When the solutions of certain complex compounds are placed 
in the path of a plane-polarised light (the waves of the plane- 
polarised light vibrate only in one direction ; vibrations in other 
directions are cut off), they rotate its plane through a certain angle 
which may be either to the left or to the right. This property of a 
complex of rotating the plane of polarised light is called its optical 
activity and the complex possessing this property is said to be optically 
active. 

Optically active complexes are said to exist in the following 
forms: 

(a) One which rotates the plane of polarised light towards 
fight (i.e. in clockwise direction) is said to be dextro-rotatory or 
d-form. d-fonn is also represented by placing (-b) sign before its 
name or formula. 

(b) One which rotates the plane of polarised light towards left 
(i.e. in anti-clockwise direction) is called laevo-fotatoi y or /-form. /- 
form is also represented by putting (—) sign before its name or 
formula. 

(+), dextro, and (—), laevo, refer to the sign of rotation of the 
optical isomer at the sodium D line wavelength. 

The d- and /-forms have the following characteristics ; 

(/) Since d- and /-forms are capable of rotating the plane of 
polarised light, these are said to be opticiuly active forms or optical 
isomers and this phenomena is called optical activity or optical iso¬ 
merism.' These two forms have exactly identical physical and chemi¬ 
cal properties, although they differ in their action on polarised light. 

(n) d- and /-forms are mirror images to each other just as left 
hand is the mirror image of the right hand. Thus d- and /-forms 
can be superimposed on each other. Since these forms are related 
to each other as mirror-images, they are commonly called enantio- 
morphs C^atin : enantio = opposite, worpfo = forms) or enantiomers. 
Thus optical isomerism is now often referred to as enantiomerism. 

(c) One which is not capable of rotating the plane of polarised 
light is called optically inactive. ' Such an isomer is called racemic-,. 
dl-or(±Vforro A recemic substance is composed of 50% d-and 
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50% /-form. The solution of a recemic (^//-mixture) form in a solvent 
which contains equimolecular amounts of d- and /-forms is inactive, 
because the rotation (of the plane of polarised light) produced by 
one isomer, say </ isomer,'is tMlanced or compensated by equal but 
opposite rotation produced by the other {i.e. /-isomer). Optical 
inactivity produced in <//-mixture is said to be due to external com¬ 
pensation. 

Cdnditions for a molecule to show optical isomerism. 

A molecule in which the grouping of the atoms in the molecule 
in asymmetric is called an asymmetric or dissymmetric molecule. 

An asymmetric molecule has the following features : 

(i) An asymmetric molecule never has a plane of symmetry 
(also called mirror-image plane) which is defined as an imaginary 
plane which divides the molecule in such a way that the part of it 
on one side of the plane is the mirror image of that on the other side 
of the plane. The molecules possessing such a plane of symmetry are 
always inactive while those having no plane of symmetry are optically 
active and hence show optical isomerism. 

(f'l) An asymmetric molecule cannot be superimposed on its 
mirror image. 

Thus the most necessary and sufficient condition for a molecule 
to show optical isomerism (/.e. to exist ii d- and /-forms) is that (a) 
the molecule should he asymmetric, i.e. it should have no plane of sym¬ 
metry, and (/>) the moleOtle should not be superimposable on its mirror 
image. 

OraCAL ISOMERISM IN 4-AND 6-COORDINATION COMPOUNDS 

No mirror,image isomerism is)possible with tetrahedral and 
square planar complexes of the type ; [Ma^J, [Mash] and [Ma b»] 
b^use all the possible arrangements of the ligands round the 
central metal ion, M are exactly equivalent. 

(A) Square planar Complexes 

Optical isomerism rarely occurs in square planar complexe® 
since they have all the four ligands and the central metal ion in the 
same plane and hence contain a plane or axis of symmetryt Thus 
these complexes are optically inactive, i.e. they cannot show optical 
isomerism even if all the four ligands are different. 

Although, as mentioned above, square planar complexes seldom 
show optical isomerism, yet a four-coordinated complex of Pt (II) 
viz. ijo-butylenediamine-meso stilbenediamine platinum (II) cation, 
[Pt“ (NHs.CH (C,Hs).CH (CsHs).NH 2)(NH*.CH2.C(CH.),.NH,)]*+ 
whic^ has square-planar shape has been resolved Into two forms by 
Mills ^qrid Qiiibell is 1935. This complex was synthesised as 
follow^ 
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HjC-NH, 

/«7-butyIene 

diamine 


+[PtCI«]*++ 



H*N-CH(C,H»> 

I 

H»N-CH(C,H5) 
meio-diphenyl ethylene 
diamine (stilbene 
diamine) 


% 



-| 2 + 


CHiCgHjj) 


CHlCgHj) 


+40 


iso butylene diamine meso stilbene diamine platinum (11) cation 

Proof of square planar geometry. This complex cation consists 
of two rings : (1) and (II) as shown in its structure given above. 
If the donor atoms are supposed to be tctrahedrally arranged round 
the central Pt*+ ion, ring (II) would be in the plane of paper and 
ring (I) perpendicular to it. The plane of paper represents a plane 
of symmetry. Consequently the plane of symmetry of ring (II) 
will coincide .with the plane of ring (I) [Fig. 13-26]. Thus this 
tetrahedral structure has a plane or axis of symmetry passing 
through the plane of ring (I) and at right angles to the plane of ring 
(II). Consequently this complex will give-no optical isomers 



(I) 




2 + 


Fig. 13.26. Tetrahedral structure of [Pt" (NH 2 .CH(CjH 5 ).CH(CjH 5 ). 
NHj). (NH 2 .CH 2 .C(CHj)NH 2 ]^* ion. This structure has a plane or 
axis of symmetry and hence is symmetric and optically inactive i.e., 
it does not give any optical isomers. 

On the other hand if the arrangement of the donor atoms is 
supposed to be square planar around Pt^* ion [Fig. 13.27], C^Hj 





T/ •» 


groups are below and H atoms are above the plane in ring (IT) 
hence this structure has no plane or axis of symmetry, is assyrntn^c 
and consequently optichlly active. Thus this complex would be 
expected to give optical isomers. Mills and Quibell have actually 
resolved this complex into optical isomers which proves that the 
cation is square planar in shape, i.e. the planes of the two rings are 
not perpendicular to each othei*, since the ioii would then have a 
plane of symmetry. Thus the claim of the confused tetrahedral 
structure is ruled out. 
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Ft*. 13-27. Square planar structure of [Pi** (NH» . CH(C»Hs). CH(CJT.). 
NHi) (NHs.CHi.QiCHjli-NHt)]*''' ion. This structure has no plane 
or axis of symmetry and hence is unsymmetric and opticaily active, 
f.e.. it gives optical isomers. 

The symmetry which arises when a tetrahedral configuration 
is assigned to the complex cation, is shown in Fig. 13-28. In thil 
Fig. A, B, C and D are the comers of the tetrahedron. It is apparent 
that the plane of symmetry passes through the edge DC. 



Fig. 13.28, Symmetry which arises when a 
tetrahedral structure is given to the cation, 
(Pt" (NH,,CH (C*H (CjH^). NHj) 
(NH,.CHj). C(CHj)j (N,Hj). This tetrahedral 
structure is niled out, once Mills and Quibell 
were successful in resolving the ion. 




[(QH,CO CHCOCHa)tBe]* whose mirror-image isomers are shown 
in Fig. 
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MIRROR PLANE 


d-torm /-form 

Fig. I3'3I. Mirror-image isomers of tetrahedral complex* 

[(C,HtCO.CHCOCH,),Be“ )« 

Here it may be noted from the Fig. that the complex has no 
centre or plane of symmetry and the two forms are not superimpos- 
able on each other. This explains the resolution of the complex into 
d- and /-forms. 

(C) Octahedral Complexes. 

Optical isomerism is very common in the following types of 
octahedral complexes : 

(a) Octahedral complexes containing only monodentatc ligands. 
The following types of octahedral complexes have optical isomers : 

[MatbiCj], [Ma,b,cd,], [Ma,bcde] and [Mabcdef]. 

(/) MatbiCj] type complex ; It has two optical isomers as 
shown below in Fig. 13-32. 


Mirror ^\ar\e 
b I b 



Fig. 13-32. Two optical isomers of an octahedral complex of 
lMa,btC»] type. 

(//) [Mabcdef] type complex. Complexes el this type having six 
different monodentate ligands have been prepared only for Pt(IV). 
Only a few isomers have been isolated, tMit there could be IS geo¬ 
metrical isomers, each of which could exist m d- and l-torm. to give 
a total of 30 isomers. 





Thus for one form of [Pt*''(/>v)(NH*)(NO,)(Cl) (BrXI)]* the 
optical isomers are those shown in Fig. 13-33, 




</-isoiner 


/-isomer 


Fig. 13-33. Omicall rf-and/-) forms of [Pt"'(pj-XNHi) (NO*) (Cl 
(Br) (I)l« 

(b) Octahedral complexes containing only symmetrical bidentate 
chelating ligands. Such complexes may he of the following types : 


(/) [M(AA>. I"* type complexes : Here (AA)is a symmetrical 
bidentate chelating ligand which may be a neutr^z rool^le of a 
Negative ion, The optical isomers of this type of comjriexes are 
shown below in Fg. 13-34. 



Fig.’13-34. MinorMmage isomers of IMiAAW"’^ 'VP* octahedral 
complex ion. 


Examples: fCo”* (em37+. [Co”* (pn),}>+, [Pt^'' (e/i),]*+. (PtJ^ 
{pn)»W. [CdH (p«),]*+, [Fell (diph),l«-. lFcni(dipb),l*+-, [Rh*'' 
(tn),j«+, (Ir»V (pDXj*-^/ (ZnJ* CenlsPi 1^"* (CaO*).^' where 
= Alf+, C6*+, Fe* N Rh»*, Jind I»»-^ 
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Fig. ICo*“(eo),]»+ ion are shown in 




Fig. 13-35. Opticansomersof[Co*’*(en),]*+ion. Thtte 
cannot be luperimposed on each other. 


*^?• ^*^* complexes of [M(AA)3]'»* type can be re- 

confirms that these complexes have 
H P*- Neither hexagonal nor trigonal prismatic geometry 
01 o-coordinate complex can give rise to optical activitv. 

fwrt *®®P*****- Here (AA) and (BB^ Ki-^e 

!aA 3 il « «« » “dentate chelating ligands. Nbte that 

(AA) IS a neutral ligand while (BB) is an anionic ligand. The t^b 


Mirror |><cine 



(M(AA)((BB)]'' type complex Ion. 


Examples. The ionSMiamely [Co®‘ (tnUCO,)]+ and ICo”! 
(Crf) 4 )]+ belong to this class of complex^ 

(c) Octahedral completes txmtaiaiiig mnnodeatate snd svm- 
metrical bMentate chehttfaig iigaads. Such complexes may of 1 
following types: , . . 

(/) lM(i^)il»J»';'typecomplexes.. Here (AA) is a 
chelating ligand and ana piddentate (i.e. mano^ntate) ligand. 
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Examples. The ions namely (en)iCy [Co*** (en)t(NO*)*]+, 
[Ir*V (C,O0,Cl]*-. [Rh*V (C,0*).C1,]«-. [Cr*** (QOOiCH.O),]-, 

[Ir*** (Q 04 )iCl 2 ]*‘ etc. belong to this type of complexes. 

Optical isomerism in [Co***(en)*Ci»]+ Ion. Now let us discuss 
the optical isomerism in [Co{en)jCl»]+ ion in detail. We have 
already seen that this ion has two geometrical isomers namely cis- 
and trans-isomers. 

The cis-isomer of [Co.;en)iCl*]+ ion shown in Fig. 13-37(a) can 
be resolved into two optically active isomers, since it has no plane of 
symmetry. Its trans-isomer shown at (h) cannot be resolved into 
two forms, since no mirror-image of this ion is possible i.e. it has a 
plane of symmetry. Thus trans-isomer is an optically inactive form 
(meso-form). Consequently [Co(en)aCl»]+ ion has the following three 
optical isomers : 

(а) Two optically active isomers corresponding to cis-configu- 
ration {i.e. & and /-forms). One form is the mirror image of the 
other. 

(б) One optically inactive form corresponding to trans-form 
(meso-form). 


blane 
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Fig. 13'40. fra«i-is<vnfjcr of 
IColII (C*04) (NH,)i (NO*),]-. 
It is a symmetrical form and 
hence is optically inactive. 


((f) Octahedral complexes coo- 
«ptlciril]r actlfe Hgands. 
{Co»«(enKpnKNO.),J+ ion is an im¬ 
portant example of such type of 
octahedral complexes. We have 
already seen that this complex exists 
in two cis and two irons isomers (see 
Fig. 13*23). Each of the two cis- 
forms namely (a) and (b) shown 
below gives its corresponding optical 
isomer (e) and (/) respectively as 
shown below in Fig. 13*41. 



I 


MIRROR PLANb 


(a) cii-form (*) 



MiRflOR Pt_ANE 
(6) c/s-form (f) 


Fig. 13-41. Qs-forms namely <a) and (Jb) of [Co*** (en)[pn)(NO«)i]*<* 
ion give twto optical isomers. («) and (/) respectively. 

7raw-isomers (c) and ^if)-shown in Fig, 13*23 are symmetrical and 
hence are ofdkalfy inMtive Le. they oo not give any optical isomers. 
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If we consider the complex of M(AA), type where AA it a 
symmetric bidentate optically active (l.e. asymmetric) ligand, it 
would be expected to give the following eight isonwrs : 


D-lM(d-AA)3l 
D-[M|d-AA),(/-AA)] 
D-(M(</-AAKrf-AA),] 
D-(M(/-AA),] 

In these isomers'D and 
complex and d and / refer to 


L-[M(/-AA^J 
L-rMt/-AA),(d-AA)J 
L- M(/-AA)(d^AA),} 
L-{M(dAA),] 

L refer to the optical rotation of the 

. -— the optical rotation of the asymmetric 

ligand. However, generally only two isomers are obtained, e.g. only 
two isomers of {Co(cAx/i),)*+ where chxn h irons], 2-cyclohexane 
diamine have been obtained and these are : D lCo(l-ckxn),Y+ and 
L-[Go({</-cAx/i)3]»+. 

(e) Octahedral complexes centaMng poiydentate ligands. 
Complexes containing hexadentate ligand like ethylene diamine tetra¬ 
acetate ion viz. 

O O 

II 

:0-C-H,C\ /CH.-C-6: 

<’> ChJS/ W 

: O- 

■ . ® O 

(abbreviated as EDTA^ ) which is a poiydentate ligand afso showi 
optical isomerism, e.g. the complex anion, [Co”* (EDTA)J- exists in 
two optical isomers : d- and /-forms (Fig, 13-42). 

EDTA« has four donor oxygen atoms (numbered g» 3. ,4, ;5 
^ 6) and two donor nitr<%en atoms (n^umbered as I amt 2>. 

coordinating sites and four negativo charges. Hhi 
[Co(EDTA)}-, ion, Co*+ is attached with four oxygeiis*'of CiLcX)0' 
component and with two nitre^bn atoms..- 


-O; 

(4) 


M/OROR PLM£ 



-OpciMl hMawa dttb^ ito 
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Two optical forms shown in Fig. 13’42 can also be shown in 
a simpler way hs given in Fig. 13-43. 

MtRROft PLANE 




\1^\ \L 



JII 


/-form 

(EDTA)]- ion shown in 


/ 


Fig. 13-43. 4-and /-forms of (Co 
simpler way. 

(/) Polynuclear Complexes. Optical activity is not limited to 
mononuclear complexes only. Optical isomerism is also found in 
polynuclear ions. Werner in 1913 isolated the polynuclear ion, 

NH. -|«+ 

(en), Co/ * Co (en), 

^NO,/ J 

' into three forms : (/) d- form (//) /-form and (///) meso-form which 
IS optically inactive and is an internally compensated form d- and 
/-forms are mirror images to each other and are optically active It 
observed that both d- and /-forms revert to the meso form 

ihoM^S'Fi* l"'™.’ "' i»" « 

Mirror pane 


[ 



Fig. 13-44. Optical isomers of [(Co {en)i)» (NHi)(NOs)]*+ ion. d- 
ahd /-forms are optically active while meso-form is'optically inactive. 

-RiSOLUTfQN OF RECEMIC MIXTURES 

The separation of a recemic mixture into its d-and l-forms is 
termed as resolution. Since the </-and / forms of which recemic 
mixture is composed hiVe identical physical and chemical properties, 
they cannot be ceparatedby ordinary methods like fractional cry- 
staHlsotion, frjictibnal distillation etc. • t - 
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The most widely used method consists of the formation of 
diastereoisomers or diastereomers. The stereoisomers which are opti¬ 
cally active isomers but are'not mirror images to each other, are called 
diasteroisomers or diastereomers. Thus these are not enantimorphs 
and hence have different solubility in water and can be separated by 
fractional crystallisation. 

If the enantiomers of a dl mixture afe acids, they should be 
treated with an optically active base. and if they are bases, they are 
treated with an optically active-acid. The reaction of each pair {i.e., 
acid or base) of enantiomers with an optically active acid or base 
gives two diastereomers which are salts. Since these diastereomers 
have different solubilities and other physical properties, they can be 
separated from each other by means of their different solubilities in 
a given solvent. The seperated salts are then treated with an 
optically inactive material when, the >-optically active d- and / forms 
are regenerated and the resolving.agent is removed. ' 

How this method is used can be explained by conside'ing 
the resolution of c/j-[Co(en)j]CU. When a solution of recemic mix¬ 
ture containing d-cis- [Co eii)a]P« and l-cis- [Co(en)»lCla is treated 
with an optically active d-tartairic acid, two of the Cl* ions in d-cis~ 
[CofenlaJCla and l-cis- [Co(en)alCla are replaced by rf-tartrate ion 
[abbreviated as (</-tart)* ] and we get two diastereomers viz, d-cis- 
[Co(en)a]Cl*+(</-tart)*' and /-clr-[Co(en)s]Cl*+(rf tart)*' which are 
salts and are not mirror-images because the (rf-tart)*' ion has the 
same configuration in each salt. 

</-c«-[Co(en)8]CI»,-)-(</ tart)*' —»d-c»>[Co(en;,]Cl*+(d-tart)*'-f-2Cl‘. 

/-c/s-[Co(en)8]Cl» + (dkart)*"- v </-ciy-[Co(en),]Cl*+(d-tart)*" 

----- ----- -I-2C1- 

Recemic mixuire Resolving agent v-_ * 

(opticallly inactive), (optically active) Pair of diastereoisomeric salts 

which have different solubili¬ 
ties (optically active) 

On crystallisation the d-cis- [Co(en)»]Cl*+(d-tart)*‘ separates, 
in the form of large crystals. The /-cis-[Co(en),]Cl*+(d-tart)*- 
complex is much soluble and the .solution becomes a thick gelatine- 
ous mass before fine needles begin to crystallise. The diastereomers 
can be converted to the active d- and /- chloride complexes by the 
treatment v/ith concentrated HCl which is an optically inactive 
material. 

d-c/j-[Co(en)8]Cl*+(rfrtart)*'-fiHQ ^—► fif-c«-[Co(en) 8 ]Cl 3 

-t-tf-tartaric 

l-cis- [Co(en)sjCl*t(</-tart)*- -f- ^ 2Hdl - * l-cis- [Co(en)8]Cl8 

'--!- > f optically \ / optically active \ 

Pair of diastereoisoipcric - \ inactive ) \ </- and /- form / 

salts 

-H d- tartaric acid 
(Resolving agbn) 

A number of resolving agents have been used, e.g. d-anti- 
monyl tartrate ion, SbO(f-tart~ and 3- a- brompcomphor -n- syl' 



Iscmeritm iKorganie Comphxes 

p^nate anion have ^n lUtCd as resolving agents for cationic com- 

{M(C,0«)J»- ate usually resolved 
By ttsiM an optically active cations such as those obtained from the 
bases liKe strychmne atki brucine. 

Neatral comics are resolved by other methods because 
tney c^notJorm diastereomers in the usual way. Dwyer achieved 
partial, resolution of [Co(acac),]« by extraction into an organic 
*a aquous solution containing <f- fCo(en).lI,. The 
solubilities 01 and /-[Co(acac)s]* are not the same in water contain¬ 
ing an optically active ion. 
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Stability of Complexes in 
Aqueous Solution 


Definition of Stability 

u;av« '‘Stability” can be used in a number of different 

1 * •*^**®^ complex is -stable’ is rather loose, 

iSrf ?n!5. ^ tv* quaMcation. it meanj that the complex 
exists and under suitable conditions it may be stored for a Lons 

ilV?J kI* *'-7 " cannot be feneralised for complexes, since a comp¬ 
lex may be qurte stable to one reagent and may decompose readily 
m present of another reagent This term may also refer to the 
action of heat or light on a compound. 

^^'^niation of complexes in solution, two kinds 
of stability of complexes come in question. These are : 

tn wkiili ^'■“•o^ynamic Stability This is a measure of the extent 
to which the complex will form or will be transformed into another 
conditions), when the system has reached 
equilibrium. When we are concerned with this type of stability, we 
deal with metal-ligand bond eneriries, stability constants, etc. 

(ir) Kiaetk Stability. This refers to the speed with which 
^nsformatiorfi feading to the attainment of equilibrium will occur, 
for *‘***"*^*^. ™ kinetic stability, aad this is primarily 

we dc^ with ^ea and mechanisms o{ 
^ ** substitution, isifierisatioh, racemisatkMi 

reactions, aJwell as with the thermo¬ 
dynamic variables involved IB the formatiM of iafemmliate species 
%jWtews. In the kiifotfc Sse it k Sc« ptSS 2 

2stabL fSdfyy corapli^xes raltwr than or 

uastal^ com.^@ips. The comgitrxet la which the Hgii^s are 
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replaced by others are called labile or non-inert complexes while 
those in which substitution occurs slowly are termed inert complexes. 


Stepwise formation of complexes, stepwise formation constants and 
orerall formation constants 


According to J Bjerrum (1941) the formation of a complex in 
solution proceeds by the stepwise addition of the ligands to the 
metal ion. Thus the formation of the complex ML„ (M = central 
metal cation, L = monodentate ligand and n = maximum coordina¬ 
tion number of the metal ion M for the ligand L. n varies from one 
ligand to another for the same metal ion) may be supposed to take 
place by the following n consecutive steps and equilibrium cons¬ 
tants; 


M-)-L ^ ML, K, 

ML-hL MLj, Ka 


I ML] 
[M] [L] 

[MLa] 
[ML] [L] 




[ML„] 
[ML„.al [L] 


The equilibrium constants K.j, Kt# .K.n are called stepwise 

formation constants or stepwise stability constants. 

The formation bf the complex ML* may also be expressed by 
the following steps and equilibrium constants; 


M + L ML, 3, 


(ML) 
(M) [L] 


M-I-2L ^ ML,, p, 


[ML,] 
(M) [Li« 


M-I-//L ML,, fj. 


[MU] 
[M] [LJ- 


The equilibrium constants p„ ^ ...... p, are called overall (or 

cumniatlve) fornmtion constants or overall (or cumulative) stability 
constants, p, is termed as /ith overall (or cumulative) formation cons¬ 
tant or overall (or cumulative) stability constant. 

With a few exceptiofis the values of successive stability cons¬ 
tants ded-ease regularly iVolm ki to fCn- /-c., Ki>I^>K,...>K,.i 
> K,. This is -illustVatt^ tiie data for the Cd’V -r^NH, system 
where"the ligands are, neutral molecules and by Cd’* —CN" system 
where the ligands are charged. . 
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Cd*++NH, 

[Cd(NHa)[*++NH, 

[Cd(NH,),]*++NH, 

[Cd(NH,),]*++NH, 

Cd*++CN- 

[Cd(CN)]++CN- 


[Cd(NH,)]'+ K, = 10*“ 
[Cd(NH,),]»+ K, - 10*-“ 
[Cd(NH,),]*+ K, = 10>« 
[Cd(NH,) 4 ]*+ K 4 = 10»»* 
p* = 10’« 
[Cd(CN)]+ Ki = 10*« 

[Cd(CN),] K, = 10*»* 


[Cd(CN),] + CN' 
[Cd(CN) 3 ]-+CN- 


lCd(CNV- K, = 10*“ 
[Cd(CN) 4 ]»- K* = I0*“ 
p« = 10«» 


The steady decrease in the values of Ki, Ki,...K, with increas¬ 
ing number of ligands is due to the fact that as more and more 
ligands move into the coordination zone, less and less aqua-mole¬ 
cules are available to fresh ligands for replacement. With progressive 
intake of ligadds the metal ion becomes less electron greedy. In case ' 
of the complexes of the charged ligands the more important factors 
-f responsible for the steady, decrease are statistical, steric hindrance 
and coulombic factors^^ -— 

The higher the value of stability constant for a complex ion^ 
the greater wil’he i>s stability Alternatively !/K vahies soisetiides 
called instability constant, give a measure of the extent to which the 
equilibrium representing the formation of a complex lies to the tight. 

A high value of (or //fi) means u complex ion. 


Stepwise and cummulative stability constants are also expressed 
a* logio Ki...logioK„ and iog,# respectively. 

In all the above equilibria we have ndt ^cjfied the charge of 
metal ion and degree of solvation. The form^ omission is of no 
importance, since the equilibria may bO expfess^d as a^Ve whatever 
the charges Omission of water molecules is a Iridttef of Convention, 
since it is usually convenient and harmless. This omission should 
not be allowed whenever necessapi. Square brackets indicate the 
concentrations of the enclosed species. 

Relationship between p* and K^, K(......Kn. 

K's and P’s are related to one another. Consider, for example, 
the expression for Pt viz. 

On multiplying both numerator and denominator by 

[MLt] and on rearranging, we get 

fMncpMMtr 

_ [ML] , [ML,] [ML,] X 

^ [MI [LI - {MW[t] • [Ml,] {L[ 

= K, . K, . K, 


tML,] 


[ML,] 

[Mnq* 
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Thus : 


3 ^ [MLJ |ML,1 
^[M] fL] • (MLJ (Lj • 


IMU] 

[MU.iKLJ 


- K,.K, ..K» 


...(I) 


or 


n-^n 

^ . K, 

#I«=J 


From relation (i) it is evident that the overall stability constant 
P" (°r. simply P), IS equal to the product of the successive (t.e. stepwise) 

ft. ♦ ^ 1 .;. K,. This in other words means 

that the value of stability constant fdr a given complex is actually 
made up of a num^r of step wise stability constants as is evident 
frtOT Table 14*1 in which the value of overall stability constant as B« 
and logiop* for (Ni*' (NHj)*]*+ ion and those of stepwise stability 

constants _as K„ Kj,..., K*, K, and log,# Ki, log,# K, .log,# K# 

corresponding to the six equilibria given in the first column through 

which (N«" (NH,)#J*+ K>n can be regarded as being formed, are giv^ 
This table shows that , a tu. 


p« — K, A KjX... X KjX K# 

^®8i* i^n — logu) 1^1+logi# K.fF...-Flog|#iC# 


la Ta^ 14 1 we also see that logK, is negative (™ —0-10). 
nJvu shows that the pentamine complex, 

[Ni<HiP) (NH*)»J*+ IS tlwHiodynaiBicatfy favoured with respect to 
the hexamine complex, (Ni(NH,Vf + [see equilibrium No. (v^ 


Kteetic Vs. tberaiodyBaniic stabllitjr 

Since the terms : ^bileand inert show the speed or rates at 
which the su^titution of one ligand by other occurs, these terms re¬ 
present the kinetic stability of complexes. These terms should, there¬ 
fore, not TO confused with or used for ttermodynamic stability terms 
vn. unstable and stable respectively Although thermodynamically 
stable complexes may be labile or inert, and unstable complexes 
wl^h are usually labile may also ^ inert, there is no correlation 
betwen thermodynamic and kinetic ability terms, e.g. fHgtCNLF • 
which IS thermodynamically very stabk (formation constant =1^»> 

* exchaa«ss CN ligands with labelled 
cyanide ions/ ‘♦CN*' at a very fiat ratei^ 

[HgfC^f 4 «“CN- -I.4CN 

Thus the sta^Kty wf this cot^ex doea not ei»iHc its inertness. 






Table 14-1. StabilUy constant value {Le., logt» K value) of[Ni^^ Ion 
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P** other hand the complex,. [Co(NH|)*]*+ which is thermo¬ 
dynamically unstable can remain unchanged in acid solution for 
weeks. Thus this complex is unstable but inert in acid solution. 

It may be concluded from this description that the btert com¬ 
plexes are not necessarily thermodynamically stable and that labile 
complexes are not necessarily thermodynamically unstable. 

The stability of a complex depends on the reaction energy while 
the lability of a compound depends on the activation energy. Larger 
the activation ener^, lower will be the lability of the compound, i.e. 
the compound with larger activation energy will react slowly. 

Labile and Inert Octahedral Complexes according to VB'fH 

We have seen that according to VBT octahedral complexes 
are of two types (i) outer orbital complexes which' involve spi*d* 
hybridisation, and (/i) inner-orbital complexes which result from 
hybridisation Note that the two d-orbitals involved in spPd^ 
and d*s^ hybridisation are dt*.f and d,* orbitals (e, set). 

With the help of VBT it is possible to predict which octahed¬ 
ral complex is labile and which is inert as shown below : 

(i) Outer-orbital octahedral complexes. Oute r-orbital octahed¬ 
ral complexes hybridisation) are generally e.g. the 

octahedral complexes of Mn»+ (3d»), Fe*+(3d»), Fe*+-{3d»), Co*+(3</’), 
Ni*+(3</*), Cu*+(3d*) and Cr**-{3d*) exchange ligands rapidly and 
hence are labile. In terms of valence-bond theory this observation 
can be correlated with the weakness of the bonds of sp^d* type as 
compared with d*sp* bonds. 

(//) Inner-orbital octahedral complexes. Since the six d*ip? 
hybrid orbitals are filled with the six electron pairs donated by the 
six ligands, </" electrons of the central metal will occupy d^y, dy, 
and d„ orbitals. This distribution for labile and inert inner-orbital 
octahedral complexes is shown in Table 14-2 from which the follow¬ 
ing points are obvious. 

(n) In the labile inner orbital octahedral complexes there is at 
least one <f-orbital of ty, set empty so that this empty </-orbital may 
be used to accept the electro pair from the incoming ligand in form¬ 
ing the transition state (unstable intermediate) yrith coordination 
number of seven. The formation of transition state can k shown 
as : 



Labile inoer-orbi 
tal octahedral 
coumlex, ML« 
<C.N. -hS) with 
oneenuHv d- 


Ineondog Seven coordioaied 
l%aiid with unstafefe intermediate 
electron (transition state), 

pair ML«X (C.N.-7) 


a 



L 


Octahedral complex, 
MLtX (C.N.-6) 
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Due to the extremely fast reactions of these complexes it has 
not been possible to determine whether the intermediate exists iii 
these reactions. 

(b) In the inert inner-orbital octahedral complexes every d- 
orbital of set (i.e. d^y, dy, and d^y) contains at least-one electron. 

Labile and Inert Octahedral Complexes According to CFT 

v^hether an octahedral complex reacts by an SnI dissociation 
or Sn 2 association mechanism the symmetry is lowered and a decre¬ 
ase in CFSE usually occurs in going from octahedral to S-coordinat- 
ed square pyramidal activated intermediate or from octahedral to 
7-coordinated pentagonal bipyramidal transition state. The change 
in CFSE in going from octahedral to square pyramidal (SnI mecha¬ 
nism) and in going from octahedral to pentagonal bipyramidal 
(Sn 2 mechanism) structure is called activation energy and is denoted 
by E.. The values of E. have been calculated by Basolo and Pearson 
and are given in Tables 14-3 and 14-4. The values of CFSE mentio¬ 
ned are in the units of Dq and have been given for both the fields viz 
strong field (spin paired or low spin complex) and weah-^eld (spin 
free or high spin complex) and for both the mechanisms. In these 
tables negative values of E^ denote a loss of CFSE when octahedral 
complex is changed into an activated complex which may be square 
pyramidal or pentagonal bipyramidal. In cases where the CFSE of 
the activated complex is greater than that of octahedral complex, 
Ea has been given zero value. Thus in case of these complexes it 
has been assumed that there is no loss in CFSE when they are 
changed into activated complexes. 

The octahedral complexes formed by the ions for which there 
is large loss in CFSE are least labile, i.e. such complexes mre inert. 
On the other hand octahedral complexes given by ions for which 
there is little or no loss in CFSE are labile, i.e. such complexes react 
rapidly. Following examples make these facts evident : 

(/) Both high spin and low spin octahedral complexes of d*, 
iP and ^ ions will react rapidly, i.e. these are UAile com¬ 
plexes, since these is no loss in CFSE for these ioi» by 
either mechanism. 

(i7) We have seen that according to VBT-inner-orMtal octa¬ 
hedral complexes of d*, d*, d* and d* ions are inert (see 
Table 14-2). These inner-orbital comiriexes are called 
low-spin or spin-paired complexes by. CFT. CFT also 
predicts that low-spin complexes of these ions are also 
inert whether the mechanism is assumed to be SnI x>r Sn 2, 
since there is a loss in CFSE values (as indicated by the 
negative values). 

The 4on with maximum loss of CFSE will form the most inert 
(I.e. least labile) complex. Thus the order of inertness of low-spin 
complexes formed by d*, d*, d* and d* ions is : 

Order of inertness: d* > d* > d* > t^ 

Loss in CI^E for SnI mechanism : —4-00 — 2-00 —1-43 —0*86 
Loss in CFSE for Sn 2 mechanism :—8‘S2 —4-26 —2-98 — 1'^ 

' (i 
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Consequently the order of lialditV or the reactivity ii.e., rate of 
reaction) will be reverse of that ^own above, /.« 

Omer of lability : d* < ^ 

Experiments have also supported the above order. 

{Hi) High-spin octahedral complexes of d*' ion will react 
slowly, i.e. these are inert complexes, because for this ion 
there is substantial loss in CFSE whether the substitution 
mechanism is assumed SnI or Sn2. 

(/v) High-spin octahedral complexes or d® ion react rapidly, 
i.e., these are labile complexes, since there is no loss in 
CFSF. 

(V) Both high-spin and low-spin octahedral complexes of 
^ ion {e.g., Ni*+) are inert, since for any mechanism there 
IS significant loss of CFSE. Note that, according to VBT 
(ida)/*, 3d,*./ *, 3d,* *) will form outei- 

orbital complexes which will be labile. Thus we see that 
in case of d* ion VBT and CFT give different predictions. 

(vi) Both high-spin and low-spin octahedral complexes of d*® 
ion are labile. The reasons are the same as for other 
labile complexes. 

"Table 14'3. Loss in CFSE, Ea {in the units of Dq) in the forma- 
tion of a square pyramidal intermediate in octahedral substitution 
reactions on the basis af SnI dissociation mechanism. 


SnI dissociation mechanism 


► Square pyramidal tsqu. py.) 
(C.N-6) (C.R - 5) 



Strong ligand fields {spin-paired 
or tow-spin eornplexes] 

Weak ligand fields (spin-free 
or high-spin complexes) 

ion 

i 

Oct. 

{C.N.m,6) 

^s.py. 

(C.N.-5) 

E, 

Oct. 

(c.n.^6) 

Sm- py. 

Ee 

d® 

ODq 

ODq 

ODq 

ODq 

0 Dq 

ODq 

d* 

4 

4-37 

0 

4 

4-S7 

0 

d* 

8 

9-14 

0 

8 

O-M* 

0 

d» 

12 

10-00 

-TOO 

12 

lOOO 

-2 

d* 


14-37 

-1-43 

6 


0 

d* 

20 

19-14 

-0-86 

0 


0 

d* 

JS* 

20-00 

-4-00 

4 

447 

0 

d» 

18 

19-14 

0 

8- 

0-14 

0 

d* 

12 

1^ 

-2-00 

12 

tOOB 

-2 

d» 

« 

9-14 

0 

6 

9-14 

0 

d** 

0 

' -i- V 

0 

i - 

• 1 

9m 

0 
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Table 14-4. Loss in CFSE, E, {in the units of Dq) in the for¬ 
mation of a pentagonal bipyramidal intermediate in octahedral ^stAsti- 
tution reactions on the basis of Sn2 association mechanism. 




Sn 2 association mechanism 




Octahedral foci.) - 

(C,N.-6) 

■> Pentagonal bipyramidal (pent, bipy.) 
{C.N.-7) 

ion 

Strong ligand fields (spin-paired 
or low-spin complexes) 

Weak ligand fields {spin-free or 
high-spin complexes) 

Oct. 

(C.M-d) 

pent. bipy. 
(CAT.-7) 

Ea 

Oct. 

(CM =6) 

pent. bipy. 
(C.M.-7) 

Ea 


dP 

ODq 

0 Oq 

0 Dq 

0 Dq 

ODq 

ODq 

41 

4 

5-28 


4 

5-28 

0 

4* 

8 

10-56 

0 

8 

10-56 

0 

4» 

12 

17-74 

-4-i6 

12 

7-74 

-4-26 

4* 

16 

13-02 

-2-98 

6 

4-93 

-2-07 

4« 

20 

1830 

-1-70 

0 


0 

4* 

24 

15-48 

-8-52 

4 

5-28 

0 

4» 

18 

12-66 

-5-34 

8 

1056 

0 

4* 

12 

7-74 

-4-26 

12 

7-74 

-4-26 

4* 

6 

4-93 

-1-07 

6 

493 

-1-07 

4“ 

0 

0-00 

0 

0 

0-00 

0 


Otbo’ Factors Affecting the LaMlity of a Complex 

In the preeding pages we have seen that how the electronic 
configuration of the central metaJ ion forming the complex affects 
the lability of the complex. In addition to this the following factors 
also influeiice the lability. 

(i) Charge of the central ion. Highly charged ions form com¬ 
plexes that to*ct slowly, i.e. with the increase o/ the charge of the 
central metal ion for the isoelectronic complexes there is a decrease 
in lability ,e.g. 

(a) The lability of the complexes, [A1F,J*", [SiF,]*-, [PF,]-and 
(SF,)® is in the order : 

UbiUty order [AIF*]*- > (SiPJ*- > [PF*J- > ISFJ® 

( CStumiccharie : +3 < .^^4 < -)-5 < -t-d 

(b) The rate of water exchange represented by 

(M(H,0%l«+-f 6H,0 
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i" ^ 

Sr"' 

S i g ’ ■■ of ionic 

(<i7) Charge-to-radius ratio rallies. ForaseriV«nf .^i 


[M(H,0).]-+ + xU^O -- [M(H.O)J-+ + xH.O 

From this figure the following points may be noted : 

(a) Of^e first-row transition elements fNi/H n\ i»-i- ra m 
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plane of the tetragonally 4is|ortcd octahedral shape of 

are exchanged, the remainii^ four water m^wsules lying mthe 

square plane react slowly. 

For square planar complexes charge-to-radius ratio does not 

work. 

(M 'Geometry of the complex. In general 4-coordinat^ 
plexes (both tetrahedral and square planar) react more r^idly tliM 
analogous 6-coordinated complexes, e.g. the very stable [NifCN)*] 
undergoes rapid exchange with **CN' 

[Ni(CN)«P+-h4«CN- lN«(“CN)4]*--t-4CN , 

while 6-coordinated complexes like and [^(CN)*]*^ 

which have almost about the same stability as [Ni{CN) 4 ]*+ undergo 
slow exchange. The greater rapidity of reactions of ^coordinated 
complexes may be due to the fact that there is enough room round 
the Antral ion for the entry of a fifth group into the coordination 
sphere to form on activated complex. The presence of this additional 
group helps in the release of one of the original four ligands already 
^ present in the 4-coordinated complexes. 

'' it Factors Affecting the Steb aity af Complex es 

f ■' —A nnmher of factors affect the stability o f complexes. Som e 
I ofthesellctors defteiidron the nature o f lhej:eiuiat:ronr^tle 
* ri^^ d on the nature of t he ligand .' 

'-(aTTMperttes ot me central Metal Ion 

With reference to the properties of the central metal ion the 
following faetdts fitey be mentioiwd : 

(/) Ctarge and sixe. In general the metal ion with larger 
charge and smaller size form more stable complexes. A smaller but 
more highly charged cation permits a more closer approach of the 
ligands and larger electrostatic attraction resultmg from large ch^ge 
oit thcTcation gives a more stable complex. These points are illust¬ 
rated in the following examples : 

(a) The stabifity of the hydroxide complexes of the alkaline 
earth metals in which the central metal cation contains the same 

TnWe 14-5. Effect of the central metal ions with equal charges 


Complex ion 

ChmgM on tie 
eemt^metol 

Ion 

Size of lie 
eenirol metal 
ion, 

Value tf 

Stability 

(Be“(OHM+ 
[Mjf** (OH)]+ 
(Ca“ (OH)l» 
IBa” (OH)J+ 

+2 I 

f2 

4-2 

+2 

0-31 1 

1 

<y«s 1 

d99 1 

1-35 


10> 

120 • 

30 

4 

1 

f 

\ 

L 

£.§ 

si 

li 

P 
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charge increases with the decrease of the size of the central metal 
ion as shown by their stability constant values {see Table 14 5). 

[h) The stability of the complexes having the central 
metal cations with almost equal siM but with different charges 
increases with the increase of the charge on the central metal ion. 
This is shown in Table 14 6. 

Table 14‘6. Stability for Fe^*, Fe**-, Co^+- and Co*"* - complexes. 


Complex ton 

Changes on the 
central metal 
ion 

Size of the 
central metal 
ion (A*) 

Value of hgi^ 
(stability 
constant) 

Stability of 
the complex 
ion 

tFe‘“(CN),l»- 

+ 3 

1 

310 

I 



almost same 


increases 

IFe” (CN),)*- 

+2 

i 

1 

1 

8-3 1 

: 1 

1 1 

Co®--comploK 

-f 3 


higher 

1 ■ 



almost same 


increases 

Co- complex 

.. 

i 

low 

1 


Combination of the factors vh. charge and size of the ^tral 
metal cation shows that it is charge/radius ratio for the central ioa 
(called ionic potential or polarising power of the cation) which is 
important. A large valpc of charge/radius ratio for a. central ion 
means that the central ion will be forming niore stable complexes. 
The correlation between charge-to-radius ratio and stabilhy of Oil" 
complexes of some metal ions is shown in Table 14'7. It nlay be 
noted from this table that charge on the metal ion is somethat more 
important than its ionic radius. 

Table 14*7. Ejfect of the change-to-radius ratio on the stability 
of some OH' complexes. 

A/"+ + OH- 
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The stability oC^^the complexes of non-traasitlon metals of the 
same group has been found in the following order provided that the 
Jigand IS not changed from one ion to the next. 

Li+> Na+> K+>{tb+>Cs+ 

Be*+ > Mg*+C:a*+> Sr*+ >Ba*+> Ra*t' 
Al’+>Sc®+>Y»+>La»+ ' 

There are also some exceptions to the above order, e.g. EDTA 
complex of Mg*+ is less stable than that of Ca“+, 

, approximately constant ionic radius, the 

stability constants are in the order ; 

Th«+ (=0-95 A°)>Y*+ (=0-93)>Ca*+ (=0-99)>Na+ {=0-95) 
and La»+(=115 A‘')>Sr*+(=l-13)>K+(=1-33) ' 

(II) Crystal Field Effects and natnral order (or Irving.Wil liam 
A of high spin complexes of the ions 

ord^r^^ ^ ^ given ligand frequently vary in the 

Mn*+ <Fe*+ <Co*+ <NF+ <Cu’+> Zn^+ 




t • which is called natural order (sometimes called the 

Irvug.William order) of stability is consistant with charge-to-radius 
ratio concept, since the radii of these ions are in the order ; 

Mn*+ («=0 91 A'’)>Fe*+ (=0-83)> Co*+ (=0-82)>Ni*+ 

(=0-78)>Cu*+(=0-69) <Zn*+(=0-74). { 

., ?pin complexes of these ions are primarily octahedral 

with the exception of those of Gu*+ which forms tetragonally distor. 
ted octahedral complexes -- 1 - i —— — 

The relative stability of high spin octahedral [M“ L,]*+ comp¬ 
lexes of the first-row transition elements as predicted by crystal field 
theory is shown in Fig. 14-2. 



Fig. 14-2. The logrithms of stability constants for a series of- 
L6]*+ complexes as predicted by crystal field theory. 
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It IS obvious from this figure that the oictahedral complexes of 
V*+((/» ion) and Ni*+(</• ion) ions are the most stable with respect 
to their neighboui^T^his is because of the fact that the high spin 
(weak ligand) octahedral complexes of these ions have, the greatest 
crystal field stablisation energy values (CFSE’s values) as given 
below : 

<f^=0-4 Ao. rf*=0-8.A«. (V*+)»l-2 Ao. <#*-0-6 Ao, d®-0-0. 

J«=0-4 Ao, rf’-O-S Ao. d* (Ni*+)=l-2 Ao, ^^=0-6 Ao. ^>"=(^■0 

The order of stability as predicted by crystal field theory and 
shown in Fig. 14-2 is the same as natural order of stability for comp¬ 
lexes of these metals except for Cu*+. The discrepency for Cu*+ is 
not completely, understood but is certainly related to Ae fact that 
Cu*+ complex assumes a distorted octahedral structure in order to 
assume maximum CFSE. 

If the experimental values shown by dots are corrected for CFSE 
for each ion (the correction is done by substracting the calculated 
CFSE values given as above from the experimental values), we get a 
smooth curve which has corrected values (shown by crosses), since it 
indicates the expected regular increase in values. The ions viz. Ca®+ 
(d»), Mn*+(d») and Zn*+(</i®) which do not have CFSE have experi¬ 
mental values on the smooth curye. 

'V (Hi) Class a and Class b metals. C^tt and Ahrland have 
classified the metals into three categories : a, b and "SorSerlme, on 
the basis of their electron acceptor properties. This classification 
is shown below (normal valence states are assumed). 

Class a metals : H, the alkali and alkaline earth metals the 

elements Sc-► Cr, A1 —♦ Cl, Zn-► Br, In, Sn, Sb and I,’ the 

lanthamides and actinides. 


Class b metals : Rh, Pd, Ag, Ir, Pt, Au, Hg. 

Border line metals : The elements Mn- v 

Mo, Te, Ru, W, Re, Os, Cd. 


Cu, T1 —k Po, 


Class a metals form more stable complexes with ligands havinz 
the coordinatng atoms from the second period elements feg N o 
F^jhan those of an analogous ligand in which the dohor alS^s 
from third or later period (e.g. RJIAS)- Class h metkls *ave the 

relative stabilities reversed. If thellgand contains the heavier donor 
atoms, class a and b metals are characterised by the stability order • 

F->Cl->Br:>I '» 

0>>S>Se>Te # Class a metals 

and N>>P>As>Sb>Bi } 

F'<Cl-<Br*<I- y 

0<<SeiSe!=iTe Class h metals 

N<< P<As<Sb<fli J . 

Class 6 metals are characterised by the presmice of a number 

of d-electrons beyond an ihert-jgae bore. These d^electrorts are used 
to form 7t-bond W^h’ ligand atoms. W is believed ihkt ^the stability 
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of the complexe§ of' class b metals results from covalent contribu¬ 
tion to metarii^M ho^s and from the transfer of electron' density 
ftom the metal to tiif luppd fia ^-bonding. The most stable ''omp- 
lexes of class h meta^im formed with ligands like PMei, S' and r 
which have vacant i^orbitals or like CO CN' which have va^^ant 
molecular orbitals oflotv energy. ' 

For borderline rnetals the stability constants do not display 
either class a or class 4 behaviour uniquely. 


(IV) Electroaecativlty of the central ion. The bonding between 
a central ion and a ligand is, to some extent, due to the 'donation of 
electrons by the ligand to the central ion. Thus, it might be con¬ 
cluded that a central ion with higher electronegativity (I'.e. a central 
lon with a strong electro-attractii^ tendency) would give the most 
stable complexes. 

(h) ni>p«rdca of the Ligand. 


With reference to the role of the ligands in determining the 
stability of the metal complexes, the following factors are important: 


(1) Size ant charge of iigapd. For charged ligands, the higher 
the charge carried by them and the smaller their size, the more stable 
are the complexes fbrmed ; e.g., the F* ions, which are smaller, form 
stable complexes than the Cl* ions which are larger ions. This 
fact is evident from the stability constant values of [Fe*** F]*+ and 
[Fe®* Cl^ ions which are 10* and 20 resj^tivcly. Thus for class a 
metais the order of stability of the halide complexes is F'>C1'> 


Br*>I*, but this order is reversed for class ft metals (Pt®, Cu* , 
Ag* , Hg® etc). _ _ 

For monodentate neutral ligandsj the higher the'dijpole moment 
and smaller the size, the more stable are the complexes formed. 


(ii) Basic character of ligandi. The more basic is the ligand, 
more easily it can electron pairs to the central ion and hence 
more easily it can form complexes of greater stability. The ligands 
that bind firmly form stable complexes with metal ions. Thus 
F' should form stable complexes tiun Cl*, Br* or I-, and NHg 
should be better ligand than which in turn should be ^tter than 
HF. This behaviqur is observed for alkali, alkaline earth and other 
electro{>ositive metals like first-row transition elements, lanthanides 
and actinides. 


(ill) Chelate effect. Complexes containing chelate rings are 
usually more stable than similar complexes containing no rings, i.e. 
multidentate ligands (chelating ligands) in general form more stable 
complexes than the monodentate ligands. This is termed as chelate 
effect. This effect is obvious from the values of siability constants 
of Ni*+—NHj and Ni*+— en systems : 

tNi(NH,)J*+(a«), log P-7-99 
<og) w* fog P— 181 
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™o“o<Jentate ligand while ethylene diamine, 
CH*—CH,—NH, (en) is a bidentate ligand. Obviously the 
comjplex (Ni (e/i),J*+ is much more stable than [Ni(NH8),p+. since 
the former complex contains cheate rings while the latter one has no 
chelate-ring. The chelate effect is also evident from the fact that the 
stability of NHj, ethylene diamine, NH*—CH,—CH*—NH, ten) and 
triethylenetetra amine, NH,-(CH,),-NH-(CH8),-NH-(CH,),- 
NHj {trien) complexes of Cu*+ ion is in the order; 

log 3 =, [Cu(NH*) 4 l*+ < {Cu(en),]^+ < [Cu(trien)]»+ 

12;7 < 19-7. < 20-5, 

In order to understand this effect we should note the following 
well-known thormodynamic relationship: 

-RT In P=AG*-AH*-TaS* (AH* is negative) 

Here AG“=Standard free energy change, R=Gas constant, 
T=Absolute temperature, A**“-= Enthalpy (or heat) change and 
AS°=Entropy change. 


Enthalpy change between chelated and non-chelated complex 
is small due to sitnilar metal-donor atom linkages as is evident from 
^e thermodynamic data given for the following two reactkms lead¬ 
ing to the formation of non-chelated and chelated complex respec¬ 
tively. 

(/) Cd*+ -1- 4CH,NH, ^ lCd(NH,CH,)J*+ with log p-6-52. 

Monodentate Noo-clwIatM 
Hgand complex 

ah*®- 57-3, AS°=-67-3, -TAS®-20-l and AG'’=.-37-2 

{//) Cd*+ + 2en ^ [(Cd(en)i]»+ with log p=10-6, 
Bidentate Chelated 

ligand compiex 

AH“=-56-3, AS’^-t-H I, _TaS'>=- 4-2 and AG'=--60-7. 

All the thermodynamic data are given in KJ/mole. 

It follows from the above relation that p increases as AG® 
becomes more negative. The value of aG® becomes more negative 
when that, of AS* becomes more positive (see above), i.e. more posi- 
tive value of AS° will lead to a more negative value of AG® and 
hence a more stable complex is formed. In the language of thermo- 
dyn^ics the equilibrium constant of a reaction is the measure of 
the heat released in the reaction and the entropy change during the 
reaction. The greater the amount of heat released in a reaction, the 
more stable are the reaction products. The entropy of a system is a 
measure of the amount of disorder. The .greater the amount ^dis¬ 
order produced in the proAtets Aarir^ the reaetkm rehtlre to Ae rmc- 
tants, the greater the incteau in entropy, durii^ the reaction and 
hence the greater the stability qf the products. 


The fact ^hat the stahitib of the cor 
increase of eadre^ can be ^iWfated Iw „ 
when ethylene dfitmine mobcute, C^—< 


the 
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allowed to react with hydrated complex ion, it replaces 

two HjO molecules from it, since it is a bidentate ligand. 

[M(H,0),]*++ert -► [M(H,0).(cn)]»++2H,0 

This process increases the number of particles in the system 
and hence its disorder and entropy. Thus the complex, 
[M(H»0)4(en)]*+ is more stable than [M(H,0)e]*+. 

Following sidgwick the explanation of the chelate effect may be 
presented more pictorially. If one of the two metal-ligand bonds of a 
bidentate chelate system is broken, the remaining bond still remains. 
attached with the metal ion so that the broken bond can be re-estab¬ 
lished. On the other hand if the metal-ligand bond of a mondden- 
tate complex (non-chelated complex) is broken, the ligand will leave 
away from the vicinity of the metal ion. pius a chelated complex 
dissociate s less than a nOn-chelated con^lex and hence will register 
a hig^ stability constant. This ex^anation is illustrated by the 
following example : 

The removal of an NH» molecule from the non-chelated comp 
lex, (M(NH*),p+ in aqueous solution results in breaking of the bot^ 
and the displaced ligand molecule viz. NH, molecule moves away 
from the vicinity of the metal ion, M*+. But when one bond of the 
chelated complex, [M(NH|—CH,—CH»—NH,),]*+ is broken, the 
metal ion, M*+ still remains attached to the ligand, NH,—CH»— 
CHi—NH, by the second bond and hence displaced —NH» is not 
allowed to move away from the metal ion. 



Thus there is greateiv. possibiB^ of the reformation orthe 
brokra bond in the chelated coi^lex'than in the non-c)ieIated com- 
pleXi This exf^asis the greater i^rent stability a chelated com¬ 
plex as compared to a non-chelhted edtnpiex. 

(ff)5lO«lale The l^gi»; the huHibcif of the chelate 

rings w i "rhis :is iijiistmted in 
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fnr Stability constant values {i.e. log^o S values) 

for some ammonia and polyamine complexes illustrating the effect of 
chelate ring size .on the stability of the complexes. 

The abbreviations used in this Tabic have the following meaning : 

en — ethylene diamine, NH 2 CH,CH»NH, 

trien - triethylene tetramine. NH 2 (CH,),NH(CHa)*NH(CH,)*NH 2 

tren — triamino triethylamine, (NH 2 CH 2 CH 2 )sN 

dien - diethylene triaminc, NH 2 CH 2 CH 2 NHCH 2 CH 2 NH 2 

penten tetrakis (aminoethyl) ethylene diamine, 

(NH2CH2CH2)2NCH2CH2N(CH2CH2Nh’2)2 

M — Metal. 


Metal 

complexes 

No. of 
chelate rings 

Values of stability constants {logio P values) 

Mn*+ 

Fe*+ 

Co*+ 

M*+ 

C«*+ 

Z«»+ 

Cd*+ 

M (NH*)4 

0 

— 

23-7 

5-31 

7-79 

12-59 

906 

6-92 

M (en)i 

2 

49 

7-7 

109 

14-5 

20-2 

n-2 

10-3 

M(trien) 

3 

49 

7-8 

no 

141 

20-3 

*121 

100 

M (trca> 

3 

5» 

8-8 

12-8 

140 

18-8 

146 

12-3 

M (dienlf 

4 

70 

10 4 

141 

18-9 

21-3 

144 

13-8 

M (penten) 

5 

9-4 

11-2 

15-8 

19-3 

22-4 

16-2 

16-2 


Table 148 clearly shows that the greater the number of chelate 
rings in the complex, the greater is the stability of the complex. 

♦b. ®*^*’'*‘*y of complexes also depends on the number of 

ring includSe veJy unlwf 




(*) r 


(«) 


>m/ \s=o 

<UI) 


chelatcs are S- and 6- 

memmed chebtes. S-tnembered chelates ^Ta frequently more stabte 
than the S^jijMabeMd chdates when the.^ th,- nL arc k^d 

more stable than S^membe^td cbrfatest qrJMeropycIip ligands qr qf 
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ligands involving conjugation in the chelate ring. For example, 
acetylacctone complexes of the metal ions which contain 6-mcm- 
bered . conjugate chelate rings are more stable than the corres¬ 
ponding ethylene diamine complexes which contain only S-membered 
chelate rings. In acetylacetone complexes the --electron density gets 
spread up over the whole ring which increase? the stability of this 
6-menibered ring system. The possibility of the resonance in its 
chelate ion is an additional factor contributing to the stability of 
acetylacetone complexes. 


CH3 

I 

C -0 

/ \ 

HC M 

\ 

c=o 

/ 

H3C 


CH3 

o *=c!) 

\ 

M CH 

\ / 

O -C 
I 

CH 3 


(V) Steric effects. When a bulky group is either attached to 
or present near the donor atom of a ligand, mutual repulsion among 
the ligands occurs and consequently the metal-Iigand bond is 
weakened. Thus large bulky ligands form less stable complexes than 
do the analogous smaller ligands. This effect is commonly referred 
to as steric hindrance (steric effect or steric strain). This effect can 
be illustrated by the following examples; 

(a) ethylene diamine, NHt—(CHs)i—NHi complexes are more 
stable than those of tetramethyl ethylene diamine, (CHsltN—(CH,)| 
—N(CH 3 )t which is the tetramethyl substituted derivative of NH»— 
(CH 3 ),-NH,. Thus: 


IM(NH,-CH3-CH, 


-NH,),]*+ > 

(M(N(CH,)t- 


CH3-CH3-N(CH,).),P+ 


ib) Complex of Ni*+ with 8-hydroxy quinoline is more stable 
than that of 2-methyl-8-hydroxy quinoline. Thus : 


’/V \N 


‘Av'\ 

I’ ll 1 

Nl> 

li i : 

Y. • N 

1 N' 

. O" 

2 

- 8 ~ : 

(luj,3=-2IS} 


(log fs = 17-3) 


The strain effect is sometimes due to tjie geometry of ligand 
coupled with the stereo-c6eliristry/>f the metal complex; F6r example 
uSyleJi tetraamine. NH.^CHj)r-NH(CH.),-NH-(CH,)3- 
f/rien) can coordinate its all the four nitrogens H the corners of 
a shdare but triethyRriamine, CHi—CHtyaiN hot jto 

so: That straiAt-chain m tjrkn fprmsrnww staWfe wiA 

ion ffian does the btiOitiMKhhia in beratm.f^ ib Mabfe 
to 'asNrte #a prefetied sqiiare geoawb^ 
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Other Factors 

' The amount of metal-ligand covalent character ajso influences 
the stability of the complexes of relatively electronegative metals like 
those in copper and zinc families and Sn and Pb.. For example the 
order of stability of the complexes, [AgXJ' and [AgX,]" is as ^ 

AgU' > AgBr.' > AgClr > AgF»- 
Aglg- > AgBrj- > AgCls' > AgF,' 

This order is attributed to the increase in covalent character in 
Ag—X bond from Ag—F to Ag—I. 

EXPERIMENTAL DETERMINATION OF STABILITY CONSTANT AND 
COMPOSITION OF A COMPLEX 
1. Spectrophotometric Method 

Most of the complexes absorb light differently than the metal 
ions from which they are formed. The relationship between the 
absorbance or optical density (A) at a particular.wavelength and con¬ 
centration is exp-essed by Bier’s law which is given as : 

A f.l.c. 

where c — mole extinction coefficient 

/ = length of the absorption cell 
c = concentration of the complex (in moles/litrc) 

If we measure the absorbance (A) with a spectrophotometer, 
know the extinction coefficient (€) at that wave length and the cell 
length (/), the concentration (c) can be calculated from the Beer’s law 
equation given above. ■— 

How the spectrum of a metal ion, M*+, changes on coordina¬ 
tion with ligand, L, has been shown in Fig. 14-3 which contains re- 
presentative spectra of a metal ion, (shown by broken lines^and 
its complex ion, ML*+ (shown by unbroken lines). It will be seen— 
that the absorption by the complex takes place over the entire region 
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of the metal ion absorption, while at 550 mp. only the complex 
absorbs. 


Clearly, the value of Kp (formation constant) for the reaction: 

Kf 

M*+4-L ^ -t ML*+, will be given by 
_ {ML*+] 

^ (M*+] [L] ...(14-1; 

In order to obtain the value of formation constant, Kp, solu¬ 
tions containing known amounts of total M*+ and total L are equili- 
berated. The absorption of these solutions at 550 mp is measured 
and the value of Kp is evaluated as follows : 


We know that 



Cm = [ML*+] 

...(14-2) 


Cl = [L]-|-[ML»+] 

...(14-3) 

and 

A = f (ML®"*") / . [ML®+] (From Beer’s Law) 


or 

fML*+] - ^ , 

...(14-4) 

where 

Cm “ total concentration of the metal ion 



Cl = total concentration of the ligand. 

Put the value of [ML*"*"} obtained from equation (14-4) in 
equation (14-2) and (14*3) to get the values of [M*+J and [LI. 
Thus: 


(M*+] 

W 


Cm 


Cl 


- A 

^IML*"*") 4 / 

A 

>(ML*+) . / 


...(I4-5) 

...(14-6) 


Thus, if we put the values of fML*+], [M*+] and [Ll as obtained 
from equations (I4'4), (14-5) and (14-6) respectively in equation 
(14-1), we shall get the value of Kp. For the evaluation of the value 
of Kp, the values of A, *(Ml*+), /, Cm and Cl must be known. The 
constancy of Kp is checked by repeating the measurements at differ¬ 
ent Cm and Cl values. 

2. Method of Continuous Variation (Job’s Method) 

_ This method is a variation of the spectrophotometric method 
and is used to determine the composition of a complex. This is 
mainly used for solutions where only one complex is formed. 

D^ereht steps of the precednre me: 

(i)^4 blaltn 10 sointioofi of the cmiydff containing metal ion 
and hgand m such proportions that the totjl volume of each solu- 
tion is 10 ad. held# t * 
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Solutions No. (10 solutions) : 123456789 10 

Volume of the metal ion (ml): 0 1 2 3 4 5 6 7 8 9 

Volume of the ligand (ml): 10 9 8 7 6 5 4 3 2 1 

Thus we see that the sum of the concentration of the ligand. 
Cl aM that of the metal ion. Cm is constant. Only their ratios 
Cl : Cm are changed. Thus ; 

Cl+Cm=C •••(/’) 

where C is a constant. 

(//') Determine the optical densities of the solutions as pre¬ 
pared m step (/) with the help of a spectrophotometer at such a 
wave length of light that the complex absorbs strongly and the 
metal ton and the ligand donot. 

{Hi) Draw a graph between the piole fraction of the 
ligand, m.f.^ m.f.= -^'^ aad optical density (or absorbance). The 
graph obtained is of the type as shown in Fig. 14-4. 



Fig. 14-4. Job’s method of continuous variation for the 
determination of the composition of a complex. 

When the legs of the curve are extrapolated, they cross each 
other at a point at which the absorbance is maximum. 

If the formula of the complex is ML,, then 
Cl 

^ •••(«) 
Equation (/) can also be written as : 

Cl Cm C . 
c C “ C “ 

With the help of equation viz.. 


...{Hi) 


tn f— 


.(IV) 


equation {Hi) reduces to : 

Cm 


m.f.+ 


C 

Cm 

T"’ 


■ I—w./. 


or 


...(V) 
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or 

or 


Dividing equation (/V) by equation we get 
C ^ ^-l-m.f 


Cl _ nt. f. 

■Cm 

’'^ l-inT f. [Seeequ. (»)] 



..(V/) 


From the value of n as given by equation (v/) we can determine 
the composition of the complex, MLn> 

Limitations, (i) This method can be used when only one 
complex is formed under the experimental conditions, 

(//■) This method is used when there is no change in the total 
volume of the solutions containing metal ions and ligand, 


3. Potentiometric Method (Bjermra Method) 

When the ligand is a weak base or Jkcid, competition between 
hydrogen ions and metal ions for tiie ligand can be used for the 
determination of the formation constant. 

Let us consider the equilibiria in which an acid and metal ions 
are added to a basic ligand in solution. Thus the following equa* 
tions hold good ; 


L 

Basic 

ligand 

+ 

H+ 

Acid 


HL+ K.= 

. [HL+] 

[L] [H+] 

L 

+ 

M+ 

Metal 

ion 


ML+, Kf= 

[ML+J 

Basic 

ligand 



- [L]IM]+ 


Here K. the acid assodation constant of the ligand 

and forjaaation constant respectively. 

Now if Ch, Cm and Ctnrethe total amounts in moles/lit of 
acid (H-)-). metal (M-^) aqd basic ligand (L), we have 

Cif-[H+]+lHL+l 

Cl-[L1+[ML+]+IHL+1 

Cm-IM+]+[ML+) 

Solving the last three equations given above and using the 
acid association constant of the ligand, K., we get; 

[ml>HC,-Ch+[H+i- 

IM+3-Cm-[ML+3 
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Thus, on putting the' values of [ML+], tM+] and [LI from the 
above equations in 



[ML+] 
[M+] [L] • 


the value of Kf can be evaluated. For the delerminatioii of [ML+l 
[M^] and [L], the values of Ch, Cl, Cm, K. and [H+] must be known.’ 
The last quantity, [H+], is generally determined potentiometrically 
using a pH meter. 


In order to ge» -precise results, the ligand must be a mcd um 
weak acid or b?-e and fha formation constant, Kf, should be within 
a factor of 10* of the value of the acid association constant of the 
ligand, K«. 
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Ligand Sub^itution Reactions 
In Octahedral Complexes 


Bef^ starting the study on kinetics and -mechanism of ligand 
su.bstitutioi(r.reictr(^s in coordination compounds the following 
terms .iffoiild' be defined- 

TrandthA State or Activated complex 

,JLet us cottsid^r the e;iergy changes occuring during the course 
of the'reaction,- 

X+Y-Z -► X-Y+Z 

Reactants Products 

In the beginning both X and Y—Z possess certein amount of 
potential energy represented by the point (a) on the curve shown in 
Fig. 15;1. Tly approach of X to the molecule Y—Z- causes an 
increase in the potential energy until a critical energy state (which is 
^ temporary state) represented by the point (b) is reached. By this 
Y—Z bond is weakened (partially broken) and ultimately the pro¬ 
ducts, X—Y and Z are formed as shown at point (c) in Fig. 151. 
In this pr-ocess the .potential energy of the system is again changed 
into kinetic energy and then into heat or any other form • of 
energy. - Fig. 15-1 (a) illustrates that for an exothermic reactio.i the 
reat^tents originally possess more potential energy than the products 
and excess energy ( = AH) is liberated as heat. Fig. 151 (b) shows 
that for an endothermic reaction the reactants have less potential 
energy than the products and, therefore, the reactants absorb heat 
equal to AH from the surroundings during their change into pro¬ 
ducts. Obviously AH is the energy difference between the reactants 
and the pr^ucts. It is called reactioD energy. 

The reaction, / 

Xh-Y-Z -- X-Y-fZ, 


SIO 
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^ be vis^iMd to t^e {dace by the following steps : The molecule 
™ Xr^ d'rectjon remote from Z (premer alliga- 

ment). White X dmws nearer to Y, Z starts being repelled from Y 
untd a stage is r^hed m which X and Z are rather loosely attached 
to Y and approximately ^uid^tant from it. In this stage the species 

is. called the transition st^e or 
activated complex which has the following characteristics ; (/) Iij this 


>» 

o> 

• 

c 


o 

c 


o 

a 


•Y.2 (Activatad coinploxi 

(b) 



Activation Energy 


Reaction Energy 
(AH) 


X-Y +2 
(Products) 




“Reaction Progress—^ 

(a) Energy changes in an exothermic reaction • 
X+Y-Z —► X-Y+Z+aH 

^.y.2 (Activated complex) 

A^ivation Energy 

I Reoction Energy (AH) 




X+Y-2 
(Reactants) 


X-y+z t Products) 


Reaction Progress - '* » 

(h) Energy changes in an endothermic reaction • 
X+Y-Z+AH -►X-Y+Z 

Fig. J5‘). Energy changes in exothermic anti 
endothermic reactions. 

X to Y and Y to Z distances are slightly greater than th* 
bond lengths (i7) It is not a true molecule, (he bonds being partial 
Thus It is of a transiitory nature and refers to an imaginary mote* 

^ ‘s^'ated. («>•> It has the maxiwib^ewrgv 
and hence is the most linkable and has very-very short life time. 
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The activated complex which is the most unstable changes to 
give the products X—Y and Z. Thus the various steps responsible 
for the reaction are ; 


X-hY-Z 

Reactants 


-► X...Y...Z-- X-Y+ Z 

Activated complex Pro^acts 

(transition state- 
unstable) 


The difference in energy between the reactants and the activated 
complexes called activation energy. 


Substrate 

A substrate may be defined as the reactant in which some 
bonds are broken and some new ones are formed as a result of the 
attack of a reagent. 


Attacking reagents 

We have mentioned above that a reaction proceeds when a 
.reagent attacks on a s^jbstrate. These reagents are called attacking 
reagents and are ot two types ; (/) Electrophilic reagents (»’; Nucleo¬ 
philic reagents. 

(/) Electrophilic'reagents. These are also called electrophiles. 
As signified by the name electrophilic:(e/ec/ro = electron, philic = 
loving) these are electron loving (electron-seeking) or electron pi>T 
acceptor, since these are deficient by two electrons. Thus tbes? are 
Lewis acids- These may be positively charged ions like carbOfritim 


ton 


(>•) 


, bromonium ion (br*^ nitronium ion (NOs+), nitro- 


soniupr ion (NO+), diozonium ion '(G^ 5 N,+), bisulphonium ion’ 
(SOaOH+), proton (H+), hydronium (H36+) or neutral molecules such 
as BFg, AICI3, SOj, FeCls etc. • . . 


(it) Nucleophilic reagents. These are also called nucleopbilos. 
Asjmplied by the name nucleophilic (n«c/eo=nucleus, p/»7ic=loving) 
the^e reagents are nucleus-lovin’ (Aucleus-seeker). Since the nucleus 
is ejettrically positive, the nucleophiles are electrically negative ions 


like oarbanion 



chloride ion (Cl"), hydroxide ion (OH*), 


cyauKje ibn (CN'), bisulphide'ion (SW), hydride ion (H ) or 
ejectron-rich neutral molecules such as NH„ HjO. Since these have 
unshared pair of electrons, these arc Lewis bases (i.e. electron pair 
■donor).. 


In coordination chemistry the central metal ion is an electro¬ 
phile, since it accepts an electron pair while the ligands are nucleo¬ 
philes because these donate electron pairs. Thus : 

M"+ -f L —► fML]*+ 

Electrophile Nucleophile Complex 

Chewit add) (Lewis base) 
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Types of Sobstitation Reactions 

FolKpwing are the important types of substitution reactions met 
with in coordination chemisti'y. 

(i) Nucleophilic or Ligand Substitution (Sk) Reactions. In these 
reactions'ajiucleophile (i.e. a ligand, L) in a. coordination complex, 
say MLb IS;replaced by another nuc^ophile, t'. 

ML,+L'-- ML„ iL'+L 

(C.N.-B) (C.N.=n) 

({/) Eiectrophilic or Met^l Substitution (Se) Reactions. In these 
reactions an electrophile {i.e.>itfififTal metal atom) in a coordination 
complex-is replaced by another ilectrpphilc, M'. 

ML„+VI'-► M’L„+M 

Although Sb reactions ■. such as that between Hg*'*' and 
[Qo” are knowr, they are much less common than Sn 

reactions and hence will noi be considered here. 

Mechanism of Nucleophilic (Ligand) Substitution Reactions (Sn Reac* 
tidns)'in Octahedral Complexes 

Two different paths of nucleophilic substitution reactions have 
;4jeen suggested : 

(1} Sn 1 or Dissociation Mechanism 

SnI indicates substitution{S) nucleophilic{N) unmohtular or 
first order {\) reaction. The reaction is nucleophilic because the 
incoming ligand seeks a positive centre (like the nucleus of ah atom), 
the metal ion. For a general ligand substitution reaction in an octa¬ 
hedral complex this mechanism can be shown as : 

MXsY+Z -► MXsZ-l-Y 

Octahedral (C.N.—6) 

complex 
(C.N.-6) 

The above reaction actually proceeds through ,a two-step 
mechanism. 

(a) In this step which is a slow and rate deterfnintng step, Y is 
lost and a five-coordinated intermediate {acfi'mted coinptex) is 
formed. This is a metal ligand bond breaking step and/the reaction 
occuring in this step is unimolecular because this ' step which is the 
rate-determining step involves oidy - one reactant species, MXgY to 
form the activated complex, MX* which is an electron-deficient 
intermediate. This has either square pyramidal ot irigona'bipyrd- 
rriidal shape, since its coordination number is five. 

Slow(-Y) 

MXjY ——^----» MXs+Y 

(C.N.=d) Unimolecular and - S-Coordinated 

rate-determiflg ftitermediate r 

step <C,N.=5' 

this Step MXjY is dissociated to give MXs^ Hehc'e the name 
dissoc'atibn mechanism. 
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( 6 ) In this step the short-lived penta-coordinated intermediate of very 
limited stability is attracted rapidly by the nucleophilic reagent, Z to give the 
otMnplex, MXjZ. 


MX5 > MXjZ 

S-coordinated (C.N. = 6) 

intermediate 

This \%fast and bimolecular reaction. As normally the activation energy 
for the first step will be high and that for the second step will be low. The 
rate of overall reaction will depend on the concentration of MXjY and not 
on that of Z. Thus the rate of reaction is first order with respect to MX 5 Y 
and zero order with respect to Z. Hence 

Rate of reaction = KjMXjY] 

The formation of MX 5 Z can be shown by combining the two steps 
as : 


MXj 

(C.N.=6) 


Slow(-Y) 

-- -> 

Unimolecular and 
rate-determining 
step 


MXj Fast(-Z) 
S-coordinated ^ 

intermediate > 

(C.N.-S) 


These two steps are diagrammatically shown in Fig. 15.7. 


MXjZ 
(C.N = 6) 


/ 

X • 

y 

Octahedral complex, 
MX, Y (C.N. =6) 


X 

^ 4 - 1 * 

I 

'V Trigonal bupy- 
midarintermediate, ^ Z 
MX,(C.N. = 5) 




Octahedral complex, 
MX, Z (C.N. = 6) 


Am V 

x^-}.X^ 

X 

Square pyramidal 
intermediate. 
MX, (C.N. *5) 


Fig. 15.2. or dissociation mechanism for the substitution reaction 

MX,Y + Z -► MX,Z + Y 

(2) S,^ or Association or Displarament Melanism 

st^ds to indicate substitution (S), nucleophilic (N), bimolecular or 
second order (2) reaction This also proceeds, through the two steps: 
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(a) This is a slow step and involves the attachment of tiie incoming 
nucleophile, Z to MXj y to form a seven-comtiinated tmstable imermediine 
(perhaps transition state) which is probably peiuagonal bipyrcanidtd in sIm^k. 
Obviously it is a metal-ligand bond-makir^ step. 


MX 5 Y 
(C.N. = 6) 


Slow (-fZ) 
Bimolecular and 
rate detennining 
step 


MX 5 YZ 
Unstable seven- 
coordinated 
intermediate 
(C.N. = 7 ) 


This reaction is rate-determining md bimolecular because two reactants 
viz MXjY and Z are involved in this step. Thus the rate of diis rate detomining 
reaction is of second order : first order with respect to the complex, MX5Y 
and first order witl. respect to the entering ligand, Z, i.e. 

Rate of reaction = K[MXjYlIZ] 

In this step Z associates with MXjY to form MX5YZ. Hence the name 
association mechanism. 

( 6 ) Either at fte same time as Z adds to MXj Y or shortly thereafter, 
Y leaves MXjYZ rapidly to give MXjZ. This is a fest step. 

MXjYZ MX 5 Z 

Seven coordinate ~ ' (C.N. • 6) 

unstable intermediats 
(C.N.« 7 ) 


Both the steps can be represented as ; 


MXjY Slow (+ Z) ^ 

{C.N.= 6) Bimolecular and 
rale determining 
step 


MXjYZ 
Seven-coordi¬ 
nated unstable 
iniennediale 
(C.N -7) 


Fast 


♦ 


Both these steps are shown diagramatically in Fig. 15.3. 


MXjZ 

(C.N -6) 



Octahedral complex Seven co-ordinated Octahedral complex, 

MX, Y(C.N. = 6) unstable intermediate, MX, Z (C.N = 6) 

MX, YZ (C.N. = 7 ) 


Fig. 15.3 . Sj,j2 or association mechanism for the substitution reaction 

MXjY + Z - > MXjZ + Y 

S,yl Vs S^2 Mechanisms 

Sjjl and mechani«n can be difleraitiated from each other by noting 
die ftritowiqg points ; 
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(0 In SnI process the rate-determing slow step is a metal- 
ligand bond breaking step, since the coordination number of the 
complex, MXsY (=6) is decreased to 5 which is the coordination 
number of the intermediate, MX*. On the other hand in Sn 2 
process the rate-determining step involes a metal-ligand bond 
making step, since C.N.=6 is increased to 7. 

(ii) The rate of SnI mechanism is first order with respect to 
MXjY, i.e, the rate-determining step in this mechanism is unimole- 
cular. On the other hand the rate-determining step for Sn 2 mech¬ 
anism is bimolecular, i.e. its rate of reaction is second order : first 
order with respect to MXsY and first order with respect to Z. Thus : 

for SnI mechanism rate=X[MXsY] 

and for Sn 2 mechanism rate=X[MX»Y] [Z] 

Labil/and Inert Complexes 

On the basis of the difference in rates of replacement of one 
ligand by the other, Taube has classified the complexes into two 
classes : 

(/) The complexes in which the ligands are rapidly replaced by 
others are called labile or non-lnert complexes. 

(ii) The complexes in which substitution takes place slowly are 
called inert complexes. 

/In order to make this distinction somewhat quantitative Taube 
suggested that the complexes in which the substitutbn of ligands 
takes place in less than one minute are called labile complexes. The 
reaction conditions are specific as a temperature of 2S'’C and 
O'l M solutions. 

Hydrolysis Reactions 

Thdse.afe the substitution reactions in which a ligand is rep¬ 
laced by a water molecule or by OH' groups. The reactions in which 
an aquo cqtnplex is formed as a result of the replacement of a 
ligand by iliO molecules are called acid hydrolysis or aquation 
reactions while those in which a hydroxo complex is formed by the 
replacement of a ligand by OR* group are called base hydrolysis 
raactionsi Acid hydrolysis reactions occur in neutral and acid 
solutions (pH < 3) while base hydrolysis reactions occur in acid 
solution ,<pH > 10)'. For-intermediate pH ranges the reaction is 
referred to just as hydrolysis reactions. Examples of these reactions 
are given below : 

[ed>ft(N H»)sGl]'+ -f H*0^^ [Co*»(NH*)5(HiO)]»+ -1- Cl' 

[Coi'i (cn)2AGl]+-hH20 —. [Co>rt(e«)2A(H20)]*++Cl- 

(A=OK-;Ci-, NCS-, NOj ) 

lCo(NHp.)i€l]»+-FOfl>;[Co(Nft,)5(0^)3^^ 

/ hydrolysis 

reaction 


] 


Acid hydrolysis 
i • reactions 
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Aquation or Acid Hydrolysis Reactions of Six-coordinated Co(III) 
Ammine Complexes 

Ammine complexes of Co(III) have been most widely studied- 
Since work on these complexes has been done exclusively in water, 
the reactions of the complexes with solvent water had to be consi¬ 
dered first. In general it has been observed that NH 3 or ammines 
like ethylene diamine or its derivatives coordinated to Co(iri) are 
replaced very slowly by HjO molecules and hence in acid hydrolysis 
only the replacement of ligands other than amines is usually 
considered. 

The rates of hydrolysis of the reactions of the type 

[Co(NH 3 )*Xf+ -t- HjO -► [Co(NH 3 )s(H, 0 )]»+-t-X- 

(X=aDy anion) 

have been studied and found to be first order in the complex. Since 
in aqueous solution the concentration of water is always constant 
(about equal to 55 5 M), the effect of changes in water concentration 
on the rate of the reaction cannot be determined. Rate laws given 
below are experimentally indistinguishable in aqueous solution, since 

A = A' [HjO] = K' [55-5], 

Rate = K tCo(NH,).X‘+] 

= A" [Co(NHj)iX*+] [H,0] 

= K' tCo(NH3iaX*+] [55-5] 

Thus the rate law does not tell us whether H*0 is involved in 
the rate-determining step. 

The rate-law given above does not indicate whether these reac¬ 
tions proceed by an 8^2 displacement of X' by H*© or by an SnI 
dissociation followed by the addition of HjO. However, a study as 
to how the following factors affect the rate constant of these reac¬ 
tions can give us an information about the nature of mechanism by 
which these reactions proceed. 

(/) Effect of charge on the complex. The values of rates of acid 
hydrolysis of some Co III) complexes atpH = l are given in Table 
151. This Table clearly shows that the divalent monochhro com¬ 
plexes react about 100 times slower than the monovalent dichloro- 
complexes. Since a decrease in rate is observed as the charge of the 
complex increases, a ducsociation SnI process seems’to be operative 
and hence the acid hydrolysis (f.e. replacement of one Cl" ion by 
H*0) of the monovalent complexes like [Co(NHa) 4 Cl»]*' occurs in two 
steps. 

Slow 

[Co(NH3)iCI,]+ -- lCo(NH3)4Cl]*+-fCl- ...(0 

6 -coprdinate (-C 1 -) 5 -coordinaie 

complex intermediate 

Fast 

tCo(NH3)4Cl]‘+ — ^ lCo(NH3)4C!(H,0)f+ 
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TaUe 151. Kaies-of acid hydrolysis of some Co{IlI) complexes 
at pH= 1 corresponding'to ihe.xeplacement of only one Cl ion by HtO 

molecule. 

The symbblp used represent the following molecules : 

en m etfayfenc diamine, NH»—CH*—CH*—NHs 
trien a triethylene tetramine, 

H*N—(CH2),-NH-{CH,h-NH-(CH»)*—NH, ^ 

dien -s diethylene iriamine, HjN—(CHs)i—NH—(CH 2 )*—NH* 
tetravn s tetraethylene pentartiine, 

NH*—(CH,),-NH(CH2),-NH(CH2)*-NH(CHt),-NH* 


Monovotent complex ions , 

i 

KxtO^ 

(min-'i) 

Divalent complex 
ions 

No. of 
chelate 
links 

KxlO* 

(mtn'^) 

c/>ICo(NHai4Cls]t 

Very fast 

(<!:o(htH8)tCi]»+ 

0 

40 

CM-[Co(enJtCljlt' 

rto' 

iC/f 

• Cl[*+ 

2 

0-85 


90 

CM-(Co(/ri'n)(NH3' 

CljS+ 

3 

0‘40 

rr<m*-[Co(NJ3s)|Cisl’t 

1100 

fCo(e«)(d/>«)Cll*+ 

3 

0-31 

lr«I/^:(Co(^(NH^C^t]+ 

1 » 

\Co(fetraen )C1]*+ 

4 

015 

p < ■■ W- 

19 





The acid hy<$colysts 6f divalent colnplexes like [CofNH.UH^l 
,CI]*+ also lakes ^ace^n.^Mio steps : j 

Slow , 

ICo(NH,)«(MjO)CIJ*+ -„ qCd(NH,)2{fcO)]»++Cr ...(H) 

f-coordinate complex (-Q') 5-cooidirate ’ 

intermediate 

Fsst 

—-- {Co(NH,)«(HtO)*p+ 

(+HiO) 

Since the energy of charging a sphere varies as q*, the change 
in electrostatic energy on going from 6- to 5-coordinated complex is 
l*-2* =. 3 [for eguation (/)]aTid 2*—3*= 5 [for equation (i7)l. Thus 
acid hydrolysis of {Co(NH,)*CI,|+ would be expected to proceed 
more rapidly than that of {Co(NH,) 4 (H 2 Q)Cll*\ i.e. the acid hydro- 
lysis represented by equation {/) would ^oceed-more rapidly than 
that represented by equation («). This in other words means that 
the separation of a rjegative charge in th« form of Cl-ion from a 
complex ion with liigheFchargc is 'jmore difficult, 

pect of ch^tlOT. Wl^n NH, molecules in>^Co(NH ,)3 
0]^*+ complex ion are replaced pafti^y or completely by polyamii«s 
like en, tnen, dien, tetram etc.* thlfr aquation of the complex 

(replacement of Cl" ion HtO q^fecui^; is decreased asSs.£Oideiit 
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from TaWC li’l. The rates of aquation of the divalent complex ions 
given in this'. Table show that as the number of —CH*—CHj— or 
—(CH») 2 — chelate links increases, the rate values decrease. The 
eftect of chelation shoald.be to shorten the Co—N bond distance and 
to transfer more charge to the cobalt in chelated complex compared 
to those continuing monodentate ligands. Thus this effect should 
enhance the rate of aquation. Actually, as is evident from Table 151, 
the rates are decreased. Obviously some other factor is responsible 
for the decrease. A more reliable explanation is that the chelated 
complex in both the grouqd state and in the transition state is solva¬ 
ted. Again it is known that the replacement of NH, molecules by 
polyamines increases the size of the complex, i.e. the chelated com-- 
plex has larger size. The larger the size of the ion, less its solvation 
energy will be and hence less easily it will be formed. Thus the sta¬ 
bility of the transitiorv state in which the Cl' ion is only partially 
lost and in which the sqlvation is less efficient will be reduc^. The 
fate of aquation is slowed, down by chelation because of reduced 
stability of the transition state .due to less efficient solvation. This 
TOlfation .theory, if true.:.^oes not distinguish between SnI and Sn2 
mechanisms. ' All thaMriay be.roncluded is that ionic bond-breaking 
in the transitionJState is iippoxtant.. - 

-ifli) .effect of^substitution oq.. cthylencdiainine. When H atoms 
on- carbon atotri or on nitrogen afom of en groups of 'trans-[Co{en)t 
Clg}+ are^eplaced by the alkyl groups like CH 2 , CiH* etc,, the ligand 
become?, moce. bulky '(I.e. crowded or strained). Now if the strained 
epnr^jea li^iqg bulky ligand reacts by SnI dissociative mechanism, 
the crowding'the complex with coordination number six is 
reduced as it is.CDio;crted into 5-coordinated intermediate, since ^e 
removal of one CI-‘ ion from the complex reduces the'congestion' 
round the metal.. Thus the intermediate is less strained than the 
complex and hence SnI process is an easier process [steric assistance), 
i.e. Sn 1 pr^ess which consists of the loss of Cl* ion should occur 
more rapidly.' 

On the other hand if the strained complex reacts by Sn 2 dis¬ 
placement process, the crowding on the complex is increased as Jt is 
converted into a transition state of coordination number seven. Thus 
the transition state is more strained than the original complex and 
hence Sn2 process is difficult to operate, i.e. the Sn2 process is retard¬ 
ed by the steric crowding {steric bindrence). Experiments havd shown 
that the complexes containing substituted diamines react more 
rapidly than those having en. In Table 15-2 the rates of hydrolysis 
of rr<mj-[Co(AA)j|Cl 2 ]+ at 25°C and pH==l corresponding to the rep¬ 
lacement of only one Cl* ion by HtO molecule are given. Here AA is 
the diamine. 

Frqm these values it is obvious that with only one exception 
VIZ [Co(?-h»)gClj)]+the effect of the increase in the number or size 
of the elkyi grouRs substituted in place of hydrogen atoms of CH, 
or NH, grot™ leads 16 an. increase in rate- of hydrolysis for the 
loss of .Jion. Ibe increase ^ rales b^rved wheti more 
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bulky ligands are used is a gpod evidence in favour of SnI 
mechanism. 

Table 15-2. Rates of hydrolysU of ■/ra«j»[Co(>li4)*C/,]+ at 25°C 
and pH= 1 in aqueous solution 

[Co(/4/4)sC/,] + //,0 -► [Co{AA)tCI{HtO)f++Cl- 


Diamines AA v/iih their names, formulae and symbols 

ATx/O* 

1. Ethylene diamine (en) 

19 


NH*—CH»—CH*—NHi 



2. Propylene diamine (pn) 

3'7 


NHi-CH*—CH(CHs)-NH* 

, 

1 

3. dl Butylene diamine (di-bn} 

8-8 


dl-UHi— CH(CH,)—CH(CH,) - NH* 

c 

c 

A 

a 

4. mero-Butylene diamine (m-bn) 

250 1 

mefo-NH*—CH(CH*)-CH(CH,)-NH* 

1 


3. Isobutylene diamine {i-bn) 

130 


NH*-CH,—C(CH,1»-NH» 



6. Tetramethyl ethylene diamine ^tetrameen) 

Instantane- 



ous 


NH,—C(CH,)* - CeCH,),—NH, 



7 . N-methyl ethylene diamine (meen) 

10 

1 

NH,—CH,—CH,—NHtCH*) 

\ 

• 

8. N-ethyl ethylene diamine {.eten) 

0 

36 g 

NH,—CH,-CH,-NH(C,H,) 

0 

a 

9 . N-propyl ethylene diammine [n-pren) 

71 


NH,-CH,-CH,-NH(n C 3 H 7 ) 




(iv) Effect Of leaving group. The rate of aq.tiation of [Co(NHs)6 
X]*+CQrresponding to the replacement of X* with H 2 O molecule 
depends on the nature of X because the bond-breaking step is 
important in rate-determing step. It has been observed erperiment- 
ally that the reactivity of X groups decreases in the order : 

HCO,- > NOj- >1- > Br > Cl' > SO**^ > F* > GH,CX)0- 

> SCN‘ > NO* . 

TTiis order Wrpcsponds to the ocSeT the decreasing therpio- 
dynamic stability Of the:cotttpl*jlej fStifted '^ith these groups. The 
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results of various investigations are in favour of S^l mechanism. 

Bond-breaking is important in the activated complex. 

/ 

Base Hydrolysis Reactions of Six-coordinated Co(IlI) Ammine Com¬ 
plexes. 

Most of the kinetic work has been done on six-coordinated 
Co(lII) ammine complexes. For ammine complexes of Co(IlI) con¬ 
taining N—H bonds it has been seen that the rate of base hydroly¬ 
sis is often as much 10* times faster than the corresponding rate of 
acid hydrolysis. Here we shall discuss the mechanism of the base 
hydrolysis reaction of [Co(NHi)sCl]*+ only. The base hydrolysis 
reaction represented by 

[Co(NH3)iCl]*^ + OH- -» [Co(NH^)s(OH)]*^- + Cl¬ 

ean proceed by any of the following two mechanisms ; 


(1) Sn 2 Displacement Mechanism 

According to this mechanism the reaction proceeds as . 

Slow(-(-OH-) Fast(-Cl-) 

ICo(NH,)iCl]*+-- [Co(NH3 )5(OH)C1]+-► 

(C.N.=6) Rate-determining (C.N.=7) 
step 

[Co(NH 3)»(OH)]*+ -f cr 

(C.N.-6) 

The slow step which is a rate-determing step is a second-order 
reaction: first order with respect to the complex and first order with 
respect to the base. Thus : 

Rate of reaction^^r[complex][basc] 

=a:[Co(NH,)3C1*+]|OH] 

(2) SnI Dissociation Mechanism 

This has been suggested by Garrick (1937). Before this 
mechanism could be applied, the complex which acts as a Bronsted 
acid is converted into its conjugate base (abbreviated as CB), 
[Co(NH 3 ) 4 (NH,)GI]+ which is obtained by removing a proton (H+) 
from the amino group (NH3) present in the complex. CB is an 

amido complex, since it contains an amido group : NH," . OH* 
which is a base is converted into its conjugated acid, HaO. 


Conjugate acid-base pair 


(a) [Co(NH3)sC1 J*+ +t>H- 
AciOi Bases 

(Ammino complex) 


Fast 


[Co(NH,)4(NH,)CI]+-|- h,o 

Bases Acids 

(Amido complex, CB) 


Conjugate acid-base pair 
Obviously, if KaBequilibrium constant for acid-base equili- 
birium (a), then 
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or 


•• (0 


{h) iCo('-;H3)4(NHi}CI]’- 
(CB with C.N^.6) 


|CB1[H,01 
[Co(NH3 )»C1*+][6H-] 

[CBi_ K[Co(NH,)sCI*+][OH-] 

ro obtained as above is more labile than the original complex 
!Co(NH 3 ) ,Clj*+ and hence undergoes SnI dissociation mechanism by 
a sk'w step to lose Cl' ion and gives a ^-coordinated intermediate. 

Slow (—Cl ) 

——— [Co(NH,)*(NH3)]‘+4-C1- 

(3^1 dissociatioD, 5-coordinated 
race-determining intermediate 

and-unimolecular (CN.= 5 ) 

step 

This is the rate-determining and unimolecular step. Thus : 
Rate • =iL',|CB] 

_ kjK [C otNHj), Cl»+][OH-] 

LH,0] 

[from equ. (/)] 

= Kb [complex] [Base] .. 

where KB=rate constant used for the dissociation of the coniueate 
base as in ( 6 ) step and is equal to AriK/[H» 0 ] 

The intermediate formed as above reacts with tlie abundent 

Ti?*® give the hydroxo complex, 

[Co(NH 3 )j{OH)]*+. This IS a relatively fast step. 


(c) [Co(NH,) 4 (NH,)]*+ 
5-coordinated 
intermediate 


Fast 

(-i-HtO) 


[Co(NH,).(OH)]*+ 
Hydroxo complex 


Although base hydrolysis involves an SnI mechanism, yet it is 

coMistent with second-order : first order with respect to the complex 
and first order with rapect to the base [see equ. («)]. ^ 

Since the SnI dissociation step (*) which is the rate-determine 
step uses the conjugate base of the initial complex, the symbol 
SnI CB [substitution, nucleophile, conjugate-base) has been used bv 
Garrick in place of Sn 1 symbol. ^ 

Evidences in favour of CB mecbanisni. 

The proposed rap'id acid-base equilibirium (a) given above 
i^uires that the reacting complex sholud have at least one protonic 
hy^opn atom (H+j on a non-leaving ligand so that H+ may transfer 
to OH' to form its coniugate acid, H,0 and coniueate base 
[Co(NH,)*p4l^)Cl]+ of [Co(NH,)»Cl]»+ which acts as an acid Thus a 
proton (or no N-H hydrogen) should react 
with OH much more slowly and the rate of reaction would be 
independent of the concentration of OH', [OH ]. In fact it has been 
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obss^^d that the complexes like [Co(CN)»Br] and tram-\Co{py)S:.\t]* 
which ,^onot have N—H hydrogen undergo hydrolysis much more 
slowly in basic solution at a rate which is independent of [OH-] over 
a wide range. Thus in the absence of an acidic proton on the 
ligands an SnIQB* mechanism is not possible. The failure of such 
complexes to ttfldergo rapid base hydrolysis supports the SnICB 
mechanism and the fact that the acid-basc properties of the com¬ 
plexes are more important to the rate reaction than the nucleonhilic 
properties of OH . 


It may be noted that both the mechanisms viz Sn2 displace¬ 
ment and SnI CB give the same rate laws (second-order kinetics) 
Md the.same hydroxo products in aqucus solution, because water 
is a good coordinating agent and broause proton shift is very fast. 
However in a non-hydroxylic solvent (i.e. non protonic solvent) 
differenl products are predicted to be formed for both the mecha¬ 
nisms under the condition that an excess of some nucleophile rea¬ 
gent other than OH; ion or H,0 (e g. N,', NO* . SCN-) is present, 
e.g. the results obtained for the reaction of the type : 

(Cf^),SO 

[C0(en),NO,CI]-^ + Y*-- [Co(ert),NO,Y]+ + Cl- 

(Y -N,-. NO.- or SCN-) 

occuring iif dimethyl sulphoxide. CC^SO (which is a non hydroxylic 
solvent)>re readily explained by. SfilCB mechanism but cannot be 
explained with Sn2 mechanism, he fact that these results can be ex¬ 
plained by SnICB mechanism is a great evidence in favour of SnICB 
mechanism. Above reaction in (CH,),SO is slow (half-life in hours) 
but when trace amount of OH* or piperidine (which' act as catalysts) 
are added, the reaction is catalysed and thurbecomes fast (half-life 
reduced to minutes), although the same product viz. [Co(en),NO*Y]+ 
is formed in both the cases. Furthermore fCo(en).NOiClj+ reacts 
equally rapidly with equivalent amount of OH- in the absence of Y* 
to'form [Co(e/i).(NO.)(OH)]+. It has been shown that [Oo(en) 2 (NO,) 
(OH)]->- reacts with Y- very slowly and hence a rapid Sv2 mechanism 
with this as an intermediate followed by rapid reaction with Y- is 
ruled out. Instead an active 5-coordinat^ intermediate (SNlmecha- 
nism), [Co(efi) (en-H)NO,]+ is formed in a ratcKl^termining step by 
the loss of Cl- ion from the conjugate base, [Co:e/r)(en-i^H)(NO,)Cll 
of the original complex, [Co(en),(NO.)CI]+. Thtv'intermediate then 
in a rapid step picks up Y*. This mechanism f\u'ther supported 
by the observations that the rate of formation' of (Cp(en)s(N 02 )')h+ 
depends only on the concentration of the base, OH*,-not on the 
’’ariire or concentration of Y'. OH* and piperidine arc u.sed as 
catalysts wnilc N.-, NO.-, SCN- ions arc used, as nucleophiles, Y- 
For a given catalyst solution the rate of reaction is independent of 
the concentration of Y*. i.e. rate of reaction is the same for N,-, 
NO." and SCN", though dilTercnt products are formed in each case.' 


It is cleat that these observations can be explained by the 
SnICB mechanism but not by the Sn 2 mechanism which can produce 
only hydroxo complex. Various steps to get rCo(«i),(N(i)Yl+ from 
[<^(e«)t(NOt)CI]''' based on SnICB mechanism are : 
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Fast 

(a) [Go{«n),(NO,)CI]++B [Co(ff«)(crt4-H)(NO,)CI]+BH+ 

Acidi Basct Basci Acid* 

(CB) 

Slow (-a-) 

(b) [Co)en)(e/i— ,H)(NO,)Cl] —--— > [Co(en)(e«r-H)NO,]++Cl- 

(CB) Rate-deter- 5-coordtnated 

miniag step intermediate 

Fast 

(c) [Co(f/j)(e/i-H)NO*]++Y- -- |Co(fn)(e/t-H)(NOji)Y] 

Intermediate 

Fast 

(t/) [Co(en)(€«-H)(NOs)Y] + BH+ -- [Co(e«)j(N.O*)Yj*+B. 

Further interesting evidence in favour of SnICB hiechanism 
comes from the study of the reactijjn of [Co(NH8)»CI]*+ and OH" in 
aqueous solution at 25°C in presenb of HjO*. When HjO, is added 
to the reaction mixture of [Co(NHs)sCl]*+ and OH', the following 
changes take place. 

Since HOj' ion in HjO^ is a weaker base but a better nucleo¬ 
phile towards metal ions than OH", the reaction of HjO* with OH' 
reduces the concentration of OH' and increases that of HjO. Thus 
the reaction between OH' and HjOj occurs as : 

-OH'-fHjO* -► H»0+H0r .,.(0 

, The tendency of b,H'ion to act as a better nucleophile than 
OH'should, therefore, increase the rate of base hydrolysis reaction 
by it compared to OH', if it attacks. the..nictal by Sn 2 mechanism to 
form the peroxo product as shown below : 

Slow(+HOu-) Fast (-CI-) 

[C9(NH3)5CI]‘+-^ lCo(NH,UCl(HOj)]+-i \ 

[Co(NH3)4(H08)]*^+Cr 
Peroxo product 

On the otlier hand if the reaction occurs by anJS,NicB mecha¬ 
nism (i.e. if the function of OH' is to form the conjugate base by 
removing a proton), the addition of H,Oj to the reaction mixture 
should reduce the rate of base hydrolysis reaction compared 
to OH because of the reduction in the concentration of OH' 
ions as is evident from the equilibrium represented by equation (/) 
given above. The rate of an SnICB reaction is directly proportional 
to the concentration of OH', [OH-j. Experimentally it has been seen 
that when 0 018 M H20i[ is added to a reaction mixture consisting of 
0'0029 M [Co{NH3)sC1 ]-''' arid 0’0029 M OH in aqueous solution at 
25'’C, there is a decrease in the value of rate constant by a factor of 
3'6. i.e. if Ka = rate constant in the absence of H*0, and Kp = rate 
constant in the presence of HjO* then Ka/Kp = 3-6. This experi¬ 
mental data supports SnICB mechanism. 

Anation Reactions 

These are the reactions in which an aqup ligand (i.e. H,0 mole¬ 
cule) from an aquo complex is replaced from the coordination shell 
by some anion. 
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[Co(NH,)s(H,0)]*++X- -- [Co(NH3 )5X1*++H,0 

Aquo complex 

Thus we find that an anation reaction is the reverse of acid hy¬ 
drolysis reaction (i.e. aquation). 

‘ Kinetic studies of these reactions in aqueous solutions show that 
these are bimolecular reactions with a rate which depends on the 
concentration of the' complex and X . However, this information 
alone is not sufficient to prove that these reactions are bimolecular. 
The same second-order kinetics would be observed for a unimolecular 
process such as : 

Slow 

(-H,0) Fast 

tCo(NH3)5(H,0)]+» [Co(NH 3 ),)*+ -► [Co(NH3)sX]*++H,0 

Aquo complex Fast S-coordinated -|-X~ 

(-I-H 3 O) intermediate 

Substitution Reactions Without.Breaking Metal-Ligand Bond 

There are reactions in which ligand exchange fakes place with¬ 
out breaking the metal-ligand bond. One well-known reaction is the 
preparation of an aquo complex, [Co*+(NH 3 ) 3 (H, 0 )]»-t from it? corr¬ 
esponding carbonato complex, [Co*+(NH 3 )jC 03 ]+ with the production 
of CO 2 . When this reaction is carried out in presence of (HjO^*)+, 
none of 0‘* is found in the resulting aquo complex and CO 3 . Hence 
CO 3 is produced by the cleavage of C—O bond which keeps Co—O 
bond intact during the aquation reaction 

I (NH,),Co*+-0-1-CO,1-|-3(H30«)+-► [Co*+(NH,),(H30)]*+ 

L : J Aquo complex 

Carbonate -l- 2 H 20 **-f-C 03 

complex 

Medumism 


The most likely path for this reaction is believed to involve 
proton attack on the oxygen atom bonded to Co followed by the 
expulsion of CO 3 and H,0 and then protonation of the hydroxo 
complex. 


Ol 


Co»+(NH,).-0.C 


/ 


\ 


Carbonate complex. 


O J 


-i-H,0+- 


O 


-co„ -H,or 


: / 

Co»+(NH3),-0..'.C 

: \ 


O 

/\ 

H H 
Transition state 


t+ 


Co»+(NH3),-0 




Hydroxo complex' 


pro'tonaiion 

—> [Co»^(NH,),(H,0)f+ 

-)-H+ Aquo complex 
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Thus this is a decarboxylation reaction rather than an acid 
hydrolysis reaction. 

Another interesting reaction which takes place without the 
cleavage of metal-ligand bond is the formation of a nitrite complex, 
[Co*+(NH 3 ),ON 01 *+ from its corresponding aquo complex, 

[Co*+{NH,).(HiO)r- 

[Co*+(NH,)s(H,0)P+-i-NO,- -► [Co*+{NH,)sONO]*+-fH,0 

i\quo cotnpMx Nitrite complex 

The reaction is quite rapid which in itself suggests that Co-^O 
bond is not broken. Confirmatery evidence for this view is provided 
by studies using 0‘*, e.g. 

[(NH3 )sCo»+-0 '»H,]*+-|-NO,- -► [(NH,)sCo»+-O«N0]*+-l-Hi0 

Aquo complex Nitrito complex 
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LIgaiid Substitution Reactions 
in Square-planar Complexes 


Much of the discussion in this chapter deals with the kinetics 
and mechanism of substitution reactions of Pt(ll) square-planar 
complexes. It will be sees tha.t these complexes generally proceed 
by bimolecular displacement (Sn2 ) mechanism while octahedral com- 
lexes run by dissociative process as we have already seen. 


The Tnuu-Effect 

CQnsi4er the stifcstUutioa rc^ciwiis in Pt{lU square-planar Qom- 
plex, [PtlNO«)Cy*' with NH» to yiel4 tPttNO,)Cli(Ntti>]*- Theoreti¬ 
cally there are two possible reaction products : (a) and {b) shown 
below; 


Cl 

Cl-fe-NOs 

ii 

[Pt»+(NO^)Cl^ 


-hKHs 


-a- 


+NH, 


-Cl- 


C1 

I + Cl- 

I 

c» 

(a> twwii*[Pt^'*^Cl*(Na*MN€V]‘ 

Cl 

u+ 

Cl^pt—NO, + ci- 

1 

NH, J 

{b} eiis-rPt»+a,(N»,K*^))’ 


Experiments have, however, shown that it is only (i-e. 
trans-isomet) which is formed^ (a) is Formed by the replacement of 
O'lying ifflw to NO,-in EPt(NO,)Cbl* 'by NH,. The formation 
of (o) is explained by sayiag that O' ion ^'■**8 to in 
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[Pt(NO,)Cl,]*' is far more easily replaced by NH, than either of the 
two Cr ions lyin^M to NO," ion. The phenomena of such type 
of replacement is called trans effect. Groups like NO," which 
direct the entering ligand to occupy the position trans to them are 
called trans directing groups and the property of these groups due. to 
which the groups lying trans to them are replaced far more readily 
by the entering ligand is called trans- directing character (or trans¬ 
directing influence or simply trans-effect). 


Chatt et al have proposed that the trans-effect of a group 
coordinated to a metal ion is the tendency of that group to direct an 
incoming group to occupy the position trans to that group. Trans- 
effect is also defined as the effect of a coordinated group on the rate of 
the replacement of a group lying trans to it in a metal, complex, e.g. 
in the trans form of square-planar complex, MLX, (L and X are 
trans to each other), if the ligand X yrhich is trans to L is rapidly 
replaced by another group, say Y, to give MLX,V. L is said to have 
large trans effect or trans directing character. Thus L has greater 
trans effect than X (L > X). 

X X 

I -X I 

L-M-X -- L—M-Y-fX 

I +Y 

X 

rfa»«.MLX, MLX,Y 

(L and X Irons to each other) 



By measuring rates a series of ligands can be put into an order 
of decreasing trans-effect. Such an order would not necessarily be 
invariant but might depend on the metal complex and also on the 
incoming group, Y. The approximate order of decreasing trans¬ 
effect of some common ligands is 

High end-trans effect decreasing-»>Low end 


CN", CO, CgH,, NO > PR„ H" > CH", SC(NH,), > C,H,- 
NO,-, r, SCN- (S-bonded) > Br*, Cl- > py. NH„ OH", H,0. 


The series given above is called trans-effect series. 


The ligands lying at the high end of the series have vacat rt or 
n* .>rbitals which can accept electrons from metal orbital to form 
metal-ligand n-bond {dn~dit or dn — pn bond). These ligands are, 
therefore, called n-bonding ligands. The irans-directing ability of 
these Tt-bonding ligands increases with the increase of their ability 
to form metal-ligand n-bonds. 

The trans-effect of the ligands which are not able to form 
metal-ligand it-bonds increases with the increase of their polari- 
sability e.g. 

-poisriaMlity increases — » 

Cl" < Br- < I- 
——— /rMf-effect increases ■' ' a 


h^st of the work on trans-effett has been done on square 
planar Pt(ll) complexes. 
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Ums of Traos-Effect 

The following are important uses. 

(1) Synttesb of Pt(n) Complcxea 

The preparation of the following Pt (IT) complexes illustrate 
the synthesis uses of /ronj-effect. 

(A) Syatheris of cis- and trans>{PtA«X|f . Here A=amine, NH,. 
PRj and X =« halide ion, NOt , SCN". The synthesis of these 
isomers is iMued on the following facts : 

(a) If the rr^-eflect of X' is greater than that of A (X'>A), 
the cis-isomer is obtained from [PtX^]* while the trans-isomtt is 
^olated from (PtA 4 ]*+ as shown below: 


X 

X-l»tlx 

1 

1- 

+A 

-X- 

A 

X_X 

1 

+A 

-X- 

A n* 

1 s+ 

A-Pt-X 

1 

X 


X 


X 

ett-[Pt A,Xd 

A 

A-lit!^A 

1 

s+ 

+x- 

-A 

r 

X 

< 0- 

< 

1 _ 

+ 

+x- 

- A 

A y 

1»+ 

X-Pt-X 

1 

A J 


L A 


1 

L A J 


rroiM-IPt AfXi] 


For the synthesif of cis- and irans-{Pt (NHthCl,] where Cl" > 
NH,, the following scheme is applied. 


r Cl 1 

1 - • 

r nh, ■> 

- 

NH, I® 

1 1 + 


1 

+NH,(ag) 

1 

Cl-Pt-CI 

1 

-a- 

Cl-Pt—Cl 

1 

■» 

-Cl- 

H,N-Pt-CI 

1 

L Cl ^ 


L Cl J 


1 

L Cl J 


[Pt O^- ion (Pt a»(NH,)]- ion c«-[Pt(NH»)tCl|l« 

(led) (orange) (yellow) 


r NH, 1*+ 

r NHs 1 

_ 1 1+ ^ „ 

1 S4- 

H,N-Pt-NH, '7- » 

H,N-Pt-NH, 

1 +a-, -NH, 

i 

NH, J 

Cl 


+a-. -NH, 


[PKNHiUl*-*- 

(colourless) 


IPt(NH,),Cl]+ 
(yellow) 


Cl 


H,N—Pt—NH, 

di 

rrans^Pt(NH,),ClJ* 

(yellow) 



iso Ligand '^vbsiitutidn M^d^i&ns in SguOrt-flaHiar Con^kxes 

C/j-isomer is obtained by treating [Pt“ Caj*+ km WfUi NH,. 
The reaction giving the cis-isomer proiceras through the following 
two steps : 

(i) In this step any of the four O' ions is rej^ced by NHs 
molecule to give (Pt" (NH»)Cy‘ ion. 

(//) In this step since CP ion has a greater traiu-directing in¬ 
fluence than NH 3 ,(Cr > NH,), Cl' ion lying trans to another Cl" in 
[Pt 03 <NH 3 )J- is reedily repia^ by NM^ than ts the Cl' i<m lying 
trans to NHj. 

The /ranj-isomer is obtained by heating (Pt“ (NH|)i|]*+ iOn with 
Cl' ion {i.e. with HCl). Here also the reaction proceeds through two 
steps : 

(/) In this step any of the four NHa mokcoles is rejfriaced by 
Cl' ion to give [Pt(NHj) 3 Cl]+ ion. 

<ii) In this step since O' ion has the superior tranx-directing 
influence (O' > NH 3 ), the remaimng NHg molecule to be most 
readily displaced is the one trans to O' ion to give the /ranr-isomer. 
This can be said in other words that the superior /ranr-directing 
influence of Cl' ion causes the second O' ion to occupy a 
position trans to the first one, producing fran 5 -[Pt” (NH,)»C1»]®. 

(b) If the franj-effect of A > X', then cir-isomer is obtained 
from [PtAa]*'*' while the trahj-isrtner is isolated from [PtXa]*' as 
shown below ; 


r A 

1 + 

A -1 


A J 

1 

+x- 

;| 

+x- 

1 

A-Pt-A 

- , 

A_Pt-X 

- p 

A-Pt-X 

1 

L A J 

-A 

i . 

-A 

1 

L X J 


c/*-lPtA,X,l® 


r X 1 

t- 

X ■) 

- 

X f 

1 . ' 1 

+A 

1 

+A 

1 

X 

1 

X 

J 

-X- 

X-Pt-A 
^ . 

-X- 

A-Pt—A 

I 

L X J 


frow-(Pt AtXf]** 


Synthesis of c/s- and /rans-[PtCl 3 {PR 3 )a)® where PRs > O' is 
done according to the following scheme 


r PR* 1 

2 + 

PR, “I 


0 I" 

I *+ 

RaP-Pt-PRj 

I 

+ci- 

-PR, 

I *+ 

RjP—Pt-CI 
t 

+a- 

^PR, ' 

RaP-k-O 

1 

PR 3 


L PR, 


L pk, J 


cO-[Pt(PR,)ia,r' 


r Cl 

•- 

0 “ 


0 I® 

1 *+ 

Cl—Pt—Cl 

I 

+ PRj 
.. » 

1 *+ 

Cl—Pt-PR, 

1 

-i-PR* 

1 +* 

R,P-Pt—PR, 

1 

-a- 

—Cl- 

Cl 


Cl J 


L Cl 





fraw-(Pt(PR,),Cli]® 
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In the first reaction PR, molecule lying irmw to another 
molecule is more easily replaced^ by Q'-ioh than is 
Ivina irons to Cl' ion ai^ thus cts-isomer is obtained. The formation 
of c/j-isomer shows that PI^ has greater Irons effect than Cl' ion. 
On the basis of similar reasoning the formation of »ra«J-isomer can 
also be exf^brnd. 

(B) CIS- and traiis-[PtCl.(NO.)(NH3)]«. The iweparation of the 
two isomers is based on the fact that the irons directing amlity of Cl , 
NHi and NO,- groups is in the order : NH, < Cl' < NO,'. 

The ciJ-isomer is made by the action of NH, on PtCl,* and of 
NO,' on the product. The rranj-isomer is obtained by revering the 
order of reagent addition. 

Cl 

+NH| 1 I ,+ 

a— Pt—NH, 


a 


-a- 


Cl 

I 

Cl 

lPtC4l^ 

II 


+NO,- 

-► 


Cl 


" 

- 

NO, 


+NO,- 

1 t+ 



Cl-Pt-NH, 


— ci- 

1 



L Cl J 


cM*| 

Pl(NH,)(NO,)Cld- 


-Cl- 


Cl 

1 *+ 

cr—Pt-NO, 

1 

Cl 


It- 


+NHt 


--a- 


Ci 
11 + 

H.N-Pt-NO, 

1 

Cl 


rra»M-lPt(NH,)(NO,)Cl8]~ 

Quite evidently cw-isomer is obtained becau« Cr > NH, 
while in irani-isomer NO* > Cl . 


r Cl 

- 


Cl T 

1 



1 

Cl—Pt—CO 

1 



^^_Pt—CO 

1 

L Cl J 



, A 


4-Cl- 


«<»-|PtCI*(W»)COp 

In this reaction the Cl' ion lying fraw to CO ^ is more 
easily replaced by py than either of the two Cl tran^ tc 

each other and the resulting product is the cis-isomer. The repl^- 
ment of Cl' ion irons to CO group is due to greater irons directing 
ability of CO than Cl (,CO > Cl ). 

(D) CIS- and trtiis-lPt(C|ll*KNll,)a^. ^ylene (C,H,) 

is more rmw-directing than O'(dlK > Gf ) m turn is more 

so tl«m NH, (Cl' > NH,). «&f«ut koniers muy be prepared by 
[PtOJ*' by changing the order of sdbalitiWton as foliowa.: 
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■ QH* 1 

- 

C,H« ■’0 

1 1 + 

+NHt 

J»+ 

a—Pt-ci 


a—Pt—Cl 

1 

—a- 

1 

L Cl 


nh, . 


Cl 
I «+ 

Cl—Pt-Cl 

. i . 

lPta«]»- 


/riwi».[Pl(C,H*)(NHs)aiP 


+NH, 


r Cl 1 

- 

Cl 

1 *+ 

Cl— Pt—NH, 

1 

+ C,H4 

ci-A!1nh, 

I 

-Cl- 

L Cl 


L c,H4 . J 


—ci- 


ci>(Pt(C,H«)(NH,)at)* 

(E) Isomers of [Pt(py)(NH,)BrCl]®. This complex exists in three 
isomeric forms : (a), ( 6 ) and (r) which are prepared as follows. Their 
preparation is based on the fact that the rronj-directing ability of 
NHj, py, Cl- and Br‘ is in the order : NH, < py < Cl' < Br' and 
Pt—N bond strength is greater than that of Pt—Cl bond. 


Cl 


r Cl -) 

- 

py 

1 *4 

Cl-Pt- NH, 

I 

+Br- 

1 *4 

Cl-Pt-NH, 

1 

+py 

1 *4 

Cl—Pt—NH, 

1 

-Cl* 

-Cl- 

L Cl J 

rn^/wtit* \^t % 


- Br 


1 

L Br J 


Cl 

I •+ 

Cl—Pt-Cl 


py 

IPtOij'lCI,]- 


-ci- 


py 1 

0 r 

1 14 

+NH« 

Cl — Pt — py 


1 

—Cl- 

L Cl _ 

L 


Cl 

i 

Cl-Pt—Br 

I 

py 

py 

' i *-»■ 
H,N-Pt-/»y 

<1, 


+NH, 


-a- 


+ Br- 


-py 


(o) 

Cl 

H,N-Ptl_Br 

I 

py 

{b) 

Br 
I t+ 

H,N-Pt-py 

I 

Cl 
(c) 


(2) To disti^oish betwcea ds- and tnms-isomers of [Pttype 

In Addition to its utility in the synthesis of the desired Pt(II) 
complexes, the frflrtj effect has also been used bv JIussian chemists 
to distinguish between the cw /andirrowi- isomers of rPtA,X,l» tvne 

“TNH'fr'n " X.- a newive ir'oup)! .’i, 

to tne ^eact^wrth Wi.ou::ed.:WH 2 . Cb.NHz (abbrev.a -a as t„) 

D^/MU The sam; conditions the tram - 

tPt(NH,),Cl,)»gives lPKmj,(NH,),f+. 
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r Cl I 

0 

tu 

*+ 

tu 

11 + 

+2/11 

1 *+ 

+2tu 

Cl—Pt-NHs 

-► 

fti—Pt—NH, 

- - - 

tu —Pt—/« 

1 

!■ 

—2C1- 

1 

-2NH, 

L NH, 


L NH, . 


1 

- /M _ 

c/i-IPt(NH3),CI,l 


(I) 


[Pt(/«)4]*+ 


NH, 1 

0 

r nh, 1 

+ 

r NH, -) 

1 «+ 

Cl—Pt-Cl 

+/« 

1 i-i- 

Cl—Pt—ft/ 

+ /« 

1 *+ 

ft/—Pt—ft/ 

1 

-a- 

-Cl- 

1 

I 

L NH, _ 

1 

L NH, _ 


NH, . 


»ra/w.[Pt(NH,),Cli] (II) lPl(NH8)»(fti),)*+ 


Compound (I) in the first reaction reacts further with tu to give 
the com^pletcly substituted product, [Pt(/ii) 4 ]*+ because of the larger 
trans cfTect of tu than NH,. In (II) the trans effect of NHj being 
smaller than that of tu, NHj molecules arc not sufficiently reactive 
to be replaced by tu. Thus Cl ion trans to tu in (II) is 
replaced by further tu molecule to form [Pt(NHs),(tM)*]*+. The 
use of thiourea reaction, to assign structures is known as Knriiakov’s 
test, ^milar results have been reported for reactions of thiosulphate 
ion (S,Oj* ) instead of thiourea, e.g. cis- and r/-an-[Pt(NH.).Cl.l® 

of S,0,*- ion to form [Pt" (S,©,)*)®-and 
[Ft" (NHs),(S,0,),]* respectively. 

Theories of Trans-Effect 


Several theories have been proposed for the explanation of the 
trans-effect. Only two theories representing different approaches will 
be discussed here; 


(1) Electrostatic Polarisation Theory 

This is the earliest theory proposed by Grinberg (1927) to 
account for the trowj-effect and is a thermodynamic approach. 

In order to understand this theorj^e shall consider the follow¬ 
ing two types of square planar complexes of Pt{II). 

(/) PtX 4 type complex. According to this theory the pr imar y 
positive charge on Pt(ll) induces a dipole in all the four X’s ligands 
These dipoles induced by the cental metal ion cancel each other and 
the resultant dipole is zero [Fig. 161(a)]. Thus none of the four 
ligands shows trans effect. 

(ii) WLX, type complex. In case of this type of complex as 
well, the primary positive charge on Pt(II) induces a dipole in all the 
four ligands. The two X’s ligands which are .similar and trans to 
Mch other balance each other, while ihe other two ligands viz L and 
X (also trans to each other) donot, since L is large and has greater 
polarizability than X. The net result is that the dipole induced by 
the positive charge of Pt(II) on the ligand L induces a correspondine 
diiwle in Pt(II), i.e. Pt(II) and the ligand L both become 
polarised or distorted [see Fig. I61(6)J. This polarisation takes place 
in such a way that the positive charge at the point of Pt(II) directly 
opposite {i.e. trans) to L is reduced. Hence the attraction of X for 
Pt'Il) IS also reduced and the bond trans to L is weakehed and conse- 
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auently lengthed, i e. Pt—X bond trans to L is weaker and longer thM 
X bonds CI 5 to L [see Fig. 16-1(e)]. The weakening of Pt—X 
bond trans to L fascilitates the replacement of X trans to L by the 
entering ligand. Thus the ligand L whidi has the greatest polansa- 
bility also has greatest trans effect. As the trans effect of L increases 
the bond length of Pt—X also increases [Fig. 161(e)]. 



X 

(c) PlXjL complex with bonds of unctpial 

length 

(L shows greater trans effect than X) 

Fig. 16’l. ElectrosUtic polarisation theory (due to 
Ormberg. 1927) to exptein the trans-effect in square 
planar complexes. This diagram r^resents the 
i^risation of metal ion induced by highly pola- 
nsable Hgand. fcfa MXfL ascoMredto MXt 
(signs diow only pt^risatkm dfect; the central 
atom normally carries positive charge and the 
Kgaw an elecirondonating). 

This theory predicts that the fiww-effect will be important only 
if the central metaJ is itself polarisable. 


Experimental evidence In favoor nf polarisation theory. We have 
seen that if L is highly polarisable in PtX,L complex, Pt—X bond 
trans to L is longer than the Pt—X bond cis to L, i.e. as the trans 
effect of L increases, the length of Pt—X bond also increases. This 
fact becomes evident when we find that Pt—X bond trans to X in 
the complexes of [Pt(NH,)X 3 ]' type (wereX = 01 , Br ) is longer 
than the Pt—X bond cis to it {see Fig. 16-2). Thus the ligand oppo- 


Cl 


fir 

1 2-32A* 

HjN-Pt-Cl 


1 2-42A*„ 
H,N—Pt“ Br 

1 2-3SA" 


1 2-70A* 

_ Cl 


1 Br / J 


IPUNH„CW 
Trans-effiset wder : Cl- > NHa 




Fig. 16 2. Trans-order of X-and NHs in (Pt(fWa)Xty type complexes. 
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site to the longer bond will show greater trans effect, i.e, the trans effect 
order is X' > NH*. 


Similary in case of cbmittcxes 'bf [Pe(C,H«)X 3 ]- type (where 
X=Cr Br') the Pt—X bond trans to C 1 H 4 is longer than that cis to 
it (see Fig, 16-3). Thus the l^nd of^Site to the longer bond has 
greater trans effect, i.e. QH* > X*. 


- Cl T 

- 


C,H4 I^t^’*^*CI 

1 


C.H4- 


2-32 A* 



2-42 A* 

a 



3r 

L iPt(C*H 4 )a*i' 


L {P1(C.H4) Brd' J 


Tr«n$-effect-order ; C1H4 > Cl' C1H4 > Br' 

Fig. 16 - 3 . Trans-order of X' and CtHt in rPt(CtH4)Xs]' type 
complex- 

(2) tc-Bonding Theory 


Electrostatic polarisation theory can well explain the trans- 
effect of the ligands lying at the low end of the series like HfO, OH', 
NH« etc. However, this theory cannot explain thtf high trans-effect 
of the ic-bonding ligands like PR,, NO, CO, CtH 4 , CN' which lie 
at the high end of the series, rr-bonding. theory which is due tor Chatt 
(19SS) and Oigel (19S<S) accoanta well for the high trans effect of 
such ligands. 

According to this thebr^ the vrcant is or r* orbitals of the 
R-bonding .ligands accept a pair of electrons from the filled <f*orbitab 
of the metal (d^g or ^ orbital) to form metal-ligand R-bond 
(d-n — d"K or dn—pn bon<^. 


In case of Pl(II) square-ptonar conqilex, PtXtL (L is the r- 
bonding Kgand) ffie orb^ of Pt(ll) with a pair of electrons 
overlaps with toe empty p, orbital of the n-bonding ligand, L to 
therfn—^ bond brt- 


fonn 

ween Pt(II) and L. The for- Electron density 
mation of the R-bond in the increases 
complex increases the elec¬ 
tron density in the direction 
of L and diminishes it in the 
direction, of the ligand, X 
trans to L. Thus Pt—X bond 
trans to L is weakened {see in the margin) 


pt 


Electron density 
decreoses&Pt-X 
bond IS weokened 
-^—X 


The weakening of Pt—X bond trans to L fascilitates the appro¬ 
ach of the entering ligand, say Y ; with its lone pair in the direction 
of diminished electron density to form the five-coordinated transi¬ 
tion state comptex, PtLX*Y which, on losing X, yields PtLXsY. In 
the formation of PtLX,Y the ligand X trans to L is replaced by the 
incoming group, Y. The transition state complex has distorted 
trif,onel-bipyraim^dal (tl^) structure in which two X’s groups which 
are cis to L both in the initial and final states form the apexes. 
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X X Yi X 

1 +Y:.. I -X 1 

L-Pt-X —. JL-Pt—X -► L-Pt—Y 

jc i- i ■ 

PtX«L tbp S^oordinated PtXtLY 

traniitioD activa¬ 
ted complex 
(PtXO-Y) 

The formation of d-n—pn bond between Pt(Il) and the Tz-bond- 
ing ligand, L in the S-coordinated transition activated complex is 
shown below in Fig. 16-4. 


Vacant D orbital on the TT-bonding 



Filled dyj orbital on Pt til) 

1/^ 

-X Leaving Group 

•Y Entering Group 


Fig. 16*4.^ Pbrtpation Of dn—dn bond in tbp 
5-coordinated activated complex formed during 
the subetitution reaction in PtGl) square-planar 
Complex. PtLXa: 

PtLX,+Y--*• PtLXsY-i-X. 

Smaller </-orbita] lobes adjacent to the group X which is to 
be replaced by Y, may be noted in the figure. 

A schematic representation of double bend in Pt=3>PI^ is 
shown inrFig. 16-5. a-bond is formed by .the donation of a pair of 
electrons from phosphorus to platinum and the rc-bond by the 
overlap of a filled (/-orbital of platinum and a vacant ^-orbital of 
phosiAonis atom. If the ligand PRa and X are in the xy plane, 
the (f-cvbital shown is either d,, or dyg. 




Fig. 16-S. Schematic rcivesentation of RaP—Pt 
double bond. 


^ Chatt et al emphasises that the removal of charge from Pt(Il) 
>y n-bonding of L enhances the addition of the entering group, Y 



Ligand Substitution Reactions in Square-Rtanar Complexes 


337 


and favours a more rapid reaction. According to Orgel the forma¬ 
tion of ff-bond between Pt(It) and n-bonding ligand L enhances the 
stability of the S-cOordinated transition state complex, thus lowering 
the activation energy for its formation and speeding up the reaction. 

That the formation of n-bond weakens the metal-ligand bund 
trans to a n-bonding ligand is evident from the fact that in the 
square-planar complex anion, [(CtH 4 )PtCls] , the Pt—Cl bond trans 
to CtH 4 is slightly larger than those cis to CjH 4 . Pt-tronr-Cl 
stretching frequency is lower than the average of the two Pt m-Cl 
frequencies. Lower the frequency, the weaker (i.e. logner) the 
bond. 

Mechanism of Substitution Reactions 

Substitutio;'. reactions in Pt(Ii) square-planar complexes pro¬ 
ceed by bimolecular displacement (Sn2) mechanism involving either 
the solvent or the entering ligand as the nucleophilic agent. 

Experimental evidence in favour of Sn 2 mechanism has been 
presented. Because of steric and electronic reasons the coordina¬ 
tion number of the metal is increased to include the entering 
ligand. The metal is exposed fur attack above and below the plane. 
Furthermore Pt(Il) which is a rf* system has a vacant pi-orbital of 
relatively low energy which accepts the pair of electrons donated by 
the entering ligand. 

Substitution reactions of cis- and trans- PtAjLX with Y to 
yield PtAfLY have been explained on the basis of nucleophilic 
attack of Y through trigonal bipyramhlal (ibp) structure. The 
process is entirely stereospecific : m-PtAzLX yields cis product and 
trans gives trans. 


AAA 
I Y I X X I 

A -Pt-X -. A-Pt'-- A—Pl-YfX 

I I I 

L L L 

c/j-PtAjLX tbp ri.T-product (PtAfLY) 

(L and X ch 
to each other) 


A 

1 +Y 
L—Pt—X -- 

I 

A 

/nu-PtA|LX 
(L and X trans 
to each other) 


I^Y 

A 

tbp 


A 

-X 1 

-► L—Pt-Y 

I 

A 

(raw-product (PiAiLY) 


Martin and his students have shown that the rates of hydro¬ 
lysis reaction of the four complexes viz. [PtCUJ* , [Pt(NH 3 )Cls] , 
[Pt(NH»)tCl*f and [Pt(NHj) 3 CIJ+ vary only by a factor of two (quite 
a small effect), although the charge on the reactant Pt(II) complex 
changes from - 2 to -t-1. This variation in rate is remarkably small. 
The breaking of a Pt—Cl bond should become much more difficult 
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in this series of four con^rlexes as the ch^e on the complex 
twcomes more positive. However, the for^tipn of a new bond (i.e. 
the attraction of Pt for a nucleophile) shoultf increase in the same 
order. Since there is small effect of chan^ of charge on the complex 
on the rate of reaction, both Pt—Cl bond breaking and Pt...OH| 
bond making are of comparable importance. This is a strong evidence 
in favour of Sn 2 mechanism. 

For the substitution reaction of square planar comptex, 
[PtA,XJ"+ with Y‘ to yield [PtA,Yl«+ in water involves a complica¬ 
tion, since the solvent water also behaves as a potential ligand. 

HxO 

[PtA,X]-++Y--- [PtA,Y]»++X- 

For this reaction a two-term rate law b given by the expres¬ 
sion : 

Rate = k,[Pt A,X«+]+krfPt A,X«+1 [Y' ] .. .(i) 

Here ki = first-order rate constant for solvent-controlled reac¬ 
tion. 

and kt = second-order rate constant for reaction with Y-. 

A convenient analysis of rate constants can be made by running 
the reactions with a large excess of nucleophile, Y'. Under this 
condition the observed rate-constant, is pseudo first-order and is 
related to ki and kt as : 

k»bt = k, -)- kj [Y] ....(/f) 

This equation shows that for the same complex with different 
reagents Hoear plots of k^, against nucieofritile concentration, [Yl 



[Yj 


Fig. te'4. Plot pf pi>Mrved rate-coDstant, ^ the reaction : 

[1?t»+(<«e«X:«++Y- - . rC 1' 

(Y-Oll .Cl-. hr-r 

ugawat eoRcentration of the auctoopbite, lY}. 

4ifeNw>aia.fa^NkKCIfc)iNHt. 
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should be obtained having the same intercept, ki and different 
slopea. kt {see Fig. 18-6). 

The rate-law rep.’-esented by equation (ii) indkates that the 
reaction of [PtAaX]"-*- with Y" to yield [PtA,Y]"+ is occurring by two- 
path mechanism only one of which involves Y" in the rate-determin¬ 
ing step. These two paths are shown in Fig. 16-7. The upper path 
is the solvent path (also called Y" independent path) and the lower 
path is the direct path {reagent path). In the solvant path the solvent, 
H,0 replaces X‘ in a slow and is subsequently replaced by Y' in a 
rapid step. Experience shows that Y' independent path is not an 
SnI process, but is a direct (Sn2) displacement of leaving group by 
nucleo^ile in brobably the second-order path while the solvent path 
gives pseudo first-order kinetics. 


A H,0 

+ H»0 1 / 

-►A—Pt 


Slow 


A—Pt—X 


«■ 


+ Y- 


Stow 


A X 


A AY 

-X- I 1/ 

—.« A-Pt-H,0 -► A-Pt 

Fast I Part 1 

A A H,0 


A Y 
1 / 

A-Pt 

a''x 


-H|0 

Fast 


A 

I 

A_Pt—Y 

I 

•A 


—X- 


Faat 


Fig. 16*7. Two-mUi oMcbaotem pto p o a ed for the substituUoo Mtetion: 
(PtA,X]+Y-► 

For the sake of cot^venieoce charges have been omitted. 

The rate-constant, ki is due to ^ solvent path, while is due 
to the. direct deplaccment of the leaving group by nucieoph^. 
it becomes convenient to designate the solvent path k, as ks and the* 
direct diaolacement path it| as Av so that eqtuitiofl {ii) becomes 

ka,. •= ks+k^Y-] ...{Hi) 

Factors affecting the rates of substitution reactions in square planar 

coBifiexei 

Most of the kinetic data available deal with the efi^ts of vari¬ 
ous factors on the rates of substitution reactions in Pt(II) square 
planar eoi^lexes. Some factors are : 
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(I) l>«DS-effect. In order to sfce the effect of ligands L trans 
to the leaving group, Cl" in some analogous Pt(II) square-planar 
complexes, ’reTaiive rates of the following reaction have been studied 


NH, CIT® 

\ / 

trans-\ Pt -\-py 

L '^Cl. 

(L-C,H«. NO,-. 

Br-. C1-) 


transA 


NH, py 
^ClJ 


-f-Cl- 


In this reaction it has been found that when L is replaced by 
QH,, NO,-, Br' or Cl" in the comblex, [Pt(NH,)Cl,L]®, the relative 
rates of reaction decrease with the decrease of relative /ronj-effect of 
these groups while the activation energies, increase in this order. 


Relative fra/ii-effect : QH, > NO,- > Br- > Cl- 
Relative rates : > 100 90 >3 >1 

Ea (kcal/mole) : — 11 < t7 < 19 

In order to see the /rans effect of some unusual ligands the 
relative rates of the following reaction have been evaluatedv 



PEl, 1 

0 

r pEt, *1 

Irons- 

1 

L—Pt-CI 

1 

py ^ trans- 

j 

L-Pt-py 


- PEf, _ 


j 

PEt, _ 


in ethanol solution at 25'''C. In this reaction only the ligand L which 
is trans to the leaving group viz. Cl* group is changed by other 
groups like H , CH,", C,H," etc Cl* is replaced by py to yield trans- 
[Pt(PEt),pyL]+. The rate data given below are in terms of ki and k, 
defined by the equation : 


[Y] 


These reactions donot go to completion. The approach to 
equilibrium is given by a pseudo-first-order process with a rate-cons¬ 
tant given by the above equation. In this case ki and k, are com¬ 
posite quantities for forward and reverse reactions and both contri¬ 
bute to the over all observed rates. 

7>wu-directing ' 
ability of group 

CJ" > ;H- > methyl>phenyl <«p-chloro>~'p-nMtlio>>bipbe>a- 
t^iich is leav^ phenyl xy phenyl nyl 

ing group J 


*i(min-*): lT>lxlO'*> 2xIO-»-»2xlO-»-.l-7xia'* >lxl0-*>6x 

« J®*' 

A;,(min'i): 2-5xl0*>4 >9-5xlO'i~9xIO'i~7-9xlO'i >5*8xl0^> 

>2-4xl»'* 

These results show that the effect on the rates of reaction of 
different L groups trans to Cl" which is being replaced by py decrea¬ 
ses in the following order : 

^* > ®*i^yl>phenyl/—p-chlorophenyl ~.. This is also 

the order of rraiu-effect of these groups. 
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(ii) Effect of leaving groop. The reaction : 

[?!•■*■ (dien)Xl*'-i-py -»■ [Pt (dien) 

[X=NOr, HjO, Cl~ etc). 

has been studied and the rates ot reaction have been obtained. The 
rates of reaction show that if the leaving group, X“ is replaced by 
NO,-, H,0, Cr, Br-. 1“. N,", SCN", NO," and CN', the rates 
decrease in the order : 

NO,->H,0>Cr>Br->r>N,->SCN->NO,->CN- 

Note that in the sqtiare-planar complex, [Pt(d(en)X]+ three 
coordination positions are alwa_js occupied by the inert dien ligand 
while the fourth one is occupied by X' which may be NO,”, H,0, 
Cl~ etc. 

(i/i) Solvent effect. Since there is considerable evidence of the 
fact that in the solvent path the solvent replaces X~ directly, it is to 
be expected f'at with the increase in the coordinating ability of the 
solvent, the contribution made by'ihis path to the overall rate of 
reaction would also increase. This is in accordance with the ex¬ 
perimental results of the solvent on the rate of **Cr exchange with 
irons [Pt (py)jCl,]. Some of the results are g ven in Table 16'1. Under 
the experimental condition viz., moderately low concentration of Cl~, 
the solvents were divided into two categories : 

(a) Those where the rate of exchange does not depend on 
[CP]. These arc good coordinating solvents like H,0, ROH and 
provide almost entirely a solvent path for exchange (itg >>ArQ[Cr] 

or ki>>ki). 

(b) Those where the rate of exchange depends on the concen¬ 
tration of cr. These are poor coordinating solvents like CCI4, CgH# 
and contribute little to the overall rate of reaction. The exchange 
occurs by CP acting a nucleophile (ks .< ^ci l o’" l(i<ki). 

For good solvents it may by noted that the values of k„t, in¬ 
creases in the order; ROH < HjO < CH,NO, < (CNgljSO 
(Table 16’1). This series shows that the rate of exchange is faster in 
(CHj),SO than in water. 


Table 16T Effect of solvent on the rate of^*Cl~ exchange with 
trans [Pt(py)f Cl^] at 25°C. 


Solvents in which 
rate of exchange 
is independent of 
[CP] 

* 06 . 

Solvents in which 
rate is dependent 
on [C/“] 

i>nin-') 

H.O 

21xl0-» 

CCI4 

IxIO-* 

C,H,OH 

8 5x 10-* 


2xl0-‘ 


2-5 xlO-* 

m-cresol 

2x10-* 

(CH,).SO 

2-3 X to-* 

tert-CiHfiW 

1 X 10-* 

CH,Nb 

l'9xl0-* 
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(/v) Effect of charge on the com|M«X’ This has already been 
discussed under Mechanism of substitution reactions. 

Cis-trans isoaMrisation in planar complezea 

Cis-trans isomerisations in Pt (II) complexes are not common, 
yet they do occur. Unfortunately neither kinetic nor exchange 
studies have been made to obtain information in the mechanism of 
isomerisations. However some observations suggest that the iso¬ 
merisation proceeds by an inter molecular process. The strongest 
evidence in support of this process is that a trace of some catalyst is 
required for tl^se isomerisations. 


Since substitution reactions of Pt(Il) complexes are generally 
• stereospecific {i e., they proceed with retention of configuration), 
cis-trans isomerisation is explained in terms of two-steps mechanism 
which is shown below in Fig. 16*8 for the isomerisation of cis- 
[Pt(PR,) 2 Cl 2 ]* in solution containing exc«s of PR, to the correspond¬ 
ing rra5-isomer. In the first step the O group is replaced by the 
catalyst PR, to from [PUPRsIsCl]"^. In the second step the reverse 
happens and rrani-[Pt(PR,) 2 Cl,l* is formed along with the catalyst. 
Steps have been shown as (i) and (ii). 


p 

0 

r Cl PR, ■)“ 

T' 1+ 

+PR. 


Cl—Pt—PR, 


Cl-Pt—PR, 

1 

-PR, 

1 

L PR. J 


L PRs -J 


(t) 

-g- 

\ci- 


c<*-[Pt(PR,),ad« 


Cl 

1 j+ 

R,P-Pt—PR, 

I 

PR, 


+c\- 

-Cl- 


f 


Cl Cl 
11 + 

R,P—Pt—PR, 
I 

PRa 


1 • (iO 

r PR. 1 

-PR, 

1 ^ 

, * 

Q 

1 

o 

■fPR, 

1 

M __ rna 

L PR, J 


Fig. 16‘8. Two-steps mechanism for isomerisation of ci;s-{Pt(PR,),QJ* 
to the corresponding trans- form. 


Rdierences 

See the references of chapter 15. 
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Electron-transfer (or Oxidation- 
Reduction) Reactions in Coordination 

Compounds 




These are the reactions in which the transfer of an electron 
from one atom to the other occurs, and hence the oxidation state 
of some atoms change. These reactions may be divided into the 
following two classes: 


(i) Those in which the electron transfer results in no net chemi¬ 
cal change. These arc called electron-exchange processes and are 
cxamplified by [Fe(CN)«?"-[Fe(CN)*]*~, [Co(en'l 3 ?+-[Co(en)3?+, 
[Fe(dipy),]«+-[Fe(dipy),]*+ [Co(NH,),]»+-[Co(NH 3 ),l*+ etc. These 
can be followed only indirectly, for example, by isotopic labelling or 
by nmr. 


(») Those in which there is net chemical change. ’ These are 
examplified by [CrlNHaljXJ-'*'—[CrCHtOe)]*"*", [Cr(HiO)5Cl] — 
[Cr(H,0),]*+etc, where X=F~, Cr, Br", I~, SO«*“, NCS etc. and 
can be followed by many standard chemical and physical methods. 


Mechanism of One Electron-Tmnsfcr ReactlrtM 

Most of such reactions are believed to occur by the following 
two mechanisms: (i) Bridge or inner-sphere mechanism, and (u) 
FJectfon-transfer or outer-sphere mechanism. 

(1) Atom (or Group)-Transfer of Inner-Sphere Mechanism. 

These are electron-transfer reactions in which concomitant 
electron transfer and ligand transfer occur. In such ructions an 
intimate contact between oxidant and reductant is required. This 
requirement is fulfilled when a bridged activated complex is formed 
as a result of an intimate attachment between the oxidant and 
reductant, and this activated complex has at least one ligand which 
is'Common to the coordinate sphere of both the reacting complexes 
and this forms a bridge between them. Hence tl» n^e inner- 
sphere mechanism. For obvious reasons this mecimnism is also 
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called ligand-bridged, atom (or group) transfer or bridged activated 
complex mechanism. It is the bridging group through which the 
electron can pass. 


Taube and his coworkers have shown (1959) that oxidation of 
aqueous Cr(II), [Cr(HsO)g]®'*'by pentammine cobalt (lip chloride, 
[Co(NH 3 ) 5 CI]*'*' in acidic medium represented by the equation : 


[Co^+tNHjhCl]** + [Cr*+ (H,0)J*+ -f- 5H,0 +h.[Co*+(H, 0).]*+ -f [Cr*+(H,0)»a] 
" ' ' ■ Oxidise*' 


Oxidant 
Co>+ -»■ 3d* 
Low-spin and 
inert 


Reducta^t 
Cr*+ -V 3d* 
High-spin and 
labile 


Reduced 
product 
Co*+ -> 3d’ 
High-spin and 
labile 


lisra 
product 
Cr*+ -*■ 3d* 
Low-spin and 
inert 
-»-5NH*+ 


can be explained by the mechanism as follows : 


—H.O 

[Co»+(NH,),C l]*+-t- [Cr*+(H,0),]*+-— 

Oxidant Reductant 

(Low-spin and (High-spin and 
men labile) 

(Co=+3) (Cr=-t-2) 


1 . 


(NH,),Co*+-Cl-Cr*+(H,0), 


Activated bridged intermediate J 


Electron 

transfer 


(Cr*nH,0),Cl]‘+-t-[Co‘+(NH,),(H,0)]*+- 
(Cr-=-i-3) I 


-i-H.O 


[(Nrt0,Co**--a--Cr*+(H,O)J*+ 


I 

I -h5H,0+ 

'I' 

[Co*+(H,0),l*++5NHg+ 

(Co»+2) 


It is obvious from this mechanism that the above reaction 
proceeds through the following steps: 


(i) The labile nature of [Cr(H,0).)*+ allows this complex to 
lose a molecule of water readily to form an activated bridged 
mediate which contains Co*'*' and Cr*'*' ions linked together through 
Cl~ ion which acts as a bridge between the two co-ordinate spheres. 
The bridging Cl~ ion is brought into the activated intermeAate by 
the inert reactant viz [Co(NH»),Cl]*'’’. That [CoCNHslsCll*'; is the 
only source of Cl“ is proved by the following observation. If 
[Co(NH 3 ) 5 C 1 ]*+ containing radioactive ••Q" is dissolved in a solu¬ 
tion containing Cr*"*" (ic. in [CrCHiO)*!**) and unlabellcdCi , it is 
found that, after the reduction which is very fast, the prod u ct 
rCr(H,0)6Cll*+contains only labelled »»a“. This proves that Q 
ion is supplied by [Co(NH,),a3*+. T^e CP bridge provides a good 
path between the two metals for electron transfer in a manner as 
coppCT wire connecting two electrodes provides a path for passing 
electric current. 
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the activated intermediate an electron is transferred 
through the bridging Cl~ ion to convert Cr*"*" to 
Cr*+ and € 0 *+ to Co>+. 

(Hi) The Cr*'*' ion formed attracts Cl“ ion more strongly 
than does Co* and, therefore, Cl ion becomes a part of the comp¬ 
lex of Cr . Thus we find that the electron is transferred from Cr*"*" 
through the bridging Cr, but CP ion goes from Co*^ to 
Cr (I) and these two acts are mutually interdependent, i.e. neither 
18 possible without the other. 


! I 


[(NH,),Co*+ -Cl-»—Cr*+(HjO) 5 ]*+ 


Activated bridged intermediate (I) 


Thus we find that after electron transfer the initial labile 
partner viz [CrdljO)*]^''' becomes inert to substitution and the inert 
partner viz [Co(NH,)jCl]*'^ becomes labile. 


A direct transfer from [Cr(H 20 ),]*+ to [Co(NH 3 )jCI]*+ follow¬ 
ed by the transfer of *«Cr seems unlikely, since in this case unlabel¬ 
led Q~ from the solution would be readily incorporated into the 
Cr*^ complex as the *«Cr is attached to cobalt. 

The reaction is first-order with respect to the oxidant and the 
reductant. 

v=k[oxidant] [reductant] 

=k[Co(NH3)5Cl*+] [Cr(H,0)3*+] 

Similar mechanism has been suggested for the following general 
reaction : 


[Co»+(NH,),X]*+-l-[Cr(H, 0 ),]*+-|- 3 H 30 +- 

+[Cr(H,0)3X]*+-t-5NH4+ 


HereX=F ,a , Br~, 1 , SO 4 * , NCS", N»“, PO/". P*©/' 
CH3COO , etc. With these ligands which form bridges the rates 
of these reactions increase in the order : SO**" <cr <Br~. The 
ions that form bridges most readily and provide the best path for 
electron fransfer produce fastest reactions. 


There ire «omc redox reactions in which multiple bridges are 
formed, e.g., ia the following reaction three oxygen atoms of EDTA 
serve as bridges 

[Co*+(EpTA)]- ;fCr*+ Co*+-f [Cr*+(H»0)8 (EDTA)]" 

(Co«-r3) (Cr^-t-2) (Co=-f2) (Cr=»-b3) 

In reactions with two bri Iging groups, two ligands but only one 
electron hre transferred. Convrsely, in various Pt^/iPt'^^exchanges. 
two electrons but only one ligand is tfansferred. There is even 
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a reaction in which electron-transfer by an inner-sphere mechanism 
is not accompanied by ligand transfer, e.g., 

[Co*+(EDTA)?--f[Fe»*fCN)6]»~-->[Co»+(EDTA)]-M-[Fe*+(Ch06]‘’ 
(Co=+2) (Fe=-(-3) (Co=+3) (Fe=-t-2) 

(2) Direct Electron-Transfer or Outer-Sphere Mechanism 

Here we shall discuss the electron-transfer reactions in which 
only the formal valence states of the metal ions involved change. 
These reactions occur by direct electron transfer and the electron 
effectively hops from one sppeies to the other and the ligands act as 
electron-conduction media. Recent work on electron spin reson¬ 
ance of paramagnetic complexes has shown that unpaired electrons 
spend part of their time on ligands. Consequently electron transfer 
can occur by a mechanism which involves movement of an electron 
from the outside of a ligand in one coordination sphere over the 
outside of a second sphere. This mechanism seems particularly 
appropriate with large conjugated ligands like phenanthroline and 
bipyridine. 

In this mechanism direct transfer of an electron occurs. For 
this process to occur there is a critical requirement which is given 
by Frank- Condon principle which states that there can be no appreci¬ 
able change of atomic arrangement during the time of an electronic 
transition, i.e. very light electrons move much more rapidly than 
much heavier atoms. In order to understand its effect let us consider 

the transfer of an electron from [Fe** (CN) 4 ]^~ to [Fe*^ (CN),]®~. 
The rate of this redox reaction (which is actually no reaction at all) 
can be studied by labelling cither of the complexes with a radio¬ 
active isotope of Fe or with ^*C. 


I ■i'' 

[♦Fe*+ (CN),]«'-!-[Fe='+(CN)e]»--»-[*Fe3nCN)6?--l- [Fe^nCN),]*" 

Ferrocyanide Ferricyanide Fe—C bonds Fe—C bonds 

ion ion longer shorter 

Low-spin and Low-spin and 
inert inert 

Fe*+ -> d* Fe*+ d* 


(r»»* «®«s) 
Fe—C bonds 


(tie* e^®) 

Fe—C bonds 


longer shorter 


The above reaction is fast with second-order constant 10® at 
25°C and there is no heat change in the reaction, since we obtain the 
same products after the electron transfer. Both the anions are inert. 
[FeCCNlsl*" is a low-spin d* (tgj'ee®) system and f,Fe(CN)e]* is a low- 
spin d® Uig^es^) system. Thus the loss or exchange of CN or any 
substitution reaction is very fast. The possibility of electron transfer 
through a bridged activated complex is eliminated, since formation 
of the activated complex amounts to a substitution reaction. During 
this reaction none of the elements viz. Fe, C or N moves. The Fe—O 
bond in (Fe(CN)»]*~ is slightly shorter than that in [Fe(CN)e]* • 
ThW, if an electron is to be transferred between the anions in their 


Hectron-ffan^ef Reactions 


547 


ground-state equilibrium configurations by the Franck-Condon 
principle, the product [Fc(CN)J*~ would be expanded (i.e. Fe—C 
bonds must become longer) and the [Fe(CN)»]*~ would be compressed 
(j.c. Fe—C bonds must become shorter). For this to be so, the 
energy must be added to the system, i.e. the products would be of 
higher energy than the reactants. This, however, contradicts the 
fimt that there is no heat change associated with this electron trans¬ 
fer reaction. It follows that an electron-transfer reaction can only 
occur when the vibrations within the two anions have made them of 
identical geometries and electronic configurations. Then the products 
and the reactants in the electron-transfer process would be equiva¬ 
lent and no energy would be produced as a result of the electron 
transfer. Since both the anions are similar, a relatively small addi¬ 
tion of energy (the activation energy) would make the anions alike. 
Thus electron-transfer reaction can occur rapidly. 

When both the reactants are inert as in the present case, the 
close approach of the metal atoms is impossible and hence the 
electron-transfer takes place by a tunnelling or outer-sphere mecha¬ 
nism. In this mechanism each complex retains its full coordination 
shell in the activated complex so that there is no ligand common to 
each central metal atom and an electron is believed to pass through 
both the coordination shells. This mechanism is sure to be correct 
when both the reactants exchange their ligands more slowly i.e. are 
inert than they undergo electron transfer and differ only in their 
charges. Although for an isotopic change the equilibrium constant 
is nearly unity and AG® is nearly zero, activation energy is required 
(i) to overcome the electrostatic repulsion between ions of like 
charges) electrostatic energy) (ii) to distort the coordination shells of 
both species, and (Hi) to modify the solvent structure around 
both species. Thus activation energy is made up of the above three 
contributions. 

Outer-sphere electron-transfer reactions are more rapid for 
complexes containing ligands such as o-phenanthroline and CN~ ion 
than for corresponding complexes with ligands like H*0 or NH,. 

Now consider an electron-transfer between [ConHNH,),ls+ and 
tCoU (NHg),]*+, both the complexes being octahedral. This reaction 
is slow. 


I 


+ 


I 


[•Co*+(NH,).]»^- 
Hi^-spin 
Co*+-^d»(/„V,*) 

Co—NbOnd-211 A« Co-Nbond 


Co—N bond— Co—^Nbonda> 

2-11—0 35=.1-77A» 1-9&-0-35—^-aiA" 


These complexes do not differ greatly in size and he^ce one 
might expect that the electron-transfer reaction is fast. The two 
comi^exes, however, do differ in electronic configurations and Co—N 
bond lengtl» : (Co(NH*)J»+ is a high-spin system white 

[Co(NH,)J*+ is a low-spin </»(/*,««,•) system, Co—N bond lengths in 
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[Co(NH,)a]*'‘'and (CcKNHjel®^ are 211A’’and r96A“ respectively. 
'After electron-transfer these configurations presumably become 
faB*e»r and respectively. Neither of these is the ground state 

cofiguration of the ion, i.e. after electron-transfer reaction both the 
complexes will be electronically excited. This excess of energy will 
rapidly be lost either by radiation or more probably it will be con¬ 
verted into thermal enei^. Because this electronic energy contributes 
to the activation energy of the process, the rate of electron-transfer 
reaction between [CoiNHa)*]*^ and [CoCNHsla]®^ is much slower 
than that between [Fe(CNa)i*“ and [FeCCN)®]*". 

Outer-sphere exchange reactions between complexes having 
different central metal ions with different oxidation states (e.g. 
[OsU (dipy)^)*'''— [MqV (CN)g]*~ reaction] are usually faster than 
outer sphere exchange reaction between the complexes of the same 
metals with different oxidation slatds. For such reactions when 
excited states of the products arc converted into ground states the 
decrease in energy can appear as the free energy of the reaction 
(A G* must be negative or the reaction would not take place). This 
means that for such reactions the structure of the transition state 
is more like that of the reactants and consequently the activation 
energy is decreased and the rate is increased. 

There, are now a number of electron-transfer reactions such as 
those of [Coni(NH 3 ) 4 X)]*+ with [Co« (CN) 5 l*~, where X^F", CN". 
NO," and NO,", and that of Cr*"'' with [IrCl,]*~ in which the elec¬ 
tron trasfer takes place by both inner-and outer-sphere irechanisms. 

Factors affecting the rates of direct electron-transfer reactions 

The factors affecting the rates of direct electron-transfer reac¬ 
tions have been summarised by Halpem as follows : 

(/) Electrostatic repulsion between ions of like charges. This 
contributes to the activation energy. Because of ele^'^rostatic repul¬ 
sion the energy of activation also increases. The inc rease in activa¬ 
tion energy tends to decrease the rate of exchange of electrons. 

(ii) Identity and concentration of the cations present in solution. 

In several cases the rate constants for the electron-transfer reactions 
have been found to depend on the identity and concentration of the 
cations present in the solution. Generally an increase in the concen¬ 
tration of the cations increases the rate, but certain cations are 
particularly effective. The general effect can be attributed to the 
formation of ion pairs which then decrease the electrostatic contribu¬ 
tion to the activation energy. 

(iff) CondiE*'..'’ ity of the ligands. The greater the conductivity 
of the ligands, the more readily should electron-transfer proceed bet¬ 
ween the two complexes. Electron transfer between a variety of 
similar cyanide complexes has been found to be rapid. The same is 
true for t,he highly conducting complexes viz. [M(phen)J"'*’ and 
[rvl(bipy),]"'*' relative to [M(en)a]"^ and fM(NH,),]"''■. 

(fv) Reorganisation energy. The bond lengths in MnO," and 
MuO,*" differ and the activated co'mplex for exchange between these 
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must involve a “stretched” MnO bond in Mn 04 ~. Slow reactions 
are expected when the oxidant and the reductant have greatly differ¬ 
ent bond lengths, geometries or solvation shells. For octahedral 
complexes bond lengths are changed more drastically when e<, 
electrons arc involved in the transfer as compared to fj* electrons in 
the <f-orbitals. 

(v) Free energy change in the reaction. The greater the negative 
free energy change for the overall reaction, the faster the reaction 
will proceed. 

Two Electron-Transfer Reactions 

The electron-transfer reactions we have discussed so far involve 
the transfer of a single electron from one species to the other. 
Reactions in which two electrons are transferred are also known, 
e g., the reactions : 

*Tl+-f T13+-j- *T1»+-1-T1+ ...(f) 

*Pt2++Pt«+ ♦pt4+-f Pt*+ 

have been studied in detail. In aqueous perchlorate solution the 
rate-law for reaction (/) is 

v=fc, [T1+][T13+J-1-A:,[T1+] [T10H*+] 

In presence of other anions like NOj~> CP, CN~, SO**", Br~ 
etc. more complicated rate-laws are found indicating that two- 
electron transfers, occur through various Tl*'*' complexes 

Complementary and Non-complementary Electron-Transfer Reactions, 

Electron-transfer reactions (shown below) in which oxidant 
gains the same number of electrons as the reductant loses are called 
complementary electron-transfer reactions : 

Sn^^ + Tl*+ Sn«+ + TP 

Sn*+ + Hg*+ Sn*+ + Hg® 

Reductant Oxidant Oxidant Reductant 

When the number of electrons gained and lost are different, the 
electron-transfer reactions are called non-complementary reactions 
and generally these reactions proceed by more complicated mecha¬ 
nisms, e.g. in the reaction, 

Tl®‘''(a^) -f 2Ft*'*'{aq) —*■ T\^{,aq) -{■ 2Fe*+(a^) 
Oxidant Reductant Reductant Oxidant . 

Tl®‘*'(a^) —► TP(fl^) is a two electron transfer reaction while 
Fe*‘''(ag)-*• Fe®'''(fl^) is one-electron transfer reaction. 

Mechanism 

The experimental data show that a reactive intermediate, 
Tl*+(a^) is produced in the slow step which is then followed by a fast 
step. 

At, 

Tl«+(at 7 )-l-Fe*+(a^)-Tl*+(ag)-f -(0 

Slow Reactive 
intermediate 
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kt 

TVHaq) + Fc»+(a?)—► Tl+(a?)+Fe3+(ao) 
iBlennediate Fast 


When Fe*+(a^) builds up in the coune of reaction or when it 
is added initially, the reverse of reaction (i) viz. 

kt 

.TF+(a?)+Fe*+(a9) —». Tl»+(fl9)+Fe»+(a9) 
competes for the Tl*‘*’(a^) formed. 


The complete rate expression for this mechanism is given as : 

Rate= 

>,[Fe*+]+*,[Fc*+] 


The non-complementary electron-transfer reactions : 
2Co^+(aq)+Tl+(aq) —► 2Co»+(a9)+Tl»+(a?) 

■2\*Haq)+T\+(aq) -► 2V»+(fl^)-i-Tl»+{flg) 

Oxidant Reductant Reductant Oxidant 

have also been explained on the basis of this mechanism. 


References 

See the References of Chapter 16. 
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Electron-deficient Compounds : 

Boranes 


What are Electron-deficient Compounds ? 

/ Electron-deficient compounds are those in which the total 
/number of atomic orbitals available on all the atoms of the com- 
^ pound is more than the total number of valence shell electrons In 

other words the molecules which do not contain enough electtons to 

form two-electron covalent bonds between all the atoms are called 
electron-deficient molecules. For example, since in diborane 
molecule (BjH*) the total number of atomic orbitals on both B and 
SIX H-atoms is 14 (two 2s orbiuls on two B-atoms, six 2p orbitals 
on two B-atoms and six b orbitals on six H-atoms) and that of 
valence-shell-electrons is only 12 (4 electrons in two orbitals on 
two B-atoms, two electrons in six 2p orbitals on two B-atom»and six 
electrons in six 1 j orbitals on six H-atoms [B= 2 y*. 2 p»i 2mJ Id « 

H—li^J, it is an electron-deficient molecule. / ’ 

Examples of Electron-ldeficieut Compounds 

■ The elements like Be, Mg, B, Al, Ga, In and T 1 give many 
electton-vdeficient compounds. Examples are: beryllium hydride 
’ beryllium dimethyl, [Bc(CH,),],; beryUinm chloride 
“agnesium diethyl, Mg{C,H*),; boron hydrides • like 
tJsH,, Oion ,4 etc ; derivatives of diborane like methyl 
diborane, (CHjlaBH . BHfCHs),; aminodiborane, H,B[NH, HlBH- 
monomethyl amino diborane, H»B [NH(CH,). HJ BH,: dimethyl 

’ disilylylamine diborani 
HaB[N(SiHs), . HjBH 2 etc ; aluminium trimethyl, A1,(CH,)« • alumi¬ 
nium halides, A1,X, (X=C1, Br, 1).; digallane, G^H, ; Sum 

digallane Ga,H.(CH ,)4 ; gllium 
halides, Ga*Xg(X=Cl, Br, I), indium trimethyl. In (CH,), • indium 

fr 

Lv-'tlig/f I 'J 2 

HYDRIDES OF BORON : BORANES 
Although boron does not combine directly with hydrogen vet 
a number of hydrides of boron are known. These hydrides’ irt 
covalent compounds and are also called horaner by analogy with 
alkanes. These are electron-deficient compounds.' ^ 
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The boranes are named as di-, tri-, tetra-, penta-, hexa- 
boranes and so on according to the number of boron atoms followed 
by the numeral which indicates the number of hydrogen atoms. 
For example, B 5 H 9 is called penta borane-9 Here penta indicates 
the number of boron atoms and 9 indicates the number of H-atoms. 

The Doranes have been grouped into two classes namely 
(/) BnHn +4 (n=2, 5, 6 , 8, 10 and 18). The boranes of this class are 
quite stable and have high m.pts. Examples of boranes of this class 
are diborane, BjHe ; penta borane-9, BjH, ; hexaborane-10, B,Hio; 
octaborane- 12 , BgHi,; pentaborane- 11 , B 5 H 11 etc., (») B„Hn +8 
(n=4, 5, 6 , 9 and 10). The boranes of this class are unstable and 
have low m.pts. Examples of boranes of this class are tetiaborane, 
B 4 H 10 ; pentaborane- 11 , B 5 H 11 ; hexaborane- 12 , BgHii ; enneaborane 
-15, BtHis ; decaborane-16, BjoH,« etc. 

General Methods of Preparation of Boranes 

1. Stock’s method. Stock obtained all the boranes, excepting 
B»Hi 5 , by the action of dil. aqueous acids like HCl or HgPOg on 
magnesium boride (MgaBj). This method gave a mixture of several 
boranes, magnesium salt of the acid and H*. The chief component 
of the volatile mixture obtained by the action of HCl on MgjBj was 
BgHia and very little B,H*. 

2Mg3Bg-f 1-2HC1—►6MgCl,-i-B4H,o-l-H, 

Stock separated the different components of the volatile 
mixture of boranes by fractional distillation under reduced pressure. 

2. Wurtjt’s method. This method has been used to prepare 
B 4 H 10 which is obtained by the action of CgHgl on sodium amalgam 
(Na/Hg). 

ZCtHgi -i-2Na/Hg—»-B«Hio+2Nal. 

3. From B,H* (i) Higher boranes like B,Hu, B 4 H 10 , B„Hi 4 , 
BjHj, BgHji can be obtained by heating B*Hj at different tempera¬ 
tures as shown below : 

115°C (U-tube) 

5B,H,-.2B,H„-i-4H, 

-78 to lOO^C 

2B,H. ^ *“B4H,.-1-H. 

100°C (sealed bulb) 

5B*H.-»-B,oHi4-1-8H, 

200 —aso'C 

SBaH,-'-»-2BjH,-t-6H, 

250°C, 120 mm (‘ube) 

SBgHg-:-->B,H,-fBsHu-l-5H, 

(fi) BgH* is formed in good yicid when a mi”ture of B and 
H, is circulated through a glass tube at 200— 250®C. 
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{Hi) Decomposition of in silent electric discharge in 

presence of an inert gas gives a mixtnre consisting of B4Hio=40%, 
B 5 H*== 20 %, BjHii= 30% and a small quantity of B,Hib 

4. ^By the conversion of one borane into the other. Higher 
boranes can also be obtained by the conversion of one borane into 
the other as shown by the following examples : 

95°C lOO^C silent electric 

B 4 H 10 ►BjoH IS 

discharge 

CO'C 25°C 200°C 

B4H10-►BjHi,-*-BioHi 4 ; B4H10-^-BsHs 

General Properties of Boranes 

1. Physical state. Boranes are volatile gases, liquids or 
solids. 

2. Melting and boiling points. The melting and boiling points 
of some boranes (in ®C) are: B 4 Hio= —120®, 18®; B 5 H 9 =—46‘6°, 
48”; B5Hn=-62'3®, 108*; B,H„=-82-3°, 80-90*; BioH,4=-92-7», 
213*. 

3. * Decomposition. When heated, these are decomposed into 
different boranes. The nature of boranes obtained depends on the 
temperature at which the decomposition takes place as shown in 
method (4) of the preparation of boranes. 

4. Hydrolysis. These arc hydrolysed by water and aqueous 
alkalies, but the rate of their hydrolysis varies from one borane to 
another. Hydrogen is evolved. Examples arc : 

B4 Hio+12 H*0 dHaBOa+llHa 
B4 H,o+4KOH+4H»0 -► 4KBO,+ IIH, 

B,Hi,+ 18H»0 -> 6H3B0,+ 15H, 
B,H.,+6K0H+6H*0 -»■ 6KB03+1SH^ 

5. Acdon of O, or nlf. All the boranes are easily oxidised by 
Oj and give dark coloured products of determined composition. A 
mixture of the gaseous boranes with air is highly explosive in the 
presence of a trace ot moisture. 

.6. Formation of addition compounds. Since all the boranes are 
electron-deficient compounds, these form addition compounds (or 
adducts) with a variety of donor molecules. 

7. Action of NH 3 . All the boranes react with NH 3 to give 
various products, depending on the experimental conditions. 

8. Properties of tetraborane-10 (B 4 Hio). (i) It is a colourless 
gas and poisonous gas with a disgusting odour. This can be readily 
condensed to a colourless liquid with m.pt.‘>= — 120 *C and b.pt. 
= 18*C. It is non-inflammable in dry air at room temperature. 
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A mixture of the gas with fair is highly explosive in presence of a 
trace of moisture. 

{ii) It is soluble in dry benzene but slightly so in cold water. 

(lii) Decomposition. It is stable in the absence of air and 
moisture. It decomposes at ordinary temperature, giving H* and 
lower boranes. 

(iv) Action of HCI. With HCl, H, is liberated 

B 4 H 10 +HCI B«H,C 1 +Hii 

(v) Reaction with CO. B 4 H 10 reacts with CO at 120°C in a 
hot-cold flow reactor and gives the carbonyl adduct, B 4 H»CO : 

B«Hio+CO -► B 4 HaCO+H, 

(v/) Hydrolysis. It is slowly hydrolysed by H,0 and aqueous 
alkalies, evolving H* as shown above. 

ivii) Action of NaH and H 0 BH 4 . When B 4 Hio reacts with NaH 
or NaBH 4 , Na'*'[BsHgJ~ which is an ionic compound is formed. 

2B4Hio+2NaH-^ 2 Na+[B,H 8 ]~-f BaH, 
B4Hio+2NaBH4 -»• 2 Na^lB 3 H,]"+H, 

9. Properties of pentaborane-P (BsH,). Some of the reactions 
shown by B|H, are : 

Aia, 

B,H,+ C,H 4 -►BsH,C,H, 

Diethyl ether 

B 5 H,+ 2 Ljfl-►LijBsHn 

Ether Vacuum 

B8H,+2Na(Hg)-►Na.B^H,-^BsH, 

Liq. NH, 

B,H,+2Li-fLitBsH, 

10. Properties of pentaboranc-ll (0 In presence of 

weak Lewis bases like ethers, amines etc gives BeHie and BgH* 

In presence of 

2 B 8 Hu -►B,Hio+ 2 B,H, 

a Lewis base 

{//) B^Hii reacts with CO in a hot-cold flow reactor and gives 
the carbonyl adduct, B 4 HgCO. 

BsHji-f 2CO-►B 4 HSCO+ BH,CO 

(Hi) When heated with Hi at 100®C, it gives B 4 Hie. 

11. Properties of iecaboraac—14 (BieHi*). Some reactions 
s&dim by this hydride are ; 

(C.H,)dO 

Bi,Hi 4 +NaH-►NaBieHi,.(C,H,)|0+H, 
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2Na+ in 

BwH„- 

liq. NH, 

BioHi4-i- 2L (L=CH,CN. R,N, R,P)—-►BioHuL.+H, 

B,oHi4+CH,MgI—»-BioH„MgH-CH4 
DIBORANE. BaH. 

Preparation of Diborane. B|H« is prepared : (i) By the action 
of ionic hydrides (e.g. NaH, CaH,), and Li [AIH]i on BCI, 

6NaH+2BCl,—> 6NaCl+B,H» 

3CaH,+2Ba,—► 3CaCl,+B,H, 

4BCl,+3Li[AlH4]-► 3LiCl+2B»H4+3AlCl, 

2BCl,(vapourj)+6H,-► 6HCl + BjH» 

(ii) By the action of boron trifuoride ether complex, 
(CtHi\O.BF, on metallic hydrides like LiH, UlBH^l Na[BHt] etc. 

(a) 6LiH+8(C»H,),O.BFs-►B*H4+6LiBF4+8(C,H8)*0 

(b) 3Li[BH4]+(C,H,),O.BF, —►2B»H4+3LiF+(C.H.),0 

3 Na[BH 4 J + (C2H5J2U . BF3 -> 2B2Hg + SNaBF^ + (C2H5)20 

Reaction (a) is used for the manufacture of BiH* in U.S.A. 

(Hi) By reducing BF, with UH, LilBHt] or Na[BHi\- 

(a) 8BF,+6LiH — - 6LiBF«+B,H, 

Ether 

(b) BF,+ 3Li[BH4]-►3LiF+2B,H, 

(c) BF,4-3NarBH4]-►3NaF+2B,H, 

is generally produced in situ in reactions (b) and (c). 

(fv) By treating an alkali metal borohydride with HCl. 

2Li[BH4]+2Ha-»• B,H,+ +2LiCH-2H, t 

2Na[BH4]+2HCl —► B,H,+2Naa+2H, f 

Properties of Diborane. 1. It is an inflammable colourless 
gas with a sticky sweet odour and is extremely toxic. It is an extre¬ 
mely reactive gas and hence should be handled in a special apparatus 
so that it comes in contact only with glass and mercury. 

2. Decomposition, (a) By heat. It is stable at low temperature 
only in the absence of moisture. A higher temperatures B|H« gets 
decomposed into a number of higher boranes. For example ; 

ns«C(U-tube) 

5B,H,—-*-2B,H„+4H, 

-78 to 100*C 
2B,Hg- 

100^, (sealed bab) 

SB,H«—-- 
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250‘’C, 120 mm 

5B,H,--BjHh+SH, 

(tube) 

200—250»C 

5B,H,——►2B»H,+6H, 

At red heat BjH» gets decomposed into boron and Hj. 

Red heat 

B*H,--♦2B+3H, 

(b) By water : Hydrolysis. It is readily decomposed by water 
into boric acid and H*. 

B,H,+6H,0—»-2H,BO,+6H, 

(c) By aqueous alkalies : Hydrolysis. When B^He is passed 

into a concentrated solution of KOH at 0°C, reaction occurs 

and the solution obtained on evaporation in vacuo deposite potas¬ 
sium hypoborate,K,(BH,OH.Bll*OH) or KjfBjHjOg). 

-H 2KOH-> Kj (B^H^Oj) ... (i) 

if KOH solution is diluted, then potassium hypoborate, 
Kt(B,H«0() is converted into potassium metaborate, KBOj. 

K,(B*H,0,)+2H,0-r-*'2KB0,+’5H, ...(/j) 

Thus the hydrolysis of BjH* by a dilute solution of KOH can 
be shown by the following equation which is obtained by combin¬ 
ing equation (i)and (if) 

+ 2KOH + 2H,0 -»• 2KB(), + 6 H, 

The evolution of H, by the action of aqueous alkalies makes 
BaH« as a useful reducing agent. 

2. Action of ethyl lithium (LK^IU) and alkali metal hydrides. 
LiC 2 H 5 and alkali metai hydrides suspended in ether react with Bill, ano 
produce alkali metal borohydri'des, MBH 4 . , 

2B,H,+ 2LiC,H,-»- 3LiBH4+B(C,Hs), 

B.H.-l-2LiH —► 2LiBH« 

B,H,-f2NaH —► 2NaBH« 

4 . Reaction with trimethyl aluminium, Al(CHa)». Aluminium 
borohydride, AUBH«)8 is produced 

A1(CH,),+2B,H, -► B(CH,),+A1(BH.), 

5. Action of O* : Ignition or combustion. Pure B»H, undergoes 
no change when mixed with dry air or O* at room temperature, but 
it may ignite (i.e. burn), if impure. In this reaction a large amount 
of energy is produced. 

B,H,-f30, -»> B,O,+ 3H,O+480 Real 




Electron-deficient Compounds : Boranes 


557 


The production of large amount of heat in the above reaction 
yiakes 6iH( a useful rocket fuel. 

6. Action of halogens. It reacts with halogens (not iodine) 
under different conditions to give different products. 

23“C 

B*H»+6C1, —► 2Bdl»+6HCl (vigorous reaction) 
lOO’C 

B,H«+Br*-► BjHiBr+HBr (slow reaction) 

7. Action of halogen acids. BiH* reacts readily with HCl 
acid in presence of AlCl, as catayst to form cMorodiborane (BjHjCi). 
With HBr it reacts at in presence of AlBr, to give BjHjBr 
while with HI at 50*C in the absence of a catalyst to give B 2 HsI. 

BjH,+HX(X=Cl, Br. I) BtHjX+H* 

8 . Action of sodium or potassium amalgam. When B,He is 
treated with sodium or potassium* amalgam (reducing agents) in 
cold, crystalline product of the composition, BaH«.2Na or BiH(.2K 
is formed. 

2Na (in the. form of omo/gfl/n)+B,H, -> B,Ht.2Na 
2K (in the form of amalgam B 2 H«. 2 K 

9. Reaction with NHa. Diborane reacts with NH* giving 
various products depending on the experimental conditions. For 
example : 


(a) When BjH* reacts with excess of NHg at low temperature 
(— 120”C), it forms an addition compound called diammoniate of 
diborane, B,H«. 2 NH 3 which forms a conducting solution in liquid 
ammonia. 


Low temp (—120°C) 

B,H,4-2NH, (Exce.ss) -^ B,H,.2NH, 

BiH«.2NH, is a white non-volatile solid and is soluble in water. 
U is an ionic compound and hence is represented as [BHjfNH,)*)"^. 
[BH 4 ]~ or as follows : 


H NH, 1+ 

H NH, J 


H H 

\ 

L H H 


The formation of’B*H,.2NH, represents the only case of non- 
symmetrical cleavage of B,H» by consecutive substitution. 

ih) With excess of NHa and at high temperature, boron nitride, 
(BN)j is formed. 


High temp 

xBtH,+ 2xNH, (Excess) —-► 2(BN)j-f 6xH, 
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(c) When BsH6 and NHt are treated at high temperature in 
1 ; 2 ratio, borazole, BjNsH* (also called borazine) is formed. 

High temp. 

3B,H,+6NH,-- 2B,N,H,+ 12H, ^ 

Borazole has a flat hexagonal ring structure containing—BH— 
and —NH=groups alternately. Thus it has an analogous electronic 
structure to that of CgH* and is, therefore, called inorganic benzene. 


HN/\NH 

I II 

HB\/BH 

NH 

Borazole 


CH 

HC/\CH 

I II 

HC\/CH 

CH 

Benzene 

(C.H.) 


10. Formation of adducts. Because of its electron-deficient 
nature, B,H« reacts with a number of molecules having lone pairs of 
electrons [e.g., (CH^^^O, (CH^fyS, CO, PFs» N(CH |)3 etc.] (Lewis 
bases) to form adducts or addition compounds. Thus in these reac¬ 
tions BtH* acts as an acceptor (Lewis acid) and the molecules like 
tCH,),0. fCHaljS etc. act as dono.'S (Lewis bases). 


Acceptor 
(Lewis acid ) 


Donor 

(Lewis bases) 

Adduct or 
addition 
compomd 

i B-.Hn 

+ 

lilier 

(CH^^g-4.BH, 

borane 

i n.H, 

-r 

(CH,).,S -► 

Thioeihcr 

(CH,),S-»>BH, 

Thioether borane 

iB,H, 

-l- 

;oc»c 

CO -»■ 

2 1 at:n. 

CO-^BH, 

Carbonyl 

borane 


11 . Methylation oj tnmethyl borane, reacts 

at ordinaiy temperature with B(CH3)3 to produce a series of methyi 
derivatives of B2H5 which are called methyl diboranes. No more than four 
H atoms in B2Hg molecule can be repla~ced by CH3 groups or any alkyl 
groups as shown below ; 

H H H CH, H H 

+(CH,).B \r/\r/ +(CH.),B 

/B\/B\ -^ /Bv^/B,^-^ 

H H H H H H 

Diborane, B,H, Monomethyl diborane. 
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CHt H H CH, „ CH, 

Nr / Nfi/ \r/^\r/ 




\„/“ \ 
CH, “ H 

Trimcthyl diboranc, 
(CH2)3B3lb 


>B 


CH, 

Dimethyl diborane,' 
(CH3)2 B2H4 

+(CH,),B 


H 


CH, j, CH, 

\b/ Vr/ 

CH,* ” CH, 

Tetramcthyl diborane. 

The above reactions clearly indicate that none of the bridge 
H-atoms in BjH, is replaced by CH, group ie. in the reaction bet¬ 
ween B,H, and B(CH,),. both three-centre B-H-B bonds remain 
undisturbed. 

12. Reactions with PH^ and its derivatives, lo) At ordinary 
temperature B,H* reacts with PH, to give a non-volatile white ■sdlii'l 
with the composition (PH,BH,),. 

—JcH 

YB,H,+acPH,-^(PHaBHjlx-f yH, 

(6) At -1 ICC B,H, reacts with PH, to yield an unstable pro¬ 
duct with the composition PH,.BH,. 

—llO'C 

JB,H,+ PH,-►PHj.BH, 

(c) When (CH,),PH reacts with B,K„ we get (CH,), PH.BH, 
which, on being heated at 150'C gives P, (CH,), (BH), which is a 
cyclic compound, since it has ring structure like C,He. 


i B,H,+(CH,), PH 


(CH,),PH.BH, 

(CH,), 


P 

ISO" /\ 

3[(CH,),PH.BH,]-h-B B-H [or P3(CH,),(BH),l-f-9/2 H, 

(CH,),-P P-(CH,), 

• \/ 

B 


H 

• {M) in liq.NH,. The reaction 

IS believed to occur as follows : 

B,H,+M + NH,-*>M[BH4]+BH,.NH,-b iH, 
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Uses of Dibotane. Among the boranes, diboraneis the only 
frequently used borane, although other boranes may sdso find cCTtain 
uses. Diborane is used : (i) as rocket fuel for supersonic bomrers, 
(n) for the preparation of high energy fuels and propellents. {Hi) for 
the preparation of high» boranes, organic boron compounds and 
metal boron hydrides like LiBH 4 , NaBH 4 etc. (^) as a reducing 
agent in organic reactions, (v) as a catalyst in polymerisation 
reactions (vi) for welding torches. 

Structure and Bonding in Diborane. Electron diffraction Md 
Infra-red spectroscopic studies of this molecule have shown that 
BjH, has hydrogen-bridge structure shown in Fig. 18'l. 


r reriKinol ( 2 c - 2*1 
B-Hibend 


> Y/ 


Oft 


Ht 


Ht' 


Fie-1*1. 


BridoingOc—2»t 
e' -Hb—B'bOBd 

Hydrogen-bridge structure of diborane 
molecule, BjHt 


This Stricture contains two irregular BH 4 tetrahedrons which 
have one edge in common Thus two boron atoms (represented as 
and B*) and four terminal hydrogen atoms (represented as Hi) lie 
in the plare of the paper He. two boron atoms and four H, atoms 
are co-planar) while the renaming two bridge hydroper, atotm (repre¬ 
sented as H») are located centrally above and^low this plaw and 
thus prevent the rotation between the two boron ato^. Specific 
heat n.e.'isurements also show tliat rotation is hmdered. -ntus we 

see that the plane containins ihc two boron atoms and four terminal 
hydrogen atoms is perpendicular to that containing the two bridging 
hydropn atoms. The following points may be noted from the 
hydrogen-bridge structure : 

rO B*-Hi bond length=B*-Hi bond length= TTiis 

bond length is almost equal to that expected for a single ^nd given 
by thft sum of the single-bond normal covalent radii of boron and 
hydrogen, ie. ra-brif—0'85-r0’30 -1 15A 19A . 

(if) B'-H. bond length=B^-lU bond length = 1-.^ which 

is greater than rt-Vm ( = 1'15A*). 

(f/i) B*—B* bond length--1 ’77A“. 

(fv) H.B^Hi bond anglc=H,B*-H, bond anglc=122° while 
H,B>Ht bond an^==H»B*H» bond angle=97". 

(7) BaH, molecule has two types of bonds discussed below : 

(a) Four terminal (2c-2e)B-H. bonds. Each of these bonds 
is formed by the sharina of two electrons between two atoms (or 
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nuclei) namely B and terminal H-atom (i.e. Ht atom). This bond 
i^celXtdtennindltwo-centre-two-elecirmB—YitbondsMd is denoted 
^ (2c—2e) B—H« bondi It is a normal s-covalent bond. Thus we 
see that (2c—2c) B—Hj bond holds two atoms together. 

(6) Two bridgir^ (3c—2e) bonds. Each of these 

bonds is formed by the sharing of two decteons betwe«i three atoms 
(or nudei) namely B*. B» and brictong H (H») atoms This bond is 
cdled bridging tkree-centre-tw^ectron bond and is 

dmotedas (3c-2c)B-H»-B bond This bond makes a bridge 
between two B-atoms and is also called bannana bond. The bridino 
(3c-2e) B»-Hfc-Bs bond holds ihrw atoms (B». B* and H*) 
together. This bond is also called open (3c-2c) B»- H»-b* bond. ' 

How are two B»—H^-B» hoods and four 

tenniBal (2c—2e) B—bonds formed . Both borog atoms in 
arc s/»* hybridised as shown below : • 

2s*. 2pu* 2p^ 2p^ {Boron atom in its ground state) -- 


2s*. 2p** 2pt* 2p * (Boron atom in its excited 


St ate)- 


sp* hybridisation 


(sp*)^ (sp*)^ (-yp*)* sp* hybrid orbitals, one being empty 

and the remaining three are singly-filled] 

5 P» hybridisation scheme shown above makes it evident tb^ 
each B-atom has four j/^y]^rid otbitab, one being empty and the 
remaining three are singly^filled- Nqw. one singly-filled sp* hybrid 
orbital on B*-atom, one eii^ty sp^ hybrid orbital on B -a.om and 
singly-filled Is - orbital on one H»1!itom^overlap together fom 
onr^idging(3c-2c) B>-H*-B* bond. Similarly one empty sp* 
hybrid orbital on fii-atom, one singly-filled sp* hybrid orbital on 
B*—atom and one singly-filled Is orbital on otlmr H* atom 
overiap together and form other bridging (3c—^) B B 

bond.*^Obviou8ly this bond results from s^ (B^)- Is (Ht)—s^ (B ) 
ovarlap. Thus, in all, two bridging (3c- 2c) B> - H» - B bon^ are 
obtained in B,H, molecule. Each of these bon* makes a bri^ 
between the two boron atoms namely B* and B» and holds thnre 
atoms (B*, B* and H.) together (Fig. 18 - 2 ). Sometimes this bond is 
represented as B—H—B or B.....-H.B. 

It may be seen that, after two bridging (3c-2c) B^-H*-B* 
bonds have been formed, two of the four sp® hybrid orbitals o® *^b 
B—atom are consumed in the formation of these bonds and the 
remaining two sp* hybrid orbitals (both being singly-fill^) on e«h 
B-atom are still left unused. Each of these two V^^^sp® hybnd 
orbitals is singly-filled. Each of these two singly-Wled sp® hybrid 
orbitals of each boron atom overlaps with singly-fU cd Is orbital ot 
Htatom to form terminal (2c—2c) B—H* b^d (Fig. 18 2^ >^is 
bond is a normal o-bond and results from sp^{B)- ls(H,) 

This bond holds two atoms (B and Ht) together. Thus we see mat 
BaH« has four terminal (2c—2c) B H« bonds. 
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The formation of two bridging (3c—2e) H6—B* and four 

terminal (2c—2c) B—Hj bonds in B.Hs molecule has been shown in 
Fig. 18-2. 



>QC 


"h* \ ^BridQK>g t3c - 2«t B*-Hb*B*| 

-T*rmirtol I2c'- 2«l 8-H| bM-- 

Formation of two bridging (3c-2e) B*—H.—B* and four 
k^yTheM sh^n'by Empty V* hybrid orbitals 

resona^nc?sti!dJ an?R***® (») Nuclear magnetic 

rcmaStwnT;!i„-^^l^^^^ are of one type while the 

remaining two bridging hydrogen atoms are of differ^type. 

from ^the remaiJi!j>o hydrogen atoms are different 

confamed hv fhl .k bridging hydrogen atoms has also been 

is methylated by B(CH,)„ 

to CHs groups 

to give the telramethyl diborane. (CH,),B,H, whoi struct?rc is 

/CHj 

Ch,/^\h^^'^CH ' bridging H-atoms remain undis¬ 

turbed in the reaction between BjH, and B(CHj) 3 . 

ends o? B Hmeasmements have shown that"* the two 

enas ot BjH, molecule cannot be rotated against each other This 

aiSSein^nl? .shows that theSwo Wdgi?g'hydrog^ 

«oms he m a plane which is at right angle to that in v^ch the ^o 
boron atoms and the four terminal hyd^gen atoms li^ 

Types of Bonds Found In Higher Bonnes 

of bondfof fhe following types 
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or The formation of this bond has already b»-en explained 

in the discussion of B^H, molecule, 

(/v) Closed (3c—2e) B — B—B bond. It links three B-atoms. 
Its formation has been shown in Fig. 18'3. 



Fig. 18'3. Formation of closed (ic--2ff) B—B—B bond. 

It may be seen from Fig. 18 3 that the closed (3c—2e) B - B—B 
bond results by the overlap of three hybrid orbitals on B-atoms 
which are situated at the three corners of an equilateral triangle. 
Thus to this bond each boron atom contributes 2e/3 electrons. 

(v) Open or bridging (3c—2e) B-B—B bond. This bond links 
three B-atoms and is also called Ihoro/i bridge bond. Its formation 
has been shown in Fig. 18*4, 



Fig. 18-4.;;Formalion of a bridging (3c-2e) B—B—B bond. 

It? may be seen from Fig. 18 4 that the bridging (3c—2e) 
B—B—B bond is formed by the overlap of two hybrid orbitals on 
two B-ato^s and one p orbital on the third B-atom. Thus we find 
that the ^fference between these bonds lies in the choice of orbitals 
overlapping together for their formation. Since theoretical studies 
have not shown the presence of bridging (3c-2e) B-B-B bonds in 
boranes, all the structures of boranes shown in this book have closed 
(3c—2c) B—B—B bonds. 

Structure and Bonding io Higher Boranes 

B discuss the bonding in some higher boranes such as 

®4H,o,.B 5H„ BjHii, BjHjg and B,oHi«. 
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1. Tetrabrnraae, B 4 H 10 . In this molecule four B-atoms may be 
regarded as a portion of a slightly distorted octahedron. The 
structure of this molecule has been shown in Fig. 18'5 which indicates 
that this molecule contains : (i) Four bridging (3c-2c) B—H—B 
bonds VIZ B^-H-B*, B*-H-B*, B»-H-B* and B*-H-B* («) one 
direct (2c—2e) B—B bond (B^—B*,bond) {Hi) six terminal 2c) 
B-H bonds namely B»-H, B»-H, B*-H, B*-H, B*-H ani B*-H 
bonds. 

tl H 




Fi|. 18'5. Structure of tetraborane, 

2. Pentaboraae-9, BgH(. in this molecule five B-atoms occupy 
the live corners of a square pyramid. Each boron atom is linked 
with one H-atom by a terminal ( 2 c— 2 c) B—H bond. Four B-atoms 
located in the base of the square pyramid (1 c. basal B-atoms namely 
B^, B*, B® and B* atoms) are bonded to each other by four bridging 
(3c--2c) B-H —B bonds while the B-atom (namely B* atom) locat¬ 
ed at the apex (apical B-atom) of the pyramid is bonded to the 
ba^al two B-atoms (namely B^ and B* atoms) by two (2c—2c) B—B 
bonds. This molecule also contains one closed (3c—2c) B-^B—B 
bond. Thus the structure of this molecule can be shown as depicted 
in Fig. 18'6. This figure indicates that molecule contains five 
terminal B-H bonds (viz B‘—H, B*—H, B*—H, B*—H and B®—H 
bonds), fourWdging B-H—B bonds (namely B*—H-B*.B*—H—B*, 
BS_H_B*, and B®—H—B^ bonds), two B—B bonds (B^—B* and 
B®—B* bonds) and one closed (3c—2c) B*—B*—B* bond. Thus this 
molecule contains all the types of bonds found in higher boranes. 



Fig.7S*6. Structure of pentaborane-cg. 
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3. Peataborane-ll, BsHu. This molecule has aa unsymxaetri' 
cal square pyramidal structure. Like five B-atoms of BgH, molecule, 
the five B-atoms of molecule also occupy the five comers of a 
square pyramid. B* and B^ basal boron atoms afid B^ apical boron 
atom each are linked with two H-atoms by two tatahial B-=-H 
brads while the remaining B^ and B* basal boron atoms each are 
linked with one H-atom by one terminal B—H bond. This molecule 
also contains three brigding (3c—2«) B—H—B bonds and two closed 
(3c—2e) B—B—B bonds. Thus this molecule contains eight terminal 
B-H bonds (viz B^-H, B»-H, B*-H, B*-H, B»-H, B«-H, B^H 
and B*—H bonds), three bridging (3c—2e) B—H—B bonds 
(namely B^-H-B«, B‘-H-B» and B*-H-Bi bonds) and two 
closed (3c—2c) B -B—B bonds (B'—B*—B‘ and B*—B*—B* bonds). 
(See Fig. 18-7) 



Fig. 18‘7. Structure of pentaboraiie—11, B(Hu 

4. Hexaborane-lO, B,fIio- In this molecule the six boron 
atoms lie at the corners of a pentagonal bipyramid. Each boron 
atom is linked with one H-atom by terminal B—H bond. Thus this 
molecule has six terminal B—H bonds namely B^—H, B*—H, B*—H 
B*—H, B‘—H and B*—H bonds. This molecule also contains four 
bridging (3c-2e) B-H-B bonds (viz B^-H-B*, B*-H-B*, 
B*—H—B* and B*—H—B* bonds), two B—B bonds (B^—B* and 
B*—B* bonds) and two closed (3c—2^) B—B—B bonds (B*—B*—^ 
and B^—B*—B* bonds). All these bonds have been shown in 



I 

i 

II 


Fig. 18'8. Structure of hexaborone-^lO, BiHu 
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5. Decaborane—14, The structure of this molecule- 

has been detertuined by X-ray analysis. The boron atoms arc 
uran^^d 'mxwo pentagonal pyramids with an edge common to 
both the ^ntego^I pyramids. This molecule has four bringing 

(3c^^) B—H—B bonds namely B» H w* 

Each oflatoms is’l^J;;;iA 

molecule has ten 

*f/™i®al B^H bonds viz B^—H, B*—H B*—H R*_W w* h 

B«>-H’bonds.’in addition to’ 
B« bW^’hio? also has four B-B bonds (B*-B«, B*-i. 

B1~B»’ V5? ®*o?^,(3c-2e) B-B-B bonds 

B -B -B , B‘-B*-Bi'» and B«-B’-B* bonds). (See Fig 18-9) 
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Metallic Carbonyls and Metallic 

Nitrosyls 


MCTAIXIC CARBONYLS 

The electronic configuration of CO molecule shows that it has 
a lone pair of electrons on carbon and oxygen atom each. Carbon 
atom_ can donate its electron pair to a transition metal atom (M), 
forming OC -*• M coordinate bond. The compounds formed by the 
combination of CO molecules with transition metals are known as 
metallic carbonyls. Since the electrons forming OC -*■ M bond are 
supplied solely by CO molecules, metal atom in carbonyls is said to 
be in zero oxidation state. In metal carbonyls CO molecules act as 
neutral ligands. Depending on the numbtt of metal atoms in a 
given carbonyl, carbonyls have been classified into the following two 
types: 

1. Mononuclear (or monomeric) carbonyls which contain only 
one metallic atom per molecule and are of the type M(CO)». Examples 
are ; V(CO)„ Cr(CO), etc. 

2. Polynuclear carbonyls which contain two or more metallic 
atoms per molecule and are of the type Ma(CO)«. However some 
authors call the carbonyls containing two metal atoms as bridged 
carbonyls and those containing more than two metal atoms as polynu¬ 
clear carbonyls. Polynuclear carbonyls may be homonuclear [e.g. 
Fe,(CO)i,] or heteronucleor [e.g. MnC^COV MnRe(CO)ig]. 

General methods of reparation (i) By direct synthesis. The 
carbonyls like Ni(CO) 4 , Fe(CO)s, Coi(CO)g can be prepared by the 
direct combination of CO with finely-divided metals at suitable 
temperature and pressure. For example : 

ZOO’C, 100 Btm. pressure 
Fe-l-5CO-►FeCCO)* 

Room temp., one atm. pressure 
Ni+4CO-'-►Ni(CO)4 

200°C, 100 atm. pressure 

2CO+8CO---►Co,(CO)* 


/• 
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(ii) By carbonylating the metallic salts with CO in presence of a 
reducing agent. When salts like Rulj, CrCI„ VCl,, CoS,CoCO» Col, 
etc, are treated with CO (carbonylation) in presence of a suitable 
reducing agent like Mg, Ag, Cu, Na , H,, LiAlH, etc, metallic car¬ 
bonyls are obtained. For example: 

11S°C. 70 atm. pressure 

CrOa+CO+LiAlH,-r-— ♦CKCO),-l-Lia+Aia, 

17S°C, 230 atom pressure . 

2Rul,-l-10CO-h6Ag —----►2Ru(CO),-i-6AgI 

2S°C, 210 atm. pressure 

2Mnl,-l- lOCO -I- 2Mg-—►Mn,(CO),o+2Mgl, 

(in diethyl ether) 


200°C, 200 atm. pressure 

2CoS-F8CO-|-4Cu-►Co,(CO),-F2CuaS 

200‘'C, 200 atom, pressure 

2FeS-f- iOCO+2Cu-►2Fc(CO),-l-Cu,S 

200-C, 200 atm. pressure 

2CoIa+8CO-|-4Cu- ►Co,(CO),-l-4Cul 

200°C, 200 atm. pressure 

Fcl,+5CO+2Cu-^—-— -»-Fe(CO)8+Cu,l, 

120-200‘C. 250—300 atm. pressure 

2CoCO,+8CO+2H,-».Co,(CO), 


+2C0,+2H,0 


160°C, 300 atm. preuure 

2Cr(acac),+ 12CO -r3Mg--->-3Mg(acac), 

(in pyridine) 

, , +2Cr{CO), 

(in digiyme) 

MoOs-F 6CO+ 5Na-► Mo (OU),+5NaO 


Sometimes CO acts both as a carbonylating and reducing a«nt. 
For example in the preparation of Os(CO), and Re,(CO>,, from 
OsO, and RcaO, respectively- CO acts both as a carbonylating and 
reducing agent. 

2S0°C. 3S0 atm. pressure 

OsO,-|-5CO---►08(CO),+20, 

2Re,0,-l- lOCO—*-Re,(CO)„-F70, 

V(CO), is prepared by the method represented by the following 
equation: 

100°C, ISO atm. pressure 

'VCl,-F6CO-l-Na-*-V(CO),-l-3NaCl 

(in digiyme) Acidification by H«PO^ 

Here digiyme indicates^liethylene glycol dimethyl ether. 
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Uii) Preparation of M^CO),aiui W{CO), from FeiCO),. Since 

yO ffoups present in FeCCO)* axe labile, they can be reidaced by CP 

Mod, or WCl, and thus Mo(CO). and 
W(CO), can be obtained. Tbus i ^ 

iOO®C, ether 

Moa,+ 3Fe(CO)5-»-Mo(CO),+3FeCl,+ 9CO 

lOOKJ, ether 

Wa,+3Fe(CO)j-;-► W{CO),+3FeCl,+9CO 

nc Irnt S •“ wath ultra-violet light, Fe*(CX)), and 

Os, (CO), are obtained respectively. * * 

ultra*vioIet light 

2Fe(CO),--►Fe,(CO),-(- CO 


20s(C0), 


ultra-violet light 


-*-08,(C0),-l-C0 


c Physical. With the exception of Ni(CO), 

Fe(CO),, Ru(CO), and <>s(CO), which are liquids at or dinar y temper¬ 
atures, *all other carbonyls arc crystalline solids. They melt or 
decojnpose at low temperatures. All are typical covalent compounds 
and for this reason they are soluble in non-polar solvents. • With the 

sol Ale in organic solvents. 
Excepting y(CO)„ all the carbonyls are d^magnetic. V(CO). is 
paramagnetic and its paramagnetic property corresponds to the 
presence of one unpaired electron. The metals in carbonyls are in 
zero oxidation state. ^ ^ 

(6) Chemical (i) Svbstitution reactions. Some or all CO groups 
present in carbonyls can be replaced by monodentate |igiands like 
alkyl or aryl isocyanidc (CNR), PR„ PCl„ py, CH,OH etc. For 
cxanxple : 

Ni(CO),-H4CNR->Ni(CNR), +4CO 

Ni(CO)4-l-4PCl,-»-Ni(Pa,),-f4CO 

Fe(CO),-f2CNR-»»Fe(CO),(CNR),+2CO 

Mn,(CO)i,-|-PR,-»-2Mn(CO)4(PR,)-i-2CO 

2Fc,(CO)„-l-3py-»-Fe,(CO),(py),-l-3Fe(CO), 

2Fe,(CO)„-f 3CH,OH-*-Fe,{CO),(CH,OH),-f3Fe(CO)5 

•ohd solid solid 

ligands like diars, o-phen, NO, etc replace two or 
more (TO groups, at a time. For example: 

MoCCO),-!-^//ar.v -*• Mo(CO )4 (diars)+2CO 

FclCO)t+diars -*■ F^CO\ diars+2CO 
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Ni(CO) 4 +o-p/jc/i-^Ni(CO)s (o‘phen)+2CO 
m&yiA+diars -> Ni(GO)j (diai‘s)+2CO 
CT(CO),-t-2diars -*■ Cr(CO), (diars),+^CO 
Ni(CO)4+-♦Ni(NO,),+4CO 

(«) Action of NaOH or Na metal ; Formation of carbonylate 
anion {Reduction). Aqueous or alcoholic solution of NaOH reacts 
w th Fe(CO)6 to form carbonylate anion, [HFeCCO)^]" 

Fe(CO)5(Fe=0)+3NaOH-»-Na+tH+Fe*~(CO)4]~+NagCO,+H,O 

H-atom in [H'*'F^® (CO)^"' ion is acidic which means that 
Fe-atom in this ion is in —2 oxidation state. 

Na-metal in liquid NH, converts Feg(CO)„ CogCCO)*, 
Fe,(CO) 12 , Cr(CO)„ Mn 2 (CO)i 4 etc. into carbonylate anions and in 
this conversion these carbonyls are reduced. 

Fe,(CO),+4Na-»-2N0,+[Fe*-(CO)4l*~+CO 

(Fe=0) 

Co8(CO)8+2Na-»>2Na+fCo~(CO)4r 

(Co=0) 

Fe3(CO),2+3Na.->-3Na+[Fe~(CO)4]- 

(Fe=0) 

Cr(CO),+2Na-►Na*+[Cr»-(CO) 4 ?-+CO 

(Cr=0) 

.Mn,(CO)io+2Na-*-2Na+[Mn-<CO)»r 

(Mn=0) 

{Hi) Action of halogens. Most of the carbonyls react with 
halogens to form carbonyl halides. For example : 

Fe(CO)5+X,-»»Fc(CO)4X,+CO 
Mo(CO) 4+ Cl*-»-Mo(CO)4Cl2+2CO 
Mn2(CO),o+X,(X=Br, I)-2Mn(CO)5X 

CojCCOlg and NiCCO)* both get decomposed into metallic 
halides and CO when treated with halogens. 

Co2(CO),+2X.-*-2CoX*+8CO 

Ni(CO)4+Br,-»-NiBr*+4CO 

(/v) Action of NO. Many carbonyls react with nitric oxide 
(.NO) to form metal carbonyl nitrosyls. For example : 

95<>C 

Fe(CO)j+2NO-►FeCCO)* (NO),+3CO 

3Fe2tCO),+4NO—»-2Fc(CO),(NO)t+Fe(C01,4- Fe,(CO),* 

+6 CO 

85^C 

Fe,(CO)„+6NO—►3Fe(CO)*(NO)*+ 6CO 
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40®C 

Co,(CO) 8+2NO—*-2Co(COi*(NO)+2CO 

compound, Ni(NO)(OH) with 
Ni(NOKl3o) solution of the composition, 

2Ni(CO)8+2N0+2H,0-^2Ni(N0)(0H)+ 8CO+ Hj 
Ni(CO)4+4NO->Ni(NO)(NOt)+4C0+N*0 

¥ <^bonyl hydrides {Reduction), 
tn /•o K Cot (CO)g react with Hj, they arc reduced 

to carbonyl hydrides, Mn(CO)*H and Co(CO> 4 H resp^ivdy. 

200*’C, atm .'pressure 

Mn4(CO),„+H,-►2[Mn~(CO)5H+f 

. 200 atm. pressure 

Co*(CO)*+H 4 -►2[Co-(CO)*H+] 

tvi) Action of heat. Different carbonyls gi\e different products 
when heated. For example : 

250«C 

Fe(CO)s-►Fe+5CO 

70<’C, Cool 

(ffSlSSl--r3F«(CO>.+ F..(CO),. 

140«C 

Fe,(CO)u-►3Fe+12CO 

S0*C (inert atmoephere) 

2Cos(CO)g- ►Co4(CO)j,+4CO 

ISO’C 

NitCOJ,-»-Ni+4CO 

50*C 

3Fe,(CO),—»-2Fe,(CO)„+3CO 

Structure and Nature of M-CO Boudiug in Chrbonyls 

u *•, carbouyta. The structure of mononuclear 

’'v and Ni(CO )4 have been 

spectroscopy and [except for 
y(CO),]electron-diliTaction. Tim last method has also been used 
for Mo(CO) 8 and WfCO),. All the mono-nuclear carbonyls have 
linear M--CO bonds in which CO group is linked to the nmtal atom 
through the carbon atom, since oxygen atom is more electronegative 
than carbon. 

All the mononuclear carbonyls have the expected diapes. ee 
hcxacarbonyls. M(CO), (M=V, Cr, Mo, W) with M- having wJord- 
nation number (C.N.) equal to 6 have octahedral shape, penta- 
carbonyls, MfCO), (M=Fe, Ru. Os) with C.N. of M=5 have 
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iTigonal bipyramidal shape and Ni(CO )4 (C.N. of Ni=4) has tetra¬ 
hedral shape. Octahedral trigonal bipyramidal and tetrahedral 
Shapes arise due to dsp^ and sp* hybridisation of the metallic 
atom. Each of the empty hybrid orbitals on metal atom overlaps 
with the filled sp hybrid orbital on C-atom of CO molecule [Accord,- 
ing to Coulson the molecular orbital cofiguration of CO molecule is 
fsp)0*, (»/)*=(«,*)*, (sp)c*, (*/)*= (n*.)®, (o,**)® and forms 

M-«-CO'o bond, fin getting the molecular orbital configuration, 
x-axis has been assumed to be the molecular axis and sp hybrid 
orbitals have been obtained b\y the combination of 2s and 2p« 
orbitals]. For example the formation of Ni-«-CO(j bond in NivCO)^ 
molecule takes place by,the overlap between empty jp* hybrid orbital 
on Ni atom and filled sp hybrid orbital on C-atom of CO molecule 
as shown in Fig. 19‘1. Other three Ni-*-CO o-bonds arc formed in a 
similar manner. 

Empty Sjp* hybrid orbital on Ni-otom 

/ ^Filled Sjt)'hybrid orbital bn carbonotom 
f / in CO molecule 

1 

(^i~CO a bond 

Fig. 19-1. Formatiop of one Ni-f-CO o-bond in Ni(CO )4 molecule. 


In case of MlCOlg and M(CO), type carbonyls M-«-CO a bond 
results by the overlap between the vacant dsp^ and d*.vp® hybrid 
orbital on metal atom and filled sp hybrid orbital an C-atom of CO 
molecule. In the formation of M'«-CO a-bond, metal atom acts as 
an acceptor while CO molecule acts as a donor. 


Since the metal atom in metal carbonyls is in zero oxidation 
state, the formation of M^-CO <j bond accumulates a negative charge 
on the metal atom. The accumulation of-negative charge on the 
metal atom can be counterbalanced by transferring some negative 
charge froin the metal atom to CO molecule (ligand). This transfer 
can be done by making a k bond by the overlap between an 

appropriate filled orbital on the metal atom and empty w,* or n,* 


Vaeant Tniol§ci9t‘trMal on CO mlecvk Ni -»cox bond 

Mi + : cs» 0: —^ ot 

0 ^ ^ ^ ^ 

Fif .|19’2. Formation of one Ni -+ CO s bond in Ni (CO), 
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molecular orbital ou CO molecule (See the molecular orbital confi¬ 
guration of CO molecule given by Coulson). For example Ni-»-CO 
ic-bond in Ni(CO )4 molecule results by the overlap between the 
filled d,^ or orbital on Ni-atom [Note that in Ni(CO )4 valence- 
shell configuration of Ni-atom is 3^/,»* 3d.*. 4j® 

and not 3d*,* 3d„* 3d„* 3d**_,* Sd^^. 4^*] and empty n,* or «,* 
molecular orbital on CO molecule (Fig. 19‘2.) 

When we consider the formation of both the types of bonds in 
Ni(CO) 4 , we find that in this molecule two CO molecules are linked 
with Ni atom exclusively by Ni ■*- CO o-bond while the remaining 
two CO molernles are linked to Ni atom by Ni-«-CO o as well as by 
Ni -*■ CO n bonds. Through resonance an average bond order of 
1'5 between Ni and CO is established. 

In the formation of M CO 7c-bonds in MfCO), carbonyls it 
is filled d*,, d„ and d.* orbitals of M atom which are used to overlap 
with vacant n,* and n,* molecular orbitals of CO molecules to form 
M -*■ CO n-bonds, since d.* and di*_,* orbitals of M atom have 
already been used in the formation of six d*5p* hybrid orbitals. It 
can be shown that in M(CO )4 carbonyls three out of six CO mole¬ 
cules are linked with M atom exclusively by M'*-CO o bonds while 
the remaining three CO molecules are attached by M CO a and 
M-♦ CO «-bonds. An average bond order of r92A° for Cr—CO 
bondihas been established in CrfCO)* molecule.. 

In the formation of M->CO «-bond metal atom acts as a donor 
(Lewis base) while CO molecule'acts as an acceptor (Lewis acid or 
ix-acid), since CO molecule receives back-dpjiated electrons from 
the metal atom in low or zero oxidation state into its empty Jt/ or 
n,* molecular orbital. M->CO w bond stabilises the low oxidation 
state of the metal atom in carbonyls. We have already said that 
CO in carbonyls functions as a poor donor, but on the formation of 
M -> CO « bond the poor donor CO ligand becomes a substantially 
better donor. M -> CO bond is also called back donation, back- 
bonding or back coordination. 

Since the formation of M -> CO n-bond takes place in the 
opposite direction of M CO a-bond formation, the formation of 
M CO rt bond decreases the electron density (negative charge) 
accumulated on the metal atom during the formation of MCO 

a-bond. The net result is .hat metal atom in left almost uncharged. 

« 

Thus we see that in carbonyls we have a double bond between 
the metal atom and CO molecule. One of these bonds is a M ^ CO 
a-bond and the other is a M CO « bond. The presence of both 
the bonds in carbonyls strengthens the M — CO bonds and hence 
the stability of the carbonyls is increased. 

It is also clear from the mode of the formation of M CO o- 
bond and M -> CO 7t-bond that in the former bond metal atom is 
acting as an acceptor while CO molecute is acting as a donor. On 
the other hand in the latter bond metal atom is acting as a donor 
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while CO molecule is acting as an acceptor. Consequently in metal¬ 
lic carbonyls both metal and the ligand (i.c., CO molecule) function 
both as donors and acceptors. 


carbonyls, (a) (a?),o. Tc, (CO\^ and Re^ 

>. 7 t:arbonyls. In all these carbonyls each M atom is directly 
linked with the other M atom by a d-bond (M—M a-bond) and five 
tCTminal carbonyl groups (—C=0) by a co-ordinate bond 
(M-e-C=:0). The presence of M—M bond is also supported by the 
diamagnetic nature of these carbonyls. These carbonyls do not have 
bridging carbonyl groups (>C=0) ih between M atoms. Since 
the coordination number of each M atoin in these carbonyls is six, 
each M atom is d^sp^ hybridised. All the electrons in these C'’rbo- 
nyls are paired and hence these carbonyls are diamagnetic. The 
structure of MojCCOlio has been explained in detail on page 585. 


(b) COg(CO)s, Fe^ (CO), and 05,(00), carbonyls. These 
carbonyls contain both types of carbonyl groups which are bridging 
^rbonyl groups (>C=0) and terminal carbonyl groups (—C=0). 
Bridging carbonyl groups exist between two metal atoms. The 
numto of bridging carbonyl groups present in CojfCO), (only in 
one isomeric form), Fe,(CO), and OsjfCO), is 2, 3 and 1 respecti¬ 
vely while the number of terminal carbonyl groups is 6, 6 and 8 
respectively. Each of the bridging carbonyl group is attached with 


the metal (M) by 


M\ 

I )C=0 bond while each of the terminal 


carbonyl groups is attached with the metal atom by OsC-»-M co¬ 
ordinate bond. All these carbonyls have M—M bond. The presence 
of M M bond confirms the diamagnetic nature of these carbonyls. 


3. Trinnclear carbonyls. Here we shall consider the structures 
oi Fe,(CO),,, Ru,(CO)i, and Os,(CO)j, carbonyls. The trinuclear 
corbonyls viz Os,(CO),, and Ru,(CO)i, similar structures 



Fig. 19-3. Structure of M,fCO)„ type 
catbonyls(M—Os, Ru>. 
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while Fe,(CO)i, has a different structure. OSjCCOlij and Ruj (CO)i, 
contain three metal (M) atoms. Each of these is linked with the 
remaining two M atoms. Thus there are three M—M bonds in each 
of these carbonyls. All the three M—M bonds lie in an equilateral 
triangle. Each M atom is attached with four terminal CO groups 
which make an approximately octahedral configuration around each 
M atom. These molecules do not have any bridging CO grouns 
{See Fig. 19-3.) ^ t f 

For the structure of Fe 3 (CO),J see page 590. 

Effective Atomic Number (EAN) Rule As Applied to Metallic 

Carbonyls 

(A) Mononuclear carbonyls having the metallic atom vrith eten 
atomic number. Cr(CO)„ Mo(CO), W(CO)*, FeCCOj^, NKCO)^ etc. 
are the examples of such carbonyls. All such carbonyls obey the 
EAN rule according to which after CO groups have donated a certain 
number of electron pairs to the zero valent metal atom through OC-*M 
a-bonding, the total number of electrons on the metal atom including 
those gained from CO molecules becomes equal to the atomic number 
of the next inert gas. This is shown in Table 19T. 

Table 19 J. EAN rule as applied to mononuclear carbonyls 
having metallic atoms with even atomic number. Note that in all the 
carbonyls metal atom is in zero oxidaiion state. 


Metal carbonyl \ 

No. of electrons 
on the central 
metal atom 
=At. No. of the 
metal atom=Z 

1 No. of electrons 
donated by CO 
molecules=x 

EAN of the metal 
atom in carbonyl 
=Z+x {symbol of the 
next inert gas is given 
in parentheses) 

Cr(CO), 

24 

6x2=12 

24+12=36 (Kr) 

Mo(CO), 

42 

1 

6x2=12 

1 

42 +12=54 (Xe) 

W(CO). 

74 

6x2=12 

74+12=86 (Rn) 

Fe(CO). 

26 

5x2=10 

26+10 =36 (Kr) 

Ru(CO), 

44 

5x2=10 

44+10 =54 (Xe, 

Os(CO), 

76 

5x2=10 

76+10=86 (Rn) 

Ni(CO). 

28 

4x 2>=8 

28+8 ==36 (Kr) 


On the basis of EAN rule it can be explained why Ni atom 
does not form a hexacarbonyl, Ni(CO),. Non-formation of Ni(CO)g 
is because of the fact that EAN of Ni atom in Ni(CO)# would be 
equal to 28-1-2 x 6=40 which is not the atomic number of any of the 
noble gases. 

(B) Mononuclear carbonyls having the metalliic atom with odd 
atomic nnmber. V(CO)g and hypothetical carbonyls viz Mn(CO)g and 
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Co(CO )4 are the examples of such carbonyls. These carbonyls do not 
, obey EAN rule as shown below : 

V=23e~ Mn=25e~ Co=27e~ 

6CO=l2e- 5CO=10e~ 4CO=8e~ 

V{CO\=35e- Mn{CO\=35e~ Co{CO\=-35e- 


(C) Polynuclear carbonyls. Now let us see whether or not 
the polynuclear carbonyls like Mnj(CO)io, Co,(CO)8, Fej(CO), and 
Fea(CO)i 2 obey EAN rule. It has been seen that thew carbonyls 
obey EAN rule, if two electrons from each metal—metal bond pre¬ 
sent in these carbonyls are included in calculating the electrons per 
metal atom. The structures of Mn2((;0)ioi Co*(CO)8, Fe,(CO) 9 , 
Fe,(CO)ij, and Co^fCOln show that these molecules contain one 
Mn—Mn, one Co—Co, one Fe—Fe, three Fe—Fe and six Co—Co 
bonds respectively and hence the EAN per metal atom in these 
molecules is calculated as follows ; 

(/) Mni(CO)i^ : Electrons from 2Mn atoms=25 X2—50 
Electrons from lOCO molecules=10x2=20 

Electrons from one Mn—Mn bond= 1 x2= 2 

Mn8(CO),o=72 
EAN per Mn atom=72/2 
=36(Kr) 

(/i) Cot(CO)g: Electrons from 2Co atoms ■=2x27=54 
Electrons from SCO moleculcs=8x 2=16 
Electrons from one Co—Co bond=lx 2= 2 

Co,(CO),=72 
EAN pe^ Co atom=72/2 

’ =36(Kr) 

{Hi) Fet(CO)»: Electrons from 2Fe atoms =2x26=52 
Electrons from 9CO moleculcs=9x 2=18 
Electrons from one Fe—Fe bond = 1 x 2= 2 

FcafCO;,= 72 
EAN per Fe atom=72/2 
=36(Kr) 

(iv) Fe^CO)it : Electrons from 3Fe atoms =3x26=78 
Electrons from 12CO molecule8= 12x2=24 
Electrons from three Fe—Fe bon ds= 3x2= 6 

Fe,(CO)u=108 
EAN per Fe atom= 10^3 
=36(Kr) 
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(v) Co 4 (CO)ig .: Electrons from 4CO atoms =4x27=108 
Electrons from 12CO moleculcs=12x2= 24 
Electrons from six Co—Co bo nds=2 x 6 = 12 

Co 4 (Co),,= 144 
EAN per Co atom = 144/4 
= 36(Kr) 

18-ElectTon Rale As Applied to Metallic Carbonyls 


The formation of mononuclear carbonyls by transition elements 
with even atomic number fan also be explained on the basis of 18- 
elcctron rule as shown below in Table 19'2 for Cr(CO)*, Fe(CO), 
and Ni(ICO )4 carbonyls. 

Table 19'2. Formation of mononuclear carbonyls having 
metallic atoms with even atomic number on the basis of 
18-electron rule 


Metal carbonyls 

(outer-shell con- 

figuratton -of metal 
atom is given in 
parentheses) 

No. of outer- 
shell electrons 
on the metal 
atom in zero 
oxidation state 
■=*a 

No. of electrons 
donated by CO 
molecules=6 

Total number 
of electrons on 
the metal atom 
=a+b 

Cr(CO)« (Cr=3<iMj‘) 

6 

2x6=12 

6-1-12=18 

Fe(CO), (Fe==-3d* 4f‘) 

8 

2x5=10 

8-1-10=18 

Ni(CO)4 (Ni=.3<i* 4i‘) 

10 

2x4=8 

10-1-8 —18 


The formation of binuclear carbonyls having metal atoms with 
odd atomic number can also be explained on the basis of 18-electron 
rule as shown below for Co 2 (CO)s and Mn*(CO),o carbonyls : 
Co,(CO;, (Co=id» 4s*) Af»»(CO)io {Mn=3d* 4s*) 

2 Co =2x9e~=18e~ 2Mn=2X7e~ =14e~ 

8 CO =2x^-^16e- 10 CO»IOx2e~==20e~ 


Co —Co bond=lx2e~=2e 
Cot(CO),-=36e~ 

4 

Electrons on one Co 

atomf=18e~ 


Mn—Mn bond=2 e 
^ Mnt{CO)io~36e~ 
Electrons on one 4 ^ 
Mn atom—18e~ 


Here it may be noted that although Fe has an even atomic 
number (=26), the formation of its binuclear carbonyl, Feg(CO)g can 
also be accounted for by the 18-electron rule as shown below : 


2Fe(Fe=3d* 4s*)=2 X 8e~=16e~ 
9CO=‘9x2e-=18e~ 


Fe—Fe bond= lx2e —2e~ 
Fc,(CO),=J 6 e~ 
Electrons oii^ane Fe atom=36e~/2=18e~ 
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SOME CARBONYLS 


1. Nickel tetra carbonyl, Ni (CO)*. Preparation. It is 

prepared by : 

(/) passing CO over finely-divided nickel at 60'’C. 

60°C 

Ni-t-4CO-► Ni(CO)* 

Ui) by reducing potassium tetracyanonickelate (II), 
Ka [NiCCN)*] with K-Hg amalgam. When K* [Ni(CN)*] is reduced 
■vith K-Ag amalgam, a red solution of potassium tricyano nickelate 
J), K 2 [Ni(CN)s] is obtained. This compound absorb CO at 90*G, 
probably forming K 2 [Ni(CN)s(CO)). On treating the solution of 
this compound with HCl, Ni(CO)« is obtained. 

90*C 

K2[Ni(CN),]+CO-^ K2[Ni(CN),(CO)] 

4K2[Ni(CN)3(CO)]-t-2HCl-► Ni(CO)4+3K2[Ni(Cl^)«]-f 2KCl-fH, 

(Ni = + 1) {Ni=0) (Ni=+2) 


(Hi) by the action of CO on nickel (II) phenyl dithiocarba- 
mate, Ni(S.SC.NH CjH,) 2 . {Laboratory preparation.) 


2Ni(S.SC.NH C*H.)*-|-4CO — 

Nickel (11) phenyl dithic- 
carbamate (Ni=-|-2) 


Ni(CO)*-fNi(S.SC.NH.C,Hs)* 

(Ni=0) Nickel (IV) phenyl 
dithiocarbamate 
(Ni-+4) 


(zv) by passing CO through an alkaline suspension of Ni(CN)t 
or NiS. 


Ni(CN)t-|-4CO-► Ni(CO)«-f C*N, 

NiS-l-4CO-►Ni(CO)«-i-S 

Properties, (z) It is a colourless liquid, boiling at 43° uid 
solidifying at —2S°C. It is miscible with ■ benzene and is almost 
insoluble in water. Nickel carbonyl is highly poisonous. 

(zz) Action of HtSOt. HsSOi reacts with it as follows : 

Ni(CO)*+H2SO«-► NiSO*+H,-|-4CO 

(z/z) Action of NO. See "General properties of carbonyls’' 
discussed on page 571. 

(zv) Substitution reactions. Some or all CO groups can be 
replaced by monodcntate {e.g. CNR, PCI, etc.) as well as by bidentate 
{e.g. o-phen, 'diars, NO^ etc.) ligands. For the examples see 
"General properties of carbonyls". 

(v) Action of heat. See "General properties of carbonyls". 

(vz) Action of halogens. See "General properties of carbonyls". 

(viz) Action of gaseous HCl. Gaseous HCl decomposes the 
solution of Ni(CO) 4 , evolving H, and CO. 

Ni(CO)*4-2HCl (g) —► NiCl,-hH,+4CO 



Metallic Carbonyls and Metallic Nitrasyls 


579 


Uses, (i) Since Ni(CO) 4 , on heating, is decomposed to 
metallic nickel, it is used in the production of nickel by Mond’s 
process. (//) It is also used in gas planting and also as a catalyst. 

Structure. The vapour density of nickel tetra carbonyl and 
the freezing point of its solution in benzene has shown that the 
molecular formula of this compnud is Ni(CO) 4 . 

Electron diffraction studies made on this compound in the 
vapour state and X-ray diffraction 
studies made on this compound in the 
solid state have shown that Ni(CO )4 
molecule has tetrahedral shape with 
Ni—C—O linear units (Fig 19‘4). The 
Ni—C bond length in this molecule has 
been found to be equal to 1 50 A° 
which is shorter by 0‘32 \° in compari¬ 
son to Ni—C single bond length 
(=182 A°) found in carbonyls. The 
C—O bond length in this carbonyl has 
been found to be equal to 1'15 A° 
which is larger than the C—O bond 
length in CO molecule (=ri28 A"). 

Fig. 19'4 Tetrahedral structure of 
Ni(CO )4 molecule. 

Tetrahedral sha]^ of Ni(CO )4 results fronj sp* hybridisation 
of Ni-atom. Since Ni(CO )4 molecule is diamagnetic, all the ten 
electrons present in the valence shell of Ni-atom (Ni=3</* 4j*) get 
paired in 3d orbitals. Thus the valence-shell configuration of Ni- 
atom in Ni(CO )4 molecule becomes 3r/*®. 45°. OC -* Ni-bond results 
by the overlap between the empty sp* hybrid orbital on Ni-atom and 
doubly-filled sp hybrid orbital on C atom in CO molccule.(Fig 19.5.) 

3d 4S 

Free Ni atom Cid'. 

4s*. 4p") 


Ni atom in 

Ni(CO)4 

(3d".4i°.4p‘') 


NifCO), molecule 
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sp* hybridisation—tetrahedral 
shape of NifCO), molecule 

Fig. 19.5. jp* hybridisation of Ni atom in tetrahedral Ni(CO) 4 . 

X X indicate the electron pair donated by CO molecules. These 
electrons are in opposite spin. 
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It is to be pointed out here that, due to the formation of four 
OC-*-M bonds, a large negative charge is accumulated on the 
central Ni atom. This is most unlikely. In such a situation, Pauling 
suggested that the double bonding takes place with the back 
donation of ^/-electron from Ni atom to CO ligands to such an 
extent that electfoneutrality principle is obeyed. According to this 
principle the electron pair is not shared equally between Ni and 
C-atoms of CO ligands but is atrracted more strongly by C-atom 
which prevents the accumulation of negative charge on Ni-atom and 
is in keeping with the greater electronegativity of C-atom compared 
to Ni atom (C=2'5, Ni = l' 8 ). 

2. Iron pentacarbonyl, Fe(CO)j. Preparation. It is pre¬ 
pared : 

(/) by the direct combination of CO and iron metal. 

200°C, too atm. pressure 
Fe-f SCO-► FefCO'** 

Cf/I by carbonylating FeU or FeS with CO in presence of 
Cu-metal which acts as a reducing agent. 

200'C, 200 atm. pressure * 

Felj-f 5CO-t-2Cu-- FeCCOls+CuJj 

200°C, 200 aim. pressure 

2FeS-l- 10CO-1-2CU-^-» 2 Fe(CO) 5 -t-Cu 2 S- 

Properties. fil FefCO\ is a yellow liquid which is soluble 
in methyl alcohol, ether, acetone and CgH,. It is insoluble in H^O. 

(//I Decomposition. On thermal decomposition at 250‘’C, it 
gives pure Fe. 

250°C 

2 Fe(CO )5 -»■ Fe4-5CO 

(Hi) Action of ^llra-violet light. When cooIe«l solution of 
Fe(CO )5 m glacial CH 3 COOH is irradiated with ultra violet light, 
FcalCO), is formed. 

ultra-violet light 

2Fe(CO)5-Fe2(CO),+CO 

The above reaction is reversed in darkness. 

(iv) Hydrolysis. Fe(CO )5 is hydrolysed by HgO and acids. 

Fe(CO) 5 -|-H 2 SPg-> FeSOg-fSCO-l-Ha 

(v) Action of alkalies. When heated with aqueous or alcoholic 
solution of NaOH, carbonylate anion, [Fe^“ (COlgH+J” is formed. 
The hydrogen atom in this anion is acidic which means that Fe is 
in —2 oxidation state. 

Fe(CO),-f 3NaOH-> Na+[Fe*-(CO)*H+]--l-Na.CO,-f HgO 

(Fe=0) (Fc=.-2) 
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(v/) Action of NH^. With NH, it gives Fe(CO) 4 H, and-carba- 
mic acid, NH*COOH 

Fe(CO\+HjO+NH3 —► fe(CO)4H,+NH2COOH 

\vii) Reaction with halogens. It reacts with halogens in non- 
aqueous solvents to form the stable fetra-carbonyl halides, 
Fe(CO)4X3. 

Fe(CO) 5 +X* —► Fe(CO) 4 X,+CO 

The velocities of these reactions follow the order Cl<Br<I. 

(v/Ji) Reactions with ethylene diamine (en) and pyridine (py). 
When FefCOlj reacts with ethylene diamine (en), an addiUon 
product. Fe(CO >5 (en) is formed. Pyridine (py) reacts with it to 
give tFefpj') 4 ] [Fe 4 (CO)i»]. 

FefCO) 5 +ew-> Fe(CO)s(en) 

5 Fe(CO) 5 + 6 /)y-> [Fc(p>>),l [Fe 4 (CO)ij]+12CO 

(;x) Reaction with NO, Iron carbonyl nitrosyl, 

FefCO^jfNO). is formed when FefCOs reacts with NO at 95 C. 

^ Fe(CO) 5 + 2 NOFe(CO),(NO),+3CO 

*(x) Action on metallic and non-metallic halides.- The reactions 
between FefCOlg and metallic or non-metallic halides can be 
divided into two categories : 

(a) When FefCOlg reacts with the halides like CCI 4 , SOjCl,, 
SnCl« SbClg and CuClj, halides or carbonyl halides of Fc (11) are 
formed. Thus the oxidation state of Fe increases from zero to + 2 . 
For example : 

FefCOg-f 2CCI4->■ Fe*+CU+C*Cle+ 5 CO 

FeCCOls-FSOjCl* —► Fe*'''Cl2H-S02-l-5C0 

Fe(CO)s-FSnCl4-*■ Fe*+(CO) 4 Cl»-l-SnCl 2 -+-CO 

Fe(CO)*-l-SbCU-► Fe*+(CO) 4 CU-l-SbCI,-|-CO 

.. Fe(CO) 5 -t- 2 CuCl 2 -*• Fe*+Cl*-|-2CuCl+5CO 


(fc) ' When FefCOlg reacts with WCl, or MoCl„ all the CO 
groups present in FefCO)*, being labile, are replaced by Cl-atoms. 
Thus in this reaction, Fe(CO)s acts as a dehalogenating and 
carbonylating agent. Oxidation state of Fe is increased from zero 
to -1-2 (in FeCla). 

100°C, ether 

MCl 4 (M=W, Mo)+Fe(CO) 5 —^->-M(CO) 4 -l- 3 FeCl 2 -t- 9 CO 

(xi) Action of air. When Fe(CO)s is burnt in air, FcjOj is 
obtained. 

Burn 

4Fe(C0)s+30.-»- 2 Fe 30 ,-i- 2 QCO 

Structure. The vapour density and freezing point depression 
of iron pcntacarbonyl in QH* solutioL ..is '■hown ;Lat the molecu- 
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4ar formula of this compound is 
FeCCO)^. Electron diffraction, 
Raman and infra-red studies of 
this compound have shown that 
Fe(CO )5 molecule has trigonal 
bipyramidal shape (Fig. 19'6) Elec¬ 
tron diffraction study of Fe(CO)j 
in the vapour state has shown that 
Fe—C axial bond and Fe—C 
basal bond lengths are equal to 
F797A° and r842A'’ respectively 
While X-ray study has shown that 
these bond lengths are almost the 
same. Trigonal bipyramidal shape 
ofFeCCOIs results from dsp^ hy¬ 
bridisation of Fe-atom. (See 
Fig. 19 7) 



O 

Fig. 19'6 Trigonal bipyramitlai 
structure of FefCO)}. 


In this molecule Fe is^ in zero oxidation state and since 
Fe(CO)( is diamagnetic, all the eight electrons in the valence-shell 
of Fe aiora (Fe = 3rf* . 4r*) get paired in orbitals. Thus the 
valence-shell configuration of . Fe atom in Fe(CO), becomes 
3d*. 4i® . OC Fe a-bond results by the overlap between empty 
dsp* hybrid orbital on Fe-atdm/and doubly-filled sp hybrid orbital 
on C-atom in CO molecule. 


Free Fe atom 
4 j* . 4i»') 


Fe atom in FefCO). 
(3rf*. 4 j' . Ap*) 


Fe(CO)» molecule 
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dsp* hybridisation—trigonal bipyra¬ 
midal shape of Fe(CO), molecule 

Fig. 19'7. tfsp* hybridisation of Fe atom in trigonal 
bipyramidal Fe(CX))» molecule. 

3. Chrominm hexacarbonyl, Cr(CO),. Preparation. (/) 
By carbonylating CrCl| with CO in presence of a reducing agent 
like lithium aluminium hydride, LiAlHs. 

17S*C, 70 atm. pressure 

CrCl,-|-CO-f LiAlH«--*. Cr(CO),-|-LiCl-fAlCl, 
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IT treating CrCl, with CO in presence of C.HjMgBi 

\Job s Grignard reaction) under appropriate conditions. 

Properties, (i) Chromium hexacarbonyl is a white solid. 
Crystals of Cr(CO), are soluble in efher, chloroform, CCI 4 and 


( 1 /) It is resistant 
not react with air, cold 
HNO,). 


to chemical attack. For example it does 
aqueous alkalies and acids (except cone. 


(Hi) Decomposition. It is decomposed by F, at —75°C to form 
CrF g. 


(iv) Action of Sa-metal or'NaBHt in liquid NH^ : Formation of 
carbonylate anion (.Reduction). When Cr(CO)e treated with Na- 
metal or NaBH* in liq. NH*, carbonylate anion is formed. In these 
reactions the carbonyl is reduced. 

liq. NH, 

Cr(CO), (Cr=0)+2Na---i-Na,+ 2 {Cr*-(CO) 5 ]*-+CO 

NaBH 4 /liq. NH, 

Cr(CO).(Cr== 0 )-v Nai+[Cr»-(CO)io]*-+2CO 

(v) Substitution reactions. Some CO groups present in 
Cr(CO)* can be replaced by pyridine (py) to "get a number of pro¬ 
ducts. 


+py +py +py 

Cr(CO). —> Cr(CO) 4 (p;;)* —► Cr*(CO),(p>>)s — >Ct(CO)g(j,y)^ 

yellow brown yellow red bright rjd 

solid solid solid 

Structure. The elecron diffraction study of Cr(CO), molecule 
in vapour state has shown that the molecule has octahedral shape. 
(Sec Fig. 19'8j. Cr-C and C—O 


bond lengths are r92 A and 
r 16 A respectively. Octahedral 
ahape results from d*sp* hybridi¬ 
sation of Cr-atom as shown in 
Fig. 19’9. In this molecule Cr- 
atom is in zero oxidation state 
and since Cr(CO)* is diamagne¬ 
tic, all the six electrons in the 
valence-shell of Cr-atom (Cr= 
3d* . As^) get paired in 3d-orbi- 
tals. Thus the valence shell confi¬ 
guration of Cr-atom in Cr(CO), 
becomes 3d* 45 ®. OC-^Cr ff-bond 
results from the overlap between 


O 

III 



Fig. 19-8. 


Octahedral structure of 
Cr(CO), molecule. 

an empty d^sp* hybrid orbital on Cr-atom and doubly-filled sp hybrid 
orbital on C-atom in CO molecule. 
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Free Cr atom (34*. 
4r». 4p*) 


Cratom in 
Cr (CO), 
(3rf*.4r*.4p'') 
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d*sp* hybridisation—octahedral shape of 
Cr(CO), molecule 

Fig. 19 9. d*sp* hybridisation of Cr-atom in Cr(CO), molecule. 

4. Dimanganese deca carbonyl, Mnt(CO)(. Preparation, 
(i) By carbonylating Mnl* with CO in presence of Mg (in diethyl 
ether) which acts as a reducing agent. 

2S«C, 210 atm. pressure 

2MnI,+ 10 CO+2Mg (in diethyl ether)-- 

Mn*(CO),o+2Mgl, 

(ii) By carbonylating MnCI, with CO in presence of 
(C,H,),CONa. 

IW^C, 140 atm. 

2MnCl,+ 10CO+4(C,H5)*CONa-»■ Md,{CO)m 

presauie 

-t-4(C,H5),CO+4Naae 

Properties. (/) It is a golden yellow crystalline substance. 
It has m.pt. = 155®C and sublimes in vacuo It is soluble in organic 
solvents. It is slowly oxidised in air, especially in solution. 


(ii) Action of halogens. Mni(CO),o reacts with halogens to 

form carbonyl halides, Mn(CO) 5 X. 

Mn,(CO),o+X*(X=Br, 1)-► 2Mn(CO)5X 

(Hi) Action ofNa-metal. Na-mctal in liquid NH, converts 
Mn,(CO)io into carbonylate anion. In this reaction the oxidation 
state of Mn decreases from zero to —1. 

liq. NH, 


Mn,(CO)io(Mn=0)+2Na 


2Na+[Mn-{CO)J- 
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(iv) Action Mn,(CO)io gives carbonyl hydride, Mn(CO),H, 
In the formation of this compound the oxidation state of Mn de¬ 
creases from zero to —1. 

200<“C, 200 atm. pressure 

Mn2(CO)io(Mn=0) + Hj-y 2[Mn"(CO)gH+]‘’ 

(v) Substitutioiureaction. Mn 2 (CO),o reacts with PR. to form 
Mn(CO)4(PR3). 

Mn2(CO),o+PR3-2Mn(CO)4(PR,)-i-2CO 

(vi) Diamagnetic nature. Mn 2 (CO)io is a diamagnetic subs¬ 
tance. Diamagnetic character confirms the facts that all the elec¬ 
trons in Mn 2 (CO)io are paired and Mn—Mn bond is also present 
in it. 


Structure. The molecular weight of this compound indicates 
that this compound has dimeric formula, Mn 2 (CO)io. The infra¬ 
red absorption spectral and X-ray diffraction studies made on 
Mn,(CO )3 molecule have shown that in this molecule each Mn- 
atom is directly linked with the other Mn-atom by a o-bond 
(Mn—Mn o-bond) and to five terminal carbonyl groups (—C=0) 
by a Co-ordinate bond (Mn^CO “co-ordinate bond). The 
presence of Mn—Mn o-bond is also supported by the diamag¬ 
netic character of Mn 2 (CO), molecule. Mn—Mn bond distance 
has been found tp be equal to 2'79 A° (Fig. 19 10). It may 
be seen that co-ordination number of each Mn-atom in this mole¬ 
cule is six and the molecule has no bridging carbonyl groups 
<>C»0) in between two Mn-atoros. 
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Fig. 19-10. Structure of Mn,(CX)),, molecule. This structure 
in its simplified form is shown at the right hand 
side. 


Since the co-ordination number of both Mn-atoms is six, both 
Mn-atoms are hybridised as shown in Fig. 19‘11. Mn—-Mn 
bond results by the overlap of one singly-filled </*«/>* hybrid orbital 
on one Mn-atom with the hybrid orbital on the other Mn- 

atom. Five vacant hybrid orbitals on each Mn-atom accepts 
a lone pair of electrons donated by the C-atom of the five term inal 
carbonyl groups and form five Mn-*-CO co-ordinate bonds. Such 
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”"‘® formed. Thus we see that all the electrons in 
Mn,(CO)io become paired and hence the molecule has diamagnetic 
character. Note that the valence-shell configuration of Mn-atom 
in Mnj(CO)io is . 4s® and not 3d* . 4j*. 


Free Mn-atom 
(3d* . . 4p°) 


One Mn-atom in 
Mn,(CO)i, molecule 
(3<r . 45* . 4p®) 


Other Mn-atom in 
Mn,(CO)io molecule 
(3d’. 4s« . 4p«) 



Fig. 19-11. d’sps hybridisation of each Mn-atom in Mn,(CO)io molecule. 


5. Dicobalt octacarbonyl, CoglCO'g. Preparation. It 
IS prepared : (/) by the direct combination of CO with cobalt 
metal. 


200°C, 100 atm. pressure 

2CO+8CO-- Co 2 (CO)*. 

(n) by carbonylating CoS or Col. with CO in presence of 
Cu-m^alorby carbonylating CoCO, with CO in presence of H,. 
Here Cu-metal and H* both act as reducing agent. 


200®C, 200 atm. pressure 

2CoS (or 2CuIj)+8CO-l-4Cu-- Co 2 (CO)g 

+2Cu 2S (or 4CuI) 
' 120-200°C, 250-300 atm. pressure 

2CoCOs+ 8CO+2H2-- Co2(CO)g 

+ 2H2O 


Properties, (i) Coi(CO )8 is an orange brown crystalline sub¬ 
stance having m pt. = 5rc. It is soluble in alcohol, ether and CCI 4 
The carbonyl is air sensitive both in the solid and solution states. 


(ii) Action of heat. It is thermally decomposed at 50°C in an 
inert atmosphere to give tetra cobalt dodeca carbonyl, Co 4 (CO)i,. 

SO^C 


2Co,(CO)4 


♦ Co4(CO)i,-1-4CO 
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o °/. 0 ° exposure lO air, dicobalt octatarbonvj 

IS converted into ueep violet basic carbonate of cobalt. 

carbonyl hydride 

{Reduction). When Coj(CO)j reacts with at IdSX and 200 
[Co-(CoTh+]‘'’ carbonyl hydride. 

165®C, 200 atm. pressure 

Co 2 (CO) 8 +H 2 -- 2 [Co~(CO) 4 H+]'> 

(v) Action of Na-metai in iiq. NH 3 ; Reduction. When CojfCO), 

reacts with Na-metal in liq. Na-meta! below —TS'C, it gets reduced to 
carbonylate anion, [Co~(C 04 )r. “ 

liq. NH, 

Co 2 fCO)g+ 2 Na- 2 Na+[Co-(CO) 4 ]- 

(vi) Disproportionation reactions. There are two tvpes of such 
reactions in case of CoatCO)*. 

(a) Strong bases having nitrogen or oxygen donor atoms 

cause disproportionation into Co( +2) and Co(— 1) For 

example : \ 

-^2[Co(NH3)4] [Co(CO)4], + 8CO 

(Co-O) (Co=+2) (Co=— 1 ) 

(b) - With isocyanides, phosphines, arsines and stibines, howe- 

ever, the disproportionation reaction gives penta-coordi- 
nate cobalt ( 1 ) cation. 

Co*(CO)8+5CNR->[Co(CNR)4] [Co(CO)4]+4CO 

(Co=0) (Co= + l) (Co=-l) 

(viO Action of NO. Co 2 (CO)g reacts with NO at 40°C to form 
cobalt carbonyl nitrosyl, [Co-{CO),(NO)+]«. Thus in this reaction 
cobalt decreases from zero (in corbonyl) to 

+2N0 —>[Co-(CO),< NO+Jo+2CO 
(Co=0) (Co=-]) 

Co (Cof ItfcoV (X*) decompose 

Co*(CO }8 into C 0 X 2 and CO according to the following equation 

Co,(CO),+2X*-»-2CoX,+8CO 

h-. of the solution of this compound 

-compound exists in two isomeric 
forms. One of these forms has a bridged structure while the other 
^ "on-bridged structure. The bridged structure has two 

Co—ofhon?°Fl.or“f tCTminal carbonyl groups and one 

Co-atoms is directly linked with the 
other ^-atom by a Co—Co bond, with two bridging carbonyl erouns 
and vmh three terminal carbonyl groups. Co-Co®bond distance L 

'tJttal to 2-52 A. In this struc- 
coordination number of each Co-atom is six and hence both 
are</ sp* hybridised as shown in Fig. 19T2. Three d*sa* hv- 
each <^-atom (which arc vacant) accept a lone pair 
*he C-atom of the three terminal carbonyl 

S.n'Ju* *°r co-ordinate bonds. Such sfx 

bonds are formed. One hybrid orbital on one Co-atom (singly- 
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filW) overlaps with the d*sp* hybrid orbital on the other Co-atom 
(singly-filled) and forms one Co—Co bond. Two d*sp* hybrid orbitals 
on each Co-atom (singly-filled) overlap with the appropriate orbital 
(singly-filled) on Cratom of the two bridging carbonyl groups and 
form Co—Co bonds. Thus we see that all the electrons in Cos(CO )8 
become paired and hence the molecule has diamagnetic character. 
Note that the valence-shell configuration of each Co-atom in 
CojCCOig is 3d® . 4i^ and not 3d’ . 4 j*. 


Free Ck)-atop 
(3d> . 4i* . V) 


•one Co-atom in 
Co^CO\ molecule 
(3d* . . 4^") 


Other Co-atom in 
Co,(CO)i molecule 
(3d* . 4 j' . 4/)«) 



Fia. 1912. d*«* hybridisation of Co-atom in CodCOli molecule, x x 
represents the electron pair donated by carbon atom of 
terminal carbonyl groups while the dot ( . ) represents an 
electron on carbon atom of bridging carbnoyl groups. 4 t 
represents the electron pair on Co-atom. 

The non-bridged structure has one Co—Co bond pd eight 
terminal carbonyl groups. Each of the tw Co-atoms is directly 
linked with the other Co-atom by a Co^Co bond and with four 
terminal carbonyl groups. The prwence of Co-—Co bond in both me 
forms is also supported by the diamagnetic cbaractCT ot '-^.'s 
molecule. The two isomeric forms have little difference in tteir 
energies and exist in equilibirium with each other m a given solution 
(See Fig. 19'13). 
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Ka. I9‘3. Two isomeric forms of Co«(CO)( listing in wtHlibitiiOT ^th 
each othw in a given solution. One form has bridged structure 
while the other form has a non-bridged structure. 
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At very low temp»ature the bridged structure predominates 
and as the temperature is raised, the non-bridged structure appears. 

X-ray study of the crystal of Cot(CO)g has shown that the 
molecule in the solid state has bridged structure which is similar to 
that of one of the isomeric forms of this molecule in solution. On 
the basis of electron diffraction study various bond lengths are ; 
Co—C o=2-52A. Co—C(/» rMgiaig)=r92 a, C—O {bridgmg)=V2\ 
A, Co—C (/<’rmftffl/)=0'80 A and C—O Uernnnai) — ]'!! A. 

6. Di-iron ennea carbonyl, FotfCO)^. Preparation. FttCO'« 
is obtained as golden crystals when the cooled solution of Fe(CO)« 
in glacial CHsCOOfl is irradiated with ultra-violet light for si\ 
hours. 

ultra-violet li^t 

2Fe(CO\-i-Fe,(CO).+CO 

Properties. (/) FcafCO), forms triclinie crystals which are 
diamagnetic. It is slightly soluble in alcohol and acetone and more 
so in toluene and pyridine and almost insoluble in water, ether, 
CjH, and many other organic solvents. It is non-volatile. 

( //■) Action of heat. When warmed to 50°, it gives FcslCOli-j. 

50*C 

3Fe,( COIs—*-2Fe,(CO)„-i-3CO 
When its solution in toluene is heated at 70°C and then ctwled, 
green crystals of FesfCOlis are obtained. 

70“C, cool 

3Fes(CO), (toluene solution)-► 3Fc(CO),-|-Fe3(CO)i5. 

'Hi) Action of NO. With NO it gives Fe(CO)*(NO)j together 
with Fe(CO), and Fe,(CO)u. 

3Fe,(CO),-F4NO-^2Fe(CO)a(NO),-|-Fe(C6),-!- Fe,(CO)„-|- 6CO 


(iv) Action of pken. In acetone or benzene solution at 80' 
FctCCO), reacts with phen to form [Fe(pAe»),][Fe,{CO),l. In pyridine, 
with phen it gives lFe(p/;cn)|][Fe 4 (CO), J. 

(v) Action of (Jcali metals. Carbohj late anion is obtained in 
its reaction with Na in NHt solution 


liq. NH( 

Fe,(CO),(Fe«=0)-l-4Na-► 

2Na*+ [Fe»-(CO) 4 r+CO 

Stmeture. Infra-red and X-ray 
crystal studies made on FetfCO), mole¬ 
cule have shown that in this molecule 
each Fe atom is directly linked with the 
other Fe-atoni by a 8-bond (Fe—^Fe 
8 -bohd), to three bridging carbonyl 
groups (>C==0) by a a-bond (Fe—C o- 
bond) and to three terminal carbonyl 
groups (—C=0) by a co-ordinate bond 
(Fa*-C co-ordinate bond). The presence H 
of Fe—Fe bond is also support^ by the 
diamagnetic character of Fet(COi« mole¬ 
cule. Fe—Fe bond distance has been 
f und to be equal to 2'46 A (see Fig. 
19" 14). The terminal C—O bond dut- 



2 46A 


2 41 



Pig. 19'14. Structure of 
Fe,(00)i molecule. 
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tances are smaller than the bridging C—O bond distances. From the 
stnmture given in Fig. 19*14 it may be teen that the coordination 
number of each Fe atom is not equal to 6 but equal to 7. 

7. Tri-iron dodcca carbonyl. Fe|(CO)ii. Pl^aration. It 
is prepared (/) by heating toluence solution of Fei(CO)« to 7(rc and 
then cooling the solution. 

70*C, cooling 

3Fc*'CO), (toluene solution)->3Fe(CO),-l-Fe«(CO)i, 

(//) by the oxidation of Fe(CO) 4 Hy with HiOt or MnO*. 

3Fe(C0)4H,-|-3H,0,—►Fe,(C0),*-l-6H*0 
3Fc(CO)4H*+3MnO*-l-3H*SO«-»-Fe,(CO)„+ 3 MnS 04 + 6 H *0 

Properties. (/) Fe,(CO)ii forms deep green crystals which 
are solubte in organic solvents like toluene, alcohol, ether and 
pyridiim. 

(fi) Action of heat. When heated to 140®C, Fei(CO)it decom¬ 
poses to give metallic iron and CO. 

140*C 

Fe,(CO)u->3Fe-|*12CO 

(ill) Rt action with Na. Carbonylate anion is obtained when 
Fe,'CO)it reacts with Na metal in liq. NH^ 

ik|. NH* 

Fe,(CO>i,-l-6Na-► 3Na*+[Fe‘-(CO)4l*' 

(iv\ Substitution reactions. These reactions occur with pyridine 
ipy) and methyl alcohol as shown below : 

2Fe,(CO)i,-l-3py—»>Fe,(CO),(py),+3Fe(CO), 
2Fe*(CO)i*-|-3CH^H—>Fe,(CO),(CH/)H),+3FeiCO), 

(v) Action of NO. At 85* it reacts with NO to form iron 
dicarbonyl ^nitrosyl, Fe(CO)*(NO)*. 

Fe,(CO}„-l-6NO—-^3Fe(CO),(NO),-l-6CO 
Stractarc. The molecular weight detenpination of this com¬ 
pound corresponds to the molecular 
formula, Fes-COlu. X-ray study 
made on Fe/CO)it molecule has 
shown that in tlds molMule (a) 

Eabh of the two Fe-atoms is linked 
with three terminal carbonyl groups, 
two bridging carbonyl groups and to 
the third Fe-atom (h) The reauuning 
third Fe-atom is linked with four 
terminal carbonyl groups and to 
each of the two Fe-atoms (e) Ibree 
Fe—Fe bonds are also pmient. Each 
Fe—Fe bond distance has been found 
to be equal to 2‘8A (Fig. 19*15). 

P*^C=0 bridges are unsymmetri- 
cal. 

(3b 



Fig. 19'1S. Simetare of 
molecule. 
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When we compare the structures of FcoCCO), and FegfCOis, 
we find that the structure of Fej(CO)i 2 can be obtained by replacing 
one bridging carbonyl group (>C=0) present in Fe,(CO), by 
Fe(CO)4. 

->C=0 +Fe(CO). 

Fe*(CO),-v FejfCOg —->■ Feg(CO)i, 

METALLIC NITROSYLS 

Metal nitrosyls are coordination compounds in which NO 
molecule is attached as NO"*" ion to metal atom or ion. In these 
compounds the attachment of NO+ ion to the metal atom or ion 
takes place through N-atom. In these compounds NO+ ion which 
is called nitrosonium or nitrosyl cation acts as a ligand. The co¬ 
ordination compounds of transition metals containing NO"*" ion as 
ligand are called metal (or metallic) nitrosyls. Examples of metal 
nitrosyls are given below : 

(0 Metal nitrosyl carbonyls. Important examples of this type 
of co-ordination compounds are [Co"(NO+) (CO).]®, [Fe* (NO+)., 
(CO)j]“. [Mn* ('NO+)j(CO)]‘’, tMn-mO+) (€ 0 ) 4 ]°, [V-(NO+) (CO).T 
etc. 


(ii) Metal nitrosyl halides. These compounds are represented 
by [Fe-(NO+) 2 l]j. [Fe-(NO+)2ir, rFe°(NO^)l]“, [Fc--(NO+),Cir, 
[Co“(NO+)jiX]°, [Ni^lNO+lXf (X-=C1, Br, 1), rM^CNO+lXl.r (M = 

Mo or W). 


(Hi) Met^ nitrosyl thio complexes. These coordination com¬ 
pounds arc given by only Fe, Co and Ni. Examples are M‘''[Fc~ 
(NO+),S]-. [M+Co-(NO+),S)-, M+[Ni-(NO+) 2 S]“ (M=Na+, K+. 

O'v) Metal nitrosyl cyano complexes. Examples of this type of 
complexes are [Mn+fNO+iCCN)*]*-, [Fe'+fNO+KCN)*)*-, [Mn+ 
(NO+)iCN)j]* , [Mo^INO+KCNlg]* . Among these complexes, 
pentacyano nitrosyl ferrate ( 11 ) ion. [Fe*+(NO+)(CN) 5 ]*" is the most 
important. 


(v) Miscellaneous metal nitrosvl complexes. Nitrosyl com¬ 
plexes like [Co+(NO+)(NH0s?+; [Co+(NO+)(NO*) 5 p-, [Fe+ 

(NO+)]*+, [Ru*-*-(NO+)(NH,)«Cl]*+ [Ru*+(NO+)Cl 5 ]*-, [Fe*-(NO+), 
(PR*)*]” etc. Among these complexes, [Fc'^(NO+)]'''' is the most 
important. 


Ps^paratlon. ( 1 ) Metal nitrosyl carbonyls can be obtained 
by the action of NO on metal carbonyls, e.g., 

95* C 

Fe(COtj4-2NO->Fe(CO),(NO),-l-3CO 

3 Fej(CO)« -I-4NO >- 2 Fcf COigt NOl^-i- Fef CO)^ 

-|-Fe,(CO>, 2 + 6 CO 

85® C 

Fe 3 (CO), 2 -f 6 NO-*-3Fe(CO)j(NO)s+6CO 

40® C 

Co 2 (CO).-f:NO—►2Co(CO),(NO)+2CO 
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(fi) Metal nitrosyl halides can be prepared : (a) by the action^ 
of NO on metal halides in the presence of a suitable metal (e.g. 
Co, Zn etc.) which acts as a halogen acceptor, e.g., 

CoX 2 + 4 NO+Co—► 2 [Co(NOl 2 X] 

2 Nil 2 + 2 NO+Zn—►2[Ni(NO)I]+ZnI, 

(b) by the action of hologen on nitrosyl carbonyls, e.g.. 

2 [Fe(CO),(NO),]+I*—>[I'e(NO),13,+4CO 
Properties of metal nitrosyl carbonyls (i) Substitution 
reactions. In metal carbonyl nitrosyls, NO+ ions are more firmly 
attached with the metal ion than the CO groups. It is for this 
reason that when metal carbonyl nitrosyls are treated with ligands 
like PR,. CNR, phen etc , it is only CO groups that are replaced by 
these ligands, e.g., 

Fe(CO),(NO),+2L(L=PR„ CNR)->Fe(L),(NO),+2CO 

Fe(CO),(NO),+ptoi-^Fe(phoi)(NO),+2CO 

(ii) Action of halogeiis. Many metal carbonyl nitrosyls, when 
treated with halogens, ate converted into metal nitrosyl halides, 
eg.. 

2fFe(CO)s(NO),]+I,-^tFe(NO),l],+4CO 
Properties of metal nitrosyl halides, (i) Metal nitrosyl 
halides react with other ligands to form mono-nuclear complexes, 

^•^*9 

[FetNO),Xl,+2L-»2[Fe(NO),XL] 

(n) Iron nitrosyl halide, [Fe(N01,l), reacts with K,S^ and 
CH,C1 to form dark red compounds which have the composition, 
KJFetNOlaS], and [Fe(NO)g(SCH,)l, and are called Roussin's stdts. 
In these compounds Fe is in — l oxidation state. 

+1W +CH,C! 

rFe(NO)gl],—»-K,[FefNO)*S]j-*• [Fc(NO)g(SCH,)], 

-2KI * -2KC1 

SOME METALLIC NinOSYLB 

Now let us make study of sodium nitroprusside, NarfFe?* 
(CNljiNO'*')] and nitrosoforrous sulphate, FeSO 4 .NO or [Fe+(NO+)l 
SO 4 which are important metallic nitrosyls. 

1 So^um nitroj^mssidc, NsJTs?'»'(CN),(NO+)J. Preparation. 
It is prepared ( 1 ) by the action ot NaNO, on Na 4 [Fe*^CN),l. 

Na 4 [Fe*+(CN),l+NaN 0 ,+H, 0 —♦Na,[Fe*+(CN),lNO+)l-»-?NaOa 

(it) by pusing nitric oxide (NO) into acidified solution 01 
Na.lFe(CN),l. 

2 Na 4 [Fe(CN)J+H,S 04 +3NO-*2NaiFe(NO)(CN)J-|- 2NaCN 

+Na,SO*+l/2 Ns-FHgO 

- Properties, (i) Sodium nitropnnside forms beautiful ruby red 
rhombic cryst^ which are soluble in water. 
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iii) When freshly prepared sodium nitroprusside is added to 
a solution containing sulphide ion (i.e., Na^S but not HsS), a purple 
or violet colour is produced. The production of this colour is due 
to the formation of Na*[Fe*+(CN) 5 fNO+)(S)]. The production of 
this purple or violet colour is used to confirm the presence of 
ion in a given mixture. 

Na,S+Na3[Fe*+(CN)s(NO+)]-►Na4[Fe*+(CN)i(NO+)(S2-)] 

(Violet or purple colour) 

(iii) Alkali sulphites give a rose red colour due to the forma¬ 
tion of Na 4 [Fe(CN)g(NO)(S(^')]. This reaction can be used to dis¬ 
tinguish sulphites from thiosulphates which do not show this 
reaction. 

Na 2 SO,-l-Na 2 [Fe(CN),{NO)]—i-Na«[Fe(CN) 5 (Np)(SO,i] 

(iv) With silver nitrate a flesh coloured Ag.i[Fe(CN)g(NO)] is 
produced. 

2AgNO,-f-Naj[Fc(CN)5(NO)]-►AgJFe(CN) 3 (N 0 )]-l- 2 NaN 03 

O 

II 

(v) Aldehydes and ketones containing CH3— C—R group 
give deep red colour with sodium nitroprusside and excess of 
NaOH. 

(vj) It is converted into sodium ferrocyanide, Na 4 [Fe(CN) 4 ] 
on treatment with an alkali. 

6Na,tFe(CN),(NO)]-|-14NaOH-► 5Na4[Fe(CN„]-t-Fe(OH)2 

-l-fiNaNOa+eHsO 

According to another view NO+ group present in nitroprusside 
is oxidised to NOt and thus a nitro complex is obtained. 

Na,[Fe(CN),(NO)J-H2NaOH —► Na4[Fe(CN)j(N02)]-l-H,0 

(v/O [Fe(CN) 4 (NO)]*- ion has diamagnetic character. Its 
diamagnetic character confirms the fact that NO is present as 
ion in this complex ion. 


^riuture. [Fe(CN) 4 (NO)]*“ was formerly supposed to contain 
Fe(+3) ion but Pauling in 1931 and Sidgwick in 1934 suggested 
that the odd electron of NO group enters the valence-shell of Fe 
(-1-3) ion making Fe in -F2 oxidation state. Thus NO radical 
acquires one positive charge and gets coordinated to Fe( -|-2) ion as 
This view is supported by the fact that Naj;Fc(CN)6 
(NO)] IS diamagnetic whereas Kj[Fe(CN),] is paramagnetic. Thus 
in [Fe(CN)4(NO)]* there are total three positive charges (Fe=-l-2, 
NO=-l-l] and five negative charges due to the presence of five CN- 
groups. Hence total charges acquired by [Fe(CN)j(NO)J is —2 In 
other words the formula of sodium nitro-prusside is Na*[Fe*+(CN)6 
(NO"*")]. .[Pe*+(CN)j(NO'*')]*~ has octahedral structure with Fe®+ ion 
located at the centre of the octahedron. 
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Uses. It is used as a reagent in qualitative analysis for the 
detection of sulphides, sulphites, aldehydes and ketones containing 
CH, 

'yC=0 group. 

R 

1 . Nitroao ferrous sulphate, FeSO4.NO or LFe+(N0+)]S04. 

When, to the aqueous solution of a metallic nitrate (say NaNOj) is 
added freshly prepared solution of FeS 04 and a few drops of cone. 
HNO* along the sides of the test tube, a brown ring of nitroso 
ferrous sulphate, [Fe+CNO+lJSO* is obtained at the junction of the 
two liquids in the test tube. The formation of nitroso ferrous 
sulphate takes place through the following equations ; 

(a) 6NaN0a+H2S04 -> NaHSO,+HNOs 

lor NO,-+H+ HNO 3 ] 

(b) 6FeS04 + 2HN0a+3HjS04-»■ 3Fe2(S04)s+2N0+4H40 

lor 3Fe^+ + NOa~ + 4H+-> 3Fe®++No + 2H*0] 

(f) FeS 044 -N 0 -> FeSO, . NO or [Fe+(N 0 +)]*+S 04 ®“ 

for Fe*'''+NO-[Fe+tNO+)]*+] 

In aqueous solution fFe+(NO+)P+ ion is better expressed as 
lhe(NO)(HoO) 5 l''’'. It is a paramagnetic substance corresponding to 
the presence of tliree unpaired electrons, since solution magnetic 
measurements give 3 90 B.M. as the valu^of its magnetic moment. 
This value supports the fact that Fe is in +1 oxidation state in 
this complex ion i.e. it is a high spin complex of Fe ( +1) (3</’' 
system) with NO+. The complex has N—O stretching frequency at 
1745 cm * which indicates the presence of strong n bonding and the 
intense brown colour strongly suggests Ffc+—NO'*’ charge transfer. 

The formation of rFe'|'(NO+)f + ion has been utilised in the 
detection of NOj" ion in a given inorganic salt. 

Structure and nature of M—NO bonding in aitroayls. 

According to Coulson the molecular orbital conhguration of NO 
molecude is (spYo, (osp**)*, = (jp)*N. (ny*)»=(jt**)o, 

(trsp*)® fin getting this configuration x-axis has been assumed to 
be the molecular axis and sp h'brid orbitals have been obtained by 
the combination of 2j and 2pm orbitals]. Now when NO molecule 
co-ordinates with metal atom to form metallic nitrosyls, the single 
electron present in molecular orbital is transfared to metal atom 
M so that NO molecule is converted into NO"*" cation (called 
nitrosomium or nitrosyl cation) and M atom becomes M~ ion Each 
of the atoms viz N and O in NO'*’ion contains one lone pair of 
electrons in {sp)o and (sp)i!r hybrid orbitals respectively. Now since 
NO'*'ion is iso-electronic with CO molecule, this ion co-ordinates 
with M- ion as a two-eleciron-donor in metal nitrosyls in the same 
way as CO co-ordinates to M atom in metal (^rbonyls Note that- 
NO molecule is a ihree-elestron-donor. Since 0-atom is more electro 
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negative than N*atom, it is N-atom of NO'*' ion which coordinates to 
M~ ion in metal nitrosyls. In other words we say that coordination 
of NO+ ion to M“ ion metal nitrosyls takes place through the lone 
pair residing in (jp)n hybrid orbital on N-atom. The cootdmate 
bond formed in metal nitrosyls can be shown as Thus 

we see that the nature of bonding between NO+ and M” in nitrosyls 
is the same as that between CO molecule and M atom in carbonyls. 

On the basis of molecular orbital theory the hybrid orbital on 
N atom containing a lone pair ti.c. (sp)*v lone pair] overlaps with 
a suitable vacant hybrid orbital on ion (s^ in tetrahedral case 
or d*sp* in octahedral case) to form ON+ -> M"' a bond. 

Now the empty it«* or «** molecular orbital can overlap with 
the filled ^/-orbitals (</««> dt*, orbitals in octahedral case and 

and dm* orbitak in tetrahedral case; to form M"->NO'’' n 
bon^ This type of overlap transfers some charge from M" ion to 
NO+ ion. 

Structural studies have shown that the M—N bond in nitrosyls 
is extremely short (= 1'57 to r67A“) indicating substantial double 
bond character. 

EflEectivc atomic number (EAN) rule as applied to 
metallic nitrosyls. Metallic nitrosyls also obey the EAN rule as 
shown below for certain nitrosyls. In these cases NO b^s been 
assumed to be a unipositive ion, NO"*" and hence acts as a rwo-elec- 
tron donor. Metal atoms are, therefore, in negative oxidation 
state. 

(0 [Co-(couNo*)r 


<Ji) [Fc*-(CO),(ArO+)sr 




(iv) [Mn*-{CO){NO*),T 


Co-=27e“+le"=28e- 
3CO=-3x2c- =6e" 

NO+=lx2e~ =-2e- 
[Co-(CO)sfNO+)]=36e“ (Kr) 
Fc*-=26c--)-2e-=28e- 
2CO=2x2e- ^4e- 
2NO-«-==2x2e~ =Je~ 
LFc*-(CO).lNO+)2l=36e-(Kr) 
Fc*-=26c-+2e'-28t'- 
2NO+=2x2c~ =4c" 
2PR,=2x2e~ =4e~ 

[Fe*-(NO+)*(PR,)J=36e-lKr) 

Mn®" ^ 25e" -l-3c"=28c- 
CO=lx2e~ = 2e“| 
3NO+=3x2e- = 
lMn»-(CO)(NO+),l=36c-axr, 



20 


Basic Properties of Iodine, 
Interhalogen Compounds, 
Polyhalides and Pseudohalogens 


BASIC PROPB&llES OF IODINE 

The tendency of a halogen atom to form compounds in which 
it is present as a cation is called is basic property. Among halogens 
iodine shows this tendency to the maximum extent, i.e., it^me gives 
much more number of well established compounds in which it is 
present as a monovalent cation (I*) or as a trivalent cation (1*+). 
Examples of such compounds are given below. 

Compounds containing monovalent iodine cation fl'*'). 
Compounds containing monovalent iodine cation or unipositive 
iodine (1+) are : 

1. ICl and IBr inter halogen coinpowulf. tor the prepara¬ 
tion, properties, uses and structure of these compounds sec "Itircr- 
hditgen Compounds" discussed on the subsequent pages. 

2. Iodine iiiiraie {INOi) and iodine sulphate Solutions 

of these compounds are obtained by passing a solution of HNOa 
and of HtSOi resMctiveiy in absolute alcohol through exchanger 
containing sorbed 1^ ion. 

i+R- -r HNO,-► I NOs + H R 

2l+R--fH,SO*—»-USO«+2HR 

When the aqueous solutions of these compounds arc electro¬ 
lysed, iodine is liberated at cathode, showing that both of these 
salts contain unipositive iodine, 1+. 

3. Complex compounds of type {X~—NOz~, ClOt~). 

in these compounds 1'*' ion gets stabilished by coordination. These 
compounds are obtained by treating Ag (I) salt with I| in''chloro- 
form in presence of excess of pyridine ipy). For example : 

AgNO|+ \t+2py —> AgKppf) -1- [Ipj^JNO, 

Complexes of this type have the follouiug properties. We shall 
consider llpyti its an example. 
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(a) When NO* reacts with acidified K1 solution, I 2 ii 
liberated. 

1+ (From complex compound) +1“ (from Kl)-*-!* 

U liberated in the above reaction' can be quantitatively esti 
mated with sod. thiosulphate, Na^SiOs 

2 Na,S. 0 .+Ii-»-Na,S 40 ,+ 2 Nal 

(b) Electrolysis of [Ipy»] NO* in chloroform liberates iodine 
at cathode. 

21“ (From the complex compound)4-2e"-»-1* (At cathode) 

Reactions (a) and (b) show the presence of ion in the com¬ 
plex compound, [Ip>' 2 ]N 08 . 

(c) [Ipj;*]NO* is hydrolysed by water as follows : 

SfMNO.-FSHjO-^SHNOs-f 10py-l-HIO,+2l2 

(d) Treatment of [TpyJ NO* with NaOH gives the base [lpy 2 l 
(OH) which is converted into its anhydride. 

[Ipyt] NOj-l-NaOH-t-CM+COH)-(l>«se)-f-NaNO, 
2[lpP2](0H)(base)->Ipy-0-Ipy (anhydride of the base) 4 .H 20 -f 2py 

(e) Reaction of [IpytlNO* with phenol, C,H*OH gives tri- 
iodophenol, QH*!* OH. 

e;H,OH -I- 3[Ipy*]NO,-»-C*H,I,OH -f 3HNOi-i- 6py 

(/) Noble metals like Au get dissolved in chloroform solution 
of the complex compound. 

3[lpy,]NO,-FAu-»«Au»+-l-3NO,--|-il,-l-6p>' 

In [Ipya] NO, and other similar compounds, I'’" appears to be 
two-coordinate and hence [Ip/jl+NO," should be formulated as 
[pylpyl+NO,". 

Compound* containteg trivalent iodine cation (P'*'). 

Compounds containing trivalent iodine cation (1*^) are : 

1. Iodine perchlorate, /(C/OeU .• It isJormed as yellovr- 

ish-green needlm by the action of O, on a cooled solution of in 
anhydrous HCIO*. 

I,-|-6HCl04-i-0s-^2l(a0J,-l-3H,0 

When aqueous solution of this compound is electrolysed, 1* 
gets liberated at cathode. 

I(aO4',-»-l»+-i-3C104“ 

21*+-h6e“-wl, {At atthade). 

2. Iodine triacetate, I {CHdCOO)i. It is obtained by oxidising 
1* in acetic anlydride, (CH*(^)*0 with fuming HNO 3 . 

It is a crystalline colourless substance, stable in cold but 
decomposes at 100°C, The saturated solution of the compound in 
acetic anhydride conducts electricity and during electrolysis I* is 
liberated at t^ cathode (of silver), forming Agl 
(CHaCOO),l=I»+-F3CH^OO- 
l*'''-f 3e“-fAg-»-AgI (At silver cathode) 
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3. Iodine trichloride, ICl». For this see "Interhalogen Com¬ 
pounds” 

4. loaine phosphate, IPOt, It is prepared by adding HNO, to 
it and H(P 04 dissolved in acetic anhydride. 

It is a yellow crystalline solid. It is not stable above room 
temperature and undergoes hydrolysis with HfO. . 

5IP04+9H,0-»'1js+3HIOs+5h,PO« 

On. electrolysis of aqueous solution of IFO4, Ig is liberated at 
cathode. 

1P0*-^»1*+ + P04*” 
ll*^+ 6 c"-»-I* (At cathode). 

5. Iodine trinitrate, I(NO»)». It is made by oxidising 1, with 
cone. HNO,. 

I,+6HNO,-»-2UNO,),+3H, 

When the aqueous solution of this salt is electrolysed, I 2 is 
collected of cathode. 

6 . lodyl sulphate, 00)t SO^. It is obtained by the action - of 
hot concentrated HjSO* on iodic acid, HlOt 

H,S04+2HI0,-► (I0)aS04+2H20+0, 

It is a yellow-coloured compound. On treatment with fuming 
HtS 64 , it forms a comppiind of the composition, [I 0 )+tHS 04 ]' This 
compound in 65% oleum (H«SaO}) gives axalt, [I 0 ]+[HS, 07 ]- 


[I0]*S0«-|-H2S04 *=» 2[lO]+tH 504 ]' 
[I0]+[HS0«r+H*S,0, [IO]+ H,S 04 

When treated with water, it gets hydrolysed to form 1 * 04 . 

7. Cliloro iodic acid, flI/C/J. 4HtO. This acid is obtained 
by passing Q* through a suspension of iodine in cone. HQ. It 
forms orange-yellOw plates and gives salts like KEIQJ, Na[IQ 4 ] etc. 
In this compound iodine is present as 1*^. 

Evidences proving the existence of cationic i4>dine. 
When the compounds like IQ, IBr, ICN, INOt, I 1 SO 4 , [IpyJ^X"* 
(X-=NOr. a 04 -),I(Q 0 ,V 2H.0, I(CH,C00)„ IQ„ IPO 4 . 
I(NOj)g, (lO)* SO 4 , HriQg]. 4H*0 in their molten state or as their 
aqueous solutiod are electrolysed, iodine is liberated at cathode. 
The Uberation of iodine at cathode proves the existence of cationic 
iodine in these compounds. 

The following additional facts also confirm the existence of 
cationic iodine. 

(i) When iodine is dissolved in an inert solvent and the 
solution thus obtained is passed down a cationic exchange resin 
(H+R-), some iodine is retained on the resin aS I* 

H+R-fl*-S' I+R--i-Hl 
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The positive iodine retained on the resin may be' rwover^ by 
eluting it with aqueous KI or by allowing it to react with various 
reagents like anhydrous H 2 SO 4 , alcoholjc HNOi. etc. 

I+R-+K1-»■ K+R-+I 2 

2 I+R-+H 2 SO 4 (anhydrous)-♦ I,S 04 + 2 H+R" 

l+R"+HNO, (alcoholic)->. INOf+H+R" 

(ii) When I 2 is dissolved in HjO, a variety of reactions take 
place. Two of such reactions are ; 

(a) Ij+HjO ^ [l(HiO)]++l- 

(b) [I(HaO)]++H ,0 v=*.[I(0H)r+H,0+ 

' The formation of [I(H 20 ll+ and [l(OH)]° in these reactions 
also confirms the existence of I* ion. 

INTERHALOGBN COMPOUNDS 

We know that halogen atoms have different electronegativity. 
Due to this difference in electronegativity, the halogen atoms 
combine with each other and give rise to the formation of hjoary 
covalent compounds which ate called interhalogen 
compounds are of four types : (i) AB type (+l), c.g 
(detected spectroscopically), BrCl, ICI, IBr (fi) ABttype (+3). e.g. 
CIF 2 . BrFa, IF,. ICU («7) AB.type (+5),e.g. CIF,. BrF,, IF, (iv) 
AB, type (+7), e.g. IF^. The number given m the bracket indicate 
the oxidation number of A atom. A halogen atom is than B 
halogen atom, i.e. A atom is less electronegative than B atom, in 
interhalogen compounds, the halogen atom having less electro¬ 
negativity shows positive oxidation state while tl^^ having greater 
electronegativity shows negative oxidation state. It is for this reason 
that interhalogen compounds are namedas the halidw or less 
electronegative halogen atom. Thus CIF is called chlorine mono- 
fluoride and not fluorine monochloride, since the electronegativity of 
Cl atom is less than that of F atom. 

Halogen atom A acts as the central atom with which ‘odd 
number of B atoms arc covalently bonded. The central atom A 
may be Cl, Br or I but never F, since F atom seldom achieves a 
positive oxidation state and also it can not expand its coordination 
number beyond 4. 

With the exception of BrCl, ICl, IBr and ICl,, ^1 the remain¬ 
ing interhalogen compounds are halogen flourides. Greater is the 
electronegativity difference, (x»—xx) (A may be I or Br), greater is 
the number of fluorides given by atom A. For example iodine 
(xf— xi=4 0—25=1'5) gives four fluorides viz. IF, 1 F„ inl and 
IF, while Br atom (xF-JCBr=4 0-2-8=l-2) gives only three fluorides 
namely BrF, BrF, and BrF,. The formation of three fluorides by 
Cl-atom (xf-xci= 40-3-0=10) is taken to ^ an exception. 
Actually Cl-atom should give less than three fluondes. 

It has not been possible to prepare the inter-halogen com¬ 
pounds containing more than two halogen atoms {ternary inter- 
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halogen compounds). The non-formation of tern.ary 'oterhalogen 
compoua<M is due to the fact that these compounas so formed get 
decomposed into a mixture of stable binary interhalogen compounds 
Md/or elemental halogens. Polyhalides such as MlBrF. MIQBr, 
Mira, etc. which contain three different halogen atoms have, how¬ 
ever, been prepared. 

General Metlmda of Preparation. Following are the 
imortant general methods by which interhalogen compounds can be 
prepared. 

1. By the direct combination of halogens. All the interhalogens, 
except IF 7 , can be prepared by the direct combination of the halo¬ 
gens undn appropriate conditions. The following examples are 
noteworthy. For the preparation of AB, and AB, interht^logeu 
compounds excess of B atom must be used in the reaction mixture. 

250“ 

Clj+F, (equal volumes)-^ 2aF 

250“ X 

C1,+ 3F, (excess)-)- 2CIF, 

It+CI, (liquid) (in equimolecular amount) ->2101 

1. -i-3Cl, (liquid and in excess)-210, 

Br* (vapour) -f-3F, (diluted with N,)-► 2BrF, 

Ii+3F, (in freon)-21F, 

Br,-|-5F, («oes8)-► 2BrF, 

2. From lower interhalogens. Higher interhalogens can be 
prepared by the interaction of lower interhalogens with halogens 
^s method is particularly used for the preparation of halogen- 
fluorides. The following examplss illustrate (he method. 

CIF-HF,-► QF, 

350“ 

C1F,+ F, (excess)-». CIF, 

200 ’ 

BrF,-|-F,-► BrF, 

270“ 

IF,-|-F,--► IF, , 

3. Miscellaneous methods. Some niiscellaneous methods have 
been illustrated by the following examples : 

6Ha+KIO,+2Kl-»>2Ka-|-3H,0-|-3ia 

250-350“ 

Cli+CIF,-3C1F 

200 “ 

Ka-i-3F, --► KF+QF, 

3I,+5A^-► SAgl+IF, 

8F,+PbI,-►PbF,+2IF, 
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*General Properties. 1. Physical state. The intethalogen 
compounds may be covalent gases (e.g. GIF. BrF, C1F„ IF^), liquids 
(e.g. BrF„ BrF„ IF^ or solids (e.g ICl, IBr. IF^ ICl,). 

2. Ct^our. Although many of the interhalogen compounds 
containing fluorine are colourless, yet those made up of heavier 
coloured. The colour becomes deeper with the increase 
ot the molecular weight of the compound. In this behaviour these 
compounds resemble the halogens themselves. 


• ♦ ^magnetic nature. Since all the valence electrons in 
interhalogen compounds are present as bonding or non-bonding 
(i.^ lone pairs) electron pairs, these compounds are diamagnetic in 
nature. 


^egts of formation. All these compounds have low heats 
**»®ple. these values for IBr and BrCl are 
“2‘5 and —0'34 kcal/mole respectively. These are extremely 
volatile compounds. In general, comoounds containing fluorine are 
more volatile than those containing chlorine, bromine or iodine. 

Por each type of interhalogen compounds, 
points increase with the increase in the electronegativity 
difference between A and B atoms. 

6. Thermal stability. Thermal stability of AB type inter- 
h^gen compounds decreases with the decrease in electronegativity 
different between A and B atoms. Thus the order of stability of 
some AB compounds is as : 

IF (=1 5)>BrF(r2)>ClF (rO»lCI (0*5)>lBr (0 3)>BrCl(0-2) 

In parentheses are given the electronegativity difference 
between A and B atoms. The above order is also explained by 
sa^ng t^t greater is the difference between the electronegativity 
values of A and B, the more polar is the A—B bond, and hence 
greater is the thermal stability of AB compound. \ 

7. Reactivity. AB type compounds are more reactive than 
At and Ba molecules, since A—B bond in AB comiiouDds is weaker 
than A—A and B — B bonds in A* and Bt molecules respectively. 
Thus AB type compounds convert the metals into a mixture of two 
halides. For example: 

ICl+2Na-f^Nal+NaCl 

The order of reactivity of some interhalogen compounds has 
been found as ClF,>BrF,>IF,>BrF,>lF,>BrF. 

8. Hydrolysis. Hydrolysis gives halogen acid and oxy-halogen 
acid. The oxy-halogen acid is of larger {i.e. central) halogen 
atom. Examples are : 


BrCl 

+ H,0-► HCl (Halegtm «c/iO-|-HOBr iOxy-helogen acid) 

ICl 

+ H,0->Ha 

-l-HIO 

ICl, 

+2H,0 —► 3HC1. 

-i-HIO, 

IF, 

+3H,0-► SHF 

-i-HIO, 

BrF, 

-1-3 H,0 »-5HF 

-hHBrO, 

IF, 

-i-6H,0 —*> 7HF 

-l-H,IO, 
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It may be noted that the oxidation state of A atom does not 
change during hy^olysis. 

9. Reactimi with non~metallic and metallic oxides. Non- 
metallic and metallic oxides are fluorinated by halogen fluorides to 
give the corresponding fluorides. 

4BrFsrf 3SiO, —> 3SiF4+2Br*+302 
4BrF*+2WO,-2WF,+2Br*+30, 

10. Addition reactions. The diatomic interhalogens (AB type 
compound) add at olefinic double bond sites. 

-CH=CH-+ICI —>■ -CHI-CHCI— 
CH 2 =CH,+BrCI —> CHtBr-CHjCI^ 

11. Reaction with alkali metal halides. Reaction with alkali 
metal halides gives polyhalides like NalBrj, CslBrCI, KICU etc. 

IBr+NaBr—»'NaIBrt; ICI+KCI—►KICl, 

BrCl+CsI-►CsIBrQ; ICI,+KC1-►KlCl* 

12. Self-ionisation and acid-ba^e (neutralisation) reactions. 
The available evidence suggests that the liquid interhalogen com¬ 
pounds undergo self-ionisa.ion which involves the halide ion trans¬ 
fer. Following examples illustrate how the'self-ionisation of liquid 
interhalogen compounds takes place. 

(i) Liquid ICl. The self-ionisation of liquid ICl can be repre¬ 
sented in the form of conjugate acid-base pair as ; 

ICl -f ICl ^ 1 + * 4 - icir 

(Acidi) (Basel) (Acidt) (Based 

Thus the compounds which produce I*** ions in liquid ICl act 
as solvo-acids in this solvent while those which produce IC1,~ ions 
act as solvo-bases. For example the covalent halides like AlCls, 
SbCIf, SiCli, TiCli etc. give I’*' ions in liquid ICl and hence act as 
acids in this solvent while the ionic halides like RbCl, KCl, NH4CI 
etc. produce ICI 2 ” ions in this solvent and hence act as bases in this 
solvent. Thus : 

AlCl,-l-ICl(/)-*-l+-l-[AlCl«r-+I+[AlCl4r 

Acid 

SbClj-f lCi(/)->I+-l- [SbCl,r->l+[Sba,]- 

Acid 

Rba-i-ia(/)-»-Rb+-i-[iciir-^Rb+(ici»r 

Baae 

KCl-|-ICl(/)->K+-|-[lClir K+[1CIJ- 

Base 

Thus the solvo-acids and solvo-bases in liquid ICl will interact 
as follows to form the solvent and a salt (neutralisation reactions). 

I-^SbCl,l--l-Rb+[ICl,r-^Rb+[SbClJ-+2ICl 

Solvo-jacid Solvo-base Salt Solvent 

The end point in acid-base reactions taking place in ICl can 
be followeici conductometrically. 


I Solvo-bases 


1 Solvo-acids 
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as 


as 


(ii) Liquid IBr. The self-ionisation of liquid IBr is represented 


- 1 - 


IBr + IBr ^ 1+ 

(Acidi) (Base,) (Acid,) 

Acid-base reactions taking place in liquid 


IBr," 

(Base,) 

IBr are represented 


I,+[SnBr,]» +2M+tIBrJ--^M,+[SnBr,]*-+4IBr 

Acid Base Salt Solvent 


reactions ‘occurring in IBr solvent 


The end point in acid-base 
is followed oonductometrically. 

n .111 BrFf. The ^If-ionisation of, liquid BrF, can be 

represented as : 

BrF,(Acid,)-l-BrF,(Baac,)f=»BrF,+(Acid.)-|-BrF4-(Bas^) 

SnF,. AuF„ VF„ SbF, and TaF, 
like >ons_ in liquid BrF, act as acids while those 

act as baMs^’ Thus '''***®** produce BrF," ions in liquid BrF, 


SnF,+2BrF,(/)- 
AuF^-hBrF.(/)- 


►2[BrF,jnSnF,] 

►rBrFjl+fAuF,!" 


^|BfF,(/)-*Ag+fBrF,] 
^+2BrF,(/)-^Ba*+fBrF4] 


‘-I 


I 


Solvo-acids 


Solvo-bases 


•-* Thus the solvo-acids and solvo-bases in liquid BrF, will 
interact as follows {Neutrilisation reactions ): 

Soha-base Soli Solvent 

[BrFJ+[AuF,] - 1 -A^ [BrFJ"v*Ag+[AuF 4 r+ 2 BrF, 

[BrFJ+[MFJ--|-K+[BrF4]-v*K+[MF,]"-l-2BrF, 

th. . 1 ? M-Sb. V, Nb,Ta. The end point in 

wid-base reactions can be determined either with the help 
oi stumble indicator or are followed conductometrically. 

^*** ***®*‘®*“ in liquid BrF, involving acidic or basic 
anhydrides have also been reported. 

Base Soil Solvera 

VF,(acidic anhydride)-!-Ag^FJ-v^Ag+LVF,]--!- BrF, 

f BrFJ+fTaFJ" + lHF(badc arfty«IAIe)wkLi+[TaFJ"-!-BrF, 

(W Uqidd IFf. ■ The • self-ionisation of 'liquid IF, can be re¬ 
presented as: 

lFi(A«.)-flF,(aBsH)s-lF4+(Ach!,)+IF,-(Bssei) 

ThM the compound like SbF^ BF, etc. which produce IF 4 + 
•* acids -while those like KF which produce 
IF, ions in liquid IF, act as bases. Thus : 
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Sb^+lF,(/)»*SbF,-+lF4+-*-tIF4]+[SbF,r 

B^+IF4(n<-BF*-+1 F«+-»-[lF4inBF4r 

Acid 


I 


Solvo-acids 


KF+1F4{/)5^K++1F,-- 
Basd 


►K+lIF,]- Solvo-basc 


Consequently neutralisation reactions occurring in liquid IFg 
can be repTesented as : 

Solvo-acid Solvo-base S^t 

[IF 4 l+[SbF,l-+K+[»F,]- K+[SbF,] + 2 IF 5 

[iF 4 l+[BF«r+K+[IF,r ^ IC+iBF4r+21F4 

13. Lewis acid strength. Lewis acid strength of some AB type 
interhalogens decreases in the oriter: 

included in the series for »»•“ sake of comparison) lCi> >BrCl>iBr 
Cli 

14. Halogenation reactions. BrFa, IF* and ICI have been found 
to be good halogenating agents. For example ; 

(a) When Au and Ag are dissolved in liq. BrF, in cott^ 
molar proportions, these metals are converted into AuF, ^d 
respectively (F/iwrinarfo/i). These salts react together to produce the 
fluorinated '•omplex, Ag+[AuF 4 l“. 

Liq. BrF, Liq. BrF* 

Ag-►AgF ; Au-►AuFs 

AgF+AuF,-►Ag+tAuF*]" 

(b) Sulphur is converted into SF 4 by IF 5 (Fluorination) 

12 hom 

1F*+S-►SF 4 +IF 

100-300* 

(c) C 4 H 4 is converted into CaHjI by ICI (ft«/on<itiVm). 

15. Oxidising power. The oxidising power of the fluorides of 
bromine (&F, BrF, and .»F,) increases with the increase of the 
oxidation number of Br niysn in these fluori^. pms the oxidising 
power of these fluorides is in the order: Br F < Br +F, < Br* r,. 

Oxidising power of CIF,, BrFa and IF, is in the order ; 
C1 F,>BtF,>IF, 

Uses of intcrhalogca cesnpouda. For the usw of ICl, 
BrF„ ClFa. iCl, and BrF, compounds sec the individual study of 
these compounds on the subsequent pages. 

SOME IMPORTANT INTIBHAIOOEN COMPOUNDS 
1. Iodine monorJiloride, ICa. This compound was dis¬ 
covered by Davy and Gay Lussac in 1*14 ud is •* ® 

red liquid by passing Cl, over I, or by heating I, with KCIO,. 

1,+CU —► 2ia 

KC10,+I,—*• KlO,+ICl 
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i 3 eratu^nr 5 !^*S\ f??****®*® standing even at room tem- 

be obtained forms of the compound may 

TO Obtained These are (a) a-form which is ruby-red. It is. a 

meta stah^ n>-pt — 27'2°) (b) p-form which is red rhombic. It is a 
SSrtiMHn = 14 0“. b.pt.=97-4“). These two forms are 

thf lSd These can be separated by cooling 

either of fhe ?iofo?ms. by adding to the liquid a crystal of 

(n) 1*^1 }s soluble in water and gets hydrolysed bv it. 
5in-f3H,0—>-2l9-fH103-f5HCl 

(i/i) It also dissolves in alkalies to form I*. iodate and chloride 

5ICI-f-6NaOH—>-24-l-NalO,-l-5NaCl-l-3HaO 

Thus conductor when in the molten state. 

1 nus when ICI is m the molten state, it ionises as : 

2IC1^I+-1-1C1,“ (Ionisation) 

2I+-f-2c“-vlj (At cathode) 

21^1*“ ►lt+2Cl,-|-2e“ {At anode' 

shows^fh^^irK?*''' • ^ ®^lbode and both I» and Cl, at anode 

lik. pJridS (n aSd'&M "in' 


0 


/ 

Cl-I—o 


CH, 


-CH, 

\ 


-fT 

\ / 

1 

1 

CH,—CH, 

1 

Cl 

(I) 

(H) 


A y***‘ ^ solution of ICI in glacial acetic acid is 'us«a for 

iTO determination of iodine number which measures the unratura- 
tion of oils and fats, (ii) It is also used to iodate and chlorinate 
or^nic comimunds. (Hi) The solution of ICI is used as a catalyst in 
oxidising As.O, by Ce(S 04 V (»» It Is also used to prepare poly 
h? Ides (v) ^cape of the formation of 1+ cation, IQ is also used as 

j example, it converts salieylic 

acid into 3, S*diodosa1icylic acid in nitrobenzene. 

.?• I®din* monobroinide. IBr. It is obtained by the direct 
combination of the elements. j i c uircci 

Ii+Br,—►21Br 
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Properties, (i) It isfa hard, crystalline solid of grey-violet colour. 

(I'O Its vapour dissociates to a small extent on heating. 

^ ‘ 2 IBr 2 i»i Ij + Br^ 

(iii) IBr is’aii electrical conductor when in the molen state. It ionises 
as: 

IBr—♦ I^ + Br" 

2r^ + 2e~-^Ij (At cathode) 

2Br“-► Brj + 2e~ (At anode) 

Thus in IBr, iodine is present as I"^. 

3. Chlorine monoflnoride, CIF. Preperation. It is formed by the ac¬ 
tion of Clj on HF at the temperature of liquid air. It is also fomwd when 

Fj and Clj are heate<jf together in a c(^)per vessel at 50°. 

Properties. It a colourless gas. It dissociates when heated strongly. 

2C1F->Cl 2 + F 2 

It reacts with a number of metals, even more vigorously than F 2 . It 
inflames cotton-wool and filter paper in the same way as F 2 . 

4. Bromine monofluoride, BrF. Preparation. It is formed by the 
action of BrFj on Br 2 . 

BrFj + Br 2 -► 3BrF 

Properties. It is a reddish-brown liquid (b.pt. = 23®C). It is unstable 
and decomposes <On heating into the elements. 

It undergoes disproportionation as ; 

2BrF-> BrFj + Brj 

5. Boromine chloride, BrCI. Preparation. It is prepared by passing 
CI 2 gas into liquid Br 2 cooled below lO^C. 

2 Br 2 + Cl 2 ?^ 2BrCl 

Properties. It is a reddish-yellow liquid which decomposes at 10°C 
into Cl) and Brj. It is soluble in water, ether and CS). 

6. Bromine triflnorhle, BrF). This compound wa^ discovered by Le- 
bean m 190S. 

Preparathm. It is formed (i) by mixing Brj vapour and Fj in nitrogen. 

Bt) (Kqpour) + 2 F 2 -♦ 2 BrF 3 

(it) by die action of CIF 3 on Br) at 10*C. 

lore 

ClFj + Br)-> BrF) + BiCl 

(iii) by the action of F) on HBR. 

3F2 + 2 HBr-> 2 BrF 3 + H 2 

(iv) when BrF undergoes disproportionation. 

3BrF-> BrF) + Br) 
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Properties. (<) It is a colourless fuming liquid with b 
pt = 127'6® and is exceedingly reactive. 

(»7) It is violently decomposed by H*0 and organic materials. 

(Hi) It reacts with glass and silica materials and sets fire to 
w^od, paper etc. It displaces O* from oxides like SiO,, CuO etc. 

3 SiOs+ 4 BrF,—► 3SiF4+2Br,+ . 30 s 

(/v) It reacts with Br^ to form BrF 
BrF.+ Br* —► 3BfF 

(v) It has high electrical conductivity and ionises us ; 

2BrF, ^ BrF 2 ++BrF«- 

(vi) Action on metal fluorides. !t dissolves certain metal fluo¬ 
rides into it to form tetra fluoroborites, M+[BrF 4 ]~ or hexafiuoro- 
borates, M^+EBrP,]*". For example : 

KF-fBrFj- *■ K+[BrF 4 ]*" (Pot. tetrafluoroboratc) 

SbFj-f- BrF* —Sb^^BrFg]*" (Antimony hexafluoroboratc) 

(vii) Action on metals, their oxides and chlorides. It converts 
metals, their oxides and chlorides into their fluorides. For example ; 

6M-l~2BrFj —► 6 MF- 1 -Br 2 
3MCl+BrF, —► 3MF-l-BrCl, 

Uses, (i) Due to the fact that BrFs converts many metals, 
their oxides and chlorides into their fluorides, it is used as a fluori- 
nating ^ent. Many metal fluorides have also been converted 
into complex fluorides. 

<ii) BrFs is used to prepare polyhalides. 

7. Iodine trichloride, ICI 4 . Preparation, (i) It is obtain¬ 
ed by the action of excess of Clt on Ij or on ICI at 100®C. 

3Cl,(£xc««> + I* —2IC1, 
a.CJS'xcew) + ICI —*• ICI, 

(fi) It is also formed when dry HCl gas reacts with heated 

1 , 0 ,. 

1,0, (heated) + lOHCI (dry gas) —2IC1, + 5H,0 + 2C1, 

(Hi) It is alto formed along with ICI by the action of HI on 
Cl,. 

4H1 + 4C1, —*• 4HC1 -f 1, + ICI + ICI, 

Properties. (/) It is a leromon-yellow crystalline solid winch 
fumes readily. It is soluble in organic solvents, liq. NH, and 
liq. SO,. 

(ii) It forms crystalline addition compounds with metallic 
chlorides. These compounds dissociate on exposure to air, giving 
la, and MCI. 

Expose to 


MCI + ICI3 ICI3.MI (Addition compound) 


♦ ICI3 -t-MC 
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{Hi) With fluorides of K, Rb, Cs, it gives polyhalides of 
MlCl.Fripe. 

(/y) ICIj is completely hydrolysed by H^O. 

2IC1, + 3UiO 5HC1 + HIOs + ICl 

(v) IClj dissociates on heating at 68 ®C giving ICl and CU. 

ICls —*• ICl + CU 
(vf) It reacts with CS, as : 

4 ICU+ 3CSa ecu 4- 2CSCU + 2SaCU + 2 I 2 
(v/i) Like ICl, ICI 3 is also decomposed by KOH solution 
3ICU 4 12KOH-^ 9KC1 4- KI 4- 2 KIO 3 4- 6H,0 

(viii) Molten ICI 3 has a high conductivity (=8'4x 10“* ohm"^ 
cm“^). The liberation of I* and Cl* at both electrodes indicates 
that ICI3 is ionised into [1*‘*'CU]‘’‘ and [l*+CU]“ ions. 

filCU [ICU]'*' 4 - [ICU]” {Ionisation) 

2 [ICl 2 ]+ 4- 2<- —► U 4- 2CU {At cathode) 

2 [ICl 4 ]- -2c--> I* 4- 4CU {At anode) 

Uses. ICI 3 is used in medicines. It is also used in the prepa¬ 
ration of polyhalides. 

8 . Chlorine trifluoride, CIF 3 . Preparation. It is pre¬ 
pared when Cl, is heated with excess of F, in copper vessel at 
250*C. 

Cl, -i- 3F,-► 2C1F, 

Properties. It is a colourless gas which condenses to give a 
pale-green liquid (b.pt.== —12'’C). It is exceedingly reactive and 
attacks a number of metals. It also attacks glass vigorously. It 
reacts with water to give a red liquid which crystallises at —70°C. 
The compound formed is CIFO. 

Uses, (i) ClF, has been used as a fluorinating agent, as an 
incendiary and in cutting oil well tubes, (ii) It is also used as an 
oxidiser for propellants {Hi) It is also used for the preparation of 
polyhalides. 

9 . Iodine pentaflnoridc, IF,. Preparation. It is formed 
by the direct combination of the elements or by the action of Ft on 
heated 1 , 0 ,. 

I 2 (txcess) + 5 F 2 - > 21 F 5 

2I2O5 (heated) + IOF2 ->'4IF5 + 5O2 

It may also be prepared by heating together U and AgF. 

Red heat 

5AgF + 3 I 2 —- > IF 5 + 5Agl 

or lOAgF + I 2 - > 2 IF 5 + lOAg 

Properties. It is a colourless liquid fb.pt = 98°). Its vapours attack 
the respiratory organs. It is a very poor conductor. It decomposes on heating 
to I 2 and IF 7 . ^ 
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2IF, + 5H,0-► IjO, + . lOHF 

g'^lbilck iRTd IO°F- “ 

3 IF 5 + I»0,-► SIOFs 

100°C 

, ^ -*■ + •OjF (white solid) 

I*0« dissolves in IF^ to feive lOF, and some I, 

IF totarTOF'’vA'F''-?t.'p'’,^‘’?i?* WO. di»sol,« ia hot 

voly. Nitrogen ’av) o’;ide. ‘noV. SSK 1F°; giv'e^Sm 
coloured crystalline compound, IFj.NOj. * * ^ cream 

It IS a good conductor of electricity and ionises as : 

lA n ^ IF 4 + + IFg~ 

F^'Sgh o^BTSl'^paising 

into in*’ "'"‘•“'Inls nMch fire when dropped 

fluoride,’B^F,’""’™'’”"' "=° "■« f»"natioo of an oxy 

BrF, + H,0- > 2HF + BrOFj 

Uv) It dissociates into Br* and at 400—500° 

2BrF5 —► Brg + SFg 

orgaa^TuthelieluraVi’a S.',dl»r 

na,,o:'.v»rScrrrrrr^j&^Vc:„3^^^^^^^ 

excess of F 2 through a tube of Pt heated to 270°. 

7 F 2 (Excess) + I 2 -> 2 IF 7 


IF5 + F2 


270X 


->IF, 


When iodine reacts with excess of F 2 at 300°C, IF, is formed. 

condense? to*^a colourless *°iquid^oPm mustly odour. It can be 
It reacts with most Sals ^ colourless crystalline solid, 

including Clyandl,. water w'give'^pirio.ilfrnd Oe S’Tnv 
norganic compounds and a variety of organic materials. ’ ^ 
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It explodes when heated with It is slowly decomposed by 
water. Two of fluorine atoms present m IF, can easily be removed. 

Structure and shape of AB type interhalogen molecules. 
{Examples : Id, BrF, CIF, BrCl). In AB type molecules A halogen 
atom it less electronegative than B halogen atom. The Levds 

XX .. XX .. 

structure of AB molecule, 5 Ax • B : or 5A—B: shows that the 

XX • • XX • • 

central atom A (central atom is that which is less electronegative) 
is surrounded by one o-bonding electron pair and three lone pairs of 
electrons. /.e. a-i>pj+/p-r=r-f'3=4. Consequently the central atom 
A is sp* hybridised in AB molecule. The occurrence of sp* hybridi¬ 
sation m AB type interhalogen molecules can 1» understood by 
taking tli« example of ICI molecule. sjP hybridisation undergone by 
1 -atom has been shown as follows : 

sp* hybridisation 
(I-atom in its ground state) - *■ 

( 5 p^)*(.rp’)®(ip*)®(ip*)* [Four sp* hybrid orbitals three of which contain a 

lone pair of electrons while the fourth hybrid orbital is singly-filled], 

sp* hybridisation scheme shown above makes it evident that 
three of the four sp* hVbrid orbitals contain one lone pair (Ip) each 
while the fourth sp* ' hybrid orbital contains one electron. This 
singly-filled sp* hybrid orbital makes a head-to-head {linear) overlap 
with the singly-filled 3px^rbital on Cl-atom and forms one sp* (1) — 
/MCI) o-bond as shown in Fig^.^SOrt: 



Fig. 20.1. Picional lepresenlation of the formation of one 
a-bondin ICI molecule (6p = l./pj=3) which 
has linear shape. 

Although the spatial arrangement of the four electron pairs 
(bp = \ and /ps=3) round I atom is tetrahedral, due to the pteaence 
of three lone pairs of electrons in three sp* hybrid orbitak, the shape 
of ICl molecule gets distorted and becomes linear. Sinnlarly other 
molecules like BrF, CIF, BrCl etc. also have linear shape. 


K^ompowms 


Oil 


A—B bond lengths in various AB type interhalogen molecules 
are as: BrF=l-750A®, ClF=r628 A®, BrCl=2138 A®, lBr= 
2.470 A®, IC1=2-321 A®. 

ICl molecule forms zig¬ 
zag chains in both of its o 
and 6 forms (Fig. 20'2). These 
two forms differ only whether 
the Cl branches are us (a) or 
trims (p). 


Fig. 20.2. zig'Zag chains in both forms 
(• and g) of ICl molecule. 

Structure and shaipe off AB| type interhalogen molecules 

[.Examples : C/F,, BrF*, /C/a). Lewis structure of AB, molecule, 

B 

I 

B—A—‘B shows that the central atom A is surrounded by three a- 

bont^g electron pairs and two lone pairs of electrons, i.c. a-bps+ 
lps=s+2=S. Consequently the central atom, A is sp*d hybridised 
in A^ molecule. The occurrence of sp^d hybridisation in AP, type 
interhalogen molecules can be understood by taking the following 
examples : 

(/) Structure and shape of CIF^ molecule. In this molecule 
Cl atom is the central atom which undergoes spi^d hybridisation as 
shown below : 

ii* . 3pm*3p^3pt^ . 3d° {Cl-atom in its ground state) —► 3s- . 

sphi hybridization 

3pm*3pt^3pM^ . 3<F (Cl-atom in its excited state) -► 

Five sjFd hybrid orbitals. Two basal hybrid orbitals contain a lone 
pair of electrons while the remaining three contain one electron each. 

Each of the three singly-filled sp^d hybrid orbitals makes a 
head-to-head (linear) overlap with the singly-filled 2p orbital on each 
F atom and forms sp*d(C\) —^p(F) o bond or Cl—F « bond as 
shown in Fig. 20.3. 

Although the spatial arrangement of five-electron pairs (bps 
=3, lps==2) round the central Cl atom in space is trigonal bif^ra- 
midal, due to the presence of two lone pairs of electrons, the shape 
of ClFt tBOlecule gets distorted and becomes slightly bent T-sf^pe, 
and the repulsion between the two lone pairs of electrons redIces 
F.CIF* bond angle from 90° to 87 5®. Both F,—Cl bond kmths 
are equal (=1-70 A®) while Cl-Fs bond length (== |-60>^ is 
different from these two bond lengths. The diflSerence iff bond 
lengths is in accordance to our expectations, siace a tr^gieal 
^ipyramid is not a regular shape. The two lone pairs of ekettoos 


Cl 


xK 

^ I 


Cl 


Cl 


a 

/\ 
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Fig. 20.3. Pictorial representation of the formation of three Cl—F o-bonds in 
CIF 3 molecule (4pj=3, lps=2) which has T-shaped geometry. Fa 
are F atoms which make a-bonds with the hybrid orbitals occupy¬ 
ing the axial positions of the trigonal bipyramid while F» is the F 
atom making e-bona with hybrid orbital occupying the basal 
position. 

occupy the basal positions of the trigonal bipyramid as discussed 
below. 

Theoretically the twc lone pairs of electrons can occupy any 
of the three positions of the five positions of the trigonal bipyramid 
and thus give three drifferent structures (a), (Jb) and (c) to CIF* 
molecule as shown in Fig. 20.4. 



(a) W (c) 

Fig. 2U.4. Different structures of CIFj molecule showing three different 
. positions occupied by two ips in trigonal bipyramid. Struc¬ 
ture (a) has six Op- bp) repulsions, structure ( 6 ) has three 
Op— bp) repulsions and one OP—lp) repulsion while structure 
(cl has four Op—bp) repulsions. 


The consideration of Op—bp) and {ip—Ip) repulsions [Op—bp) 
represents the repulsion between dne ip and one bp, and (Ip—Ip) 
represents the repulsion between two Ips) in these structures makes 
it evident that the most stable of these three structures if that in 
which the ips occupy the basal positions of the trigonal bipyramid. 
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(ii) Structure md shape of BrFf. Like ClFs, BrFs molecule 
also has bent T-shaped structure as shown in Fig. 20.5. In this 
molecule Br-atom is the central atom and is sp^d hybridised. Here 
also, lone pairs occupy the basal positions of the trigonal bipyramid. 



Fig. 20.S. Bent T-shaped geometry of BrF, molecule. Lone pairs of 
electrons (Ip) occupy tim basal positions of the trigonal 
bipyraroid. 

(in ) Structure and shape of ICl% molecule. Whereas CIF, and 
BrF| are monomeric T-shaped molecules, ICl, in the solid state is 
dimeric with a chlorine-bridged structure shown in Fig. 20.6. 
The dimer, (IClt), is formed by joining two T-shaped ICl, 
molecules and is flat. Each I-atom is sp*d hybridised and is bonded 
to two bridging Cl-atoms and two terminal Q-atoms. Each I-atom 
has tw« lone pairs of electrons due to which (ICU), molecule does 
not have the expected regular trigonal bipyramidal shape but has a 
square planar shape. 

,— 2.70 A' 

Cl Cl / Cl 

N / / 

f' Vx 

)84“ 1, I-IVA' 

> < r \ 

/ N / N , 

Cl Cl . Cl 


Fig. 20.6. Chlorine-bridged square planar shape of 
dimerised (ICljls molecule. In this struc¬ 
ture Cl (terminal)——Cl (terminal) bond 
angle«-94*. Cl (bridging)—I—Cl (bribing) 
bond angle=84®. Cl jfbridiging)—I boi^ 
lenstha2'70 A® and Cl (terminal)—I bond 
length»2-39 A® 


Structure aad shape of 4B, type interhalogen molecmles. 

(Examples : IF^ CIF^, BrFf), The Lewis structure of ABj molecule. 


B » 



\ 

/ 

B 






\ 


:Shows that the cantral atom A is surrounded by five o-bonding 
electron pairs and one lone pair of electrons, i.e. u-ips-f-fps^S-f-j 





=6. Consequently the central atom, A is hybridised in AB* 
molecule. The occurrence of sp^d* hybridisation in AB, type inter- 
halogen molecules can be understood by considering the following 
examples: 

(i) Structure and shape of IFg molecule. In this molecule I- 
atom is the central atom which undergoes s^d* hybridisation as 
S^howo below ; 


Ss*. 5p^ 5pp* 5p»^. 5d° 5d° (I-atom in its ground state) - *-5s*. 

5pa^ 5pff 5p»^. 5(F ScF (I-atom in its second excited state) 

sp^tP hybridisation 

- -^ hybrid orbitals. One axial hybrid 

orbital contains a lone pair of electrons. 

sp*d* hybridisation scheme shown above makes it evident that 
one of the six-hybrid orbitals containts a lone pair while the remain¬ 
ing hybrid orbitals have one^ electron each. The hybrid orbital 
containing the lone pair is the axial hybrid orbital because in this 
case (Ip—bp) repulsion is minimum. Each of the five singly-filled 

hybrid orbitals makes a Aend-ro-Aead (/tnenr) overlap with the 
singly-filled 2p orbital on each F atom and forms sp*d* (I) —p(F) n- 
bond or I—F o-bond. 

Although the spatial 
arrangement of six electron 
pairs <a-bps=5 and ’//>=!) 
round the central I-atom is 
octahedral, due to the presence 
of one lone pair of electrons in 
the axial hybrid orbital, the 
shape of IF, gets distorted and 
becomes square pyramidal. A 
recent single crystal structure 
study of this molecule made by 
Burbank and James has shown 
that the basal F-atoms (Ft 
atoms) are slightly displaced 
upwards from the base of the 
square pyramid and hence IF, 
molecule assumes the structure as shown in Fig. 20 7. F.IFt bond 
angle has been found to be equal to 8r9®. I—F^ bond Jengtb-"" 
( = r73 A®) is shorter than the I--Fi bond length (= r87A°). 

(i{) Structure and shape of CIF^ and BrFt molecules, lake 
IF,, CIF, and BrF^ 'molecules siiQ have square pyramidal shape 
which results due to sp*d* hybridisation of Cl and Br atoms res¬ 
pectively. 

Structure and shape of IF, molecule. IF, is the only 
interhalogen of AB, type. Lewis structure of IF, molecule. 


Ft Fa 



Fig. 20.7. Square pyramidal structure 
of iFiinolcicule. 
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F ! I 
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/K ' 
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F I F 
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shows that the cential I atom is sunounded by sevea c-bonding 
electron pairs and no lone pair of electrons is there on Fatom. Thus 
o-h/»+/P‘^=7+0=7 and hence 1 Atom (central atom) is hybri¬ 
dised in this molecuie as shown below : 

5s*. Spm* 3pp* 5p*'. 5d‘‘ 5d^ 5d^ (I-atom in its ground slate) ->• 

5s*. 5p** 5p^ 5p*^. Sd^ Sd^ 5d* {I-atom in its third excited state) 

sp*d^ hybridisalfoH 

- *■ Seven sp*d^ hybrid orbitals each of which 

contains one electron, 

sp*d‘ hybridisation scheme shown above makes it evident that 
each of the seven hybrid orbitals is singly-filled with electrons. Each 
of theslThybiid orbitals makes a head-to-head (linear) overlap with the 
singly-filled 2px ofbital on F atom and forms seven I—F -a bonds as 
shown in Fig. 20.8 and IF 7 molecule has pentagonal bipyramidal 
shape which has two axial I—F« bonds and five b^l I—F» bonds. 
I—Ft bonds are lying in the pentagonal plane and are directed at 
an angle of 72° to each other while the remaining two I—F« bonds 
are inclined at an angle of 90° to the pentagonal plane. The angle 
between two 1—F, bonds is equal ter 180°. Thus F,—I—Ft=90°, 
Ft—I—Ft“72° and F«—I—F«=180°. Both I—F« bond lengths 
which are equal to each^other are greater than both I—Ft bond 
ten-*' j which are again equal to each other. 



Fig. 20.8 Pentagonal bipyrainidal shape of IF, molecule. 
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POLYHALIDE IONS AND POLYHALIDES 

What are polyhalide ions ■^nd polyhalides ? The ions like 
I, , IBr, , IBr^. ICir. I,' I," (anions), IC1,+ BrF.+. C1F,+ 
vcations) etc which contain more than two same or different halogen 
atoms are called polyhalide ions. The ionic compounds like Cs+ 
[IBrJ- K+dCU]-, [N(CH,)« 1 +[IC 1 «]-, [ICi*]+[SbCl,r. [BrF 2 ]+ 
[SbF,r etc. which contain polyhalide cations or anions are called 
polyhalides. As in case of interhalogens, here too the heavier halo¬ 
gen atom plays the role of central atom. 

Classification of polyhalide ions. The best way of classi¬ 
fying polyhalide ions is that they are classified on the basis of the 
total number of halogen atoms present in a particular polyhalide 
ion. Thus these ions * are classified as : (i) Trihalide ions : Is", 
ICl, ^ IBrF , BtF*"*", ICI 2 +, CIF*'*' etc. (fi) Pentahalide ions : ICI 4 ", 
BrF* , Ig , IF 4 + etc. (Hi) Heptahalide ions : I, , IF* etc. (iv) Other 
odd polyhalide ions ; 1,“, Ijj", Br,~ etc. (v) Other even polyhalide 
ions : 14 “, I,- etc. 

Solvated polyhalides. ^ Many crystalline polyhalides contain 
molecules of the solvent or other foreign .materials which are 
essential for the stability of the polyhalides because the whole sub¬ 
stance decomposes into a monohalide and a halogen or interhalogen 
when these foieign molecules .are renipved. Such polyhalides are 
called solvated polyhalides. Examples are : KI,-.-H»0, KF, . 2H*0, 
KI, . H,0, Csijo . 2 C.H 4 , BedCI,)* . 8H»0. 

Preparation, (i) Simple polyhalides like K+CL", NH 4 '*’l 5 - 
etc. can be prepared by the action of haldgen on metallic halides. 
For example : 


CU-fKCl —► K+Cl,- 
2l*-|-NH4l-> NH 4 +I 6 " 

In some cases the reaction is carried out in a solvent. The 
solvent used must not react with the reactants, must dissolve the 
halide and must not solyolyse. For example : 

/ \ OLCOOH 

[lCH,)4N]+l--f jl,-l(CH,)4Nj+ln- 

Thc value of n depends on the amount of Ij used in the reac¬ 
tion. 


(li) Mixed polyhalides like Cs'*tClF 4 ]", K+[1C1*J- etc. can be 
prepared by the action of an appropriate gaseous halogen or inter¬ 
halogen on a solid metallic halide in the absence of a solvent. 
Examples are : 

CI*-FKI —^ K+[iGy-; 2F*+CsCl —Cs+[CIF 4 ]- 
ICl-l-KCl ->K+[ICls]-; ICl-l-KBr—> K+[BrICl]- 
1CI,-1-KC1 K+[ICl4l-; BrF,-l-KF—►K+[B tF 4 ]- 
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Here too, in some cases a suitable solvent is needed for the 
reaction. For example : 

C 1 H.OH 

Br,+Cslfg)---Cs+tIBr*r 

CH>OOOH 

ICl+[(CH,)4N]Br-►[(CH,),N]+[BrICl]- 

{Hi) Polyhalides of the type namely M+[ICl 4 ]- M+riQ,!" 
(M+=Li+ Na+ etc.) and M^+UCUr (M*+=W^ Ca*+ etc.) can be 
prepared by adding I* to the solution of metallic chloride in HCl 
followed by saturation with CI 2 . For Example : 

2M+Cr {solution in /fC/)+I*+3Cl*-»• 2M->[ICl4]~ 

M*+CIa“ {solution in /fC/)+I,+3Cl*—^ M*+[lCl]i~ 

2FLb+Cr {solution in HCh+l^+Cli -►2Rb<-[lCl,]" 

(iv) Polyhalides of one type can be converted into the other 
type by the action of halogens or interhalogens on them. For 
example ; 

K[ICl*]+Clj-> K[ICl 4 ]; CsBr,+lj-► CsfJBrJ+IBr 

KtlBrjl+Cl,-> K[lCl,]+Br*; K[CllBr]+lCl-► K[IClJ+IBr 

«+rin^ acids like H+ElCUh, H+HC1J-, 

H [IPii] 2 nd H [IBrCl] can be formed by adding a halogen or an 

H+[ICl4l" is obtained as a tetrahydrate, 
M which becomes dehydrated only on decomposition. 

The po ylmlide acids namely H+tlCl,]-, HniBr,) and H+IlBrCl]- 
exist only in solution. »- i j 

Propw^. ( 1 ) Colour. All the polyhalides are coloured 
compounds.ne intensity of the colour increases with the increase 
f the_ atomic number of the halogen atoms present. Thus the 
bromo^dides are red and chlorobromidcs are yellow. 

(U) Dissociation in aqueous solution. The polyhalides are 
usuaUy very soluble in water from which they can of\m be crystal- 
'**?“• .SoiM of ^m get dissociated in water to free halogen and 
halidc ion (metallic monohalide). For example : 

i» ► i“+ii 

The stablility of metallic trihalides of MX. type having the 
same cation in the same oxidation state and di^ent trihalide 
anions in aqueous solution towards dissociation to free halogen and 
mmllic monohalide (MX halide) is in the order: MI,>MBr,> 

***? metallic trihalides having the same trihalide anion 

oxidation state, the stalnlity in- 
2 of s»« of the cation. For example: 

Nal,<IU, <RbI, <CsI,. Note that size of Na'*’, Rb+ and Cs-*- 
cations increases from Na+ to C*+. 


The ptdyhalides containing ICJ*" anion dissodate 


in aqueous' 
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solution to metal chloride and ICl,; the latter then hydrolyses to 
iodate, 10*~. 

M+[ici«r —►Men- icy x 5 

_ 5ICI.-H9H«0-» 3HIO.:f 15HCI-H, _ 

5M+[lCl4r-f9H,0 —► 5Ma-|-3HIO,-l-15HCl-f I* 

or 5ICl4"-l-9H,0—► 20Cr+3IO,--l-18H+-l-I, 

{Hi) Formation of complexes. Some of the polyhalide ions 
form complexes with organic donor molecules. Some examples of 
such complexes are : Lil,. 4C«HtCN,.Mlt. 2C,H»CN(M=Na or K). 

(/v) Effect of heat : Thermal de^mposition. When tltt solid 
polyhalides are heated, they dmociate more or less readily. The 
ease of dissociation of a given poly^ide decreases with the increase 
of the size of the cation with which the polyhalide anion is associa¬ 
ted. This mesms that the stability of the solid polyhalide towards 
dissociation is maximum when the cation with which the polyhalide 
anion is associated is large. 

On thermal dissociation the polyhalides give the metsd mono¬ 
halides and halogen molecule or inter^logen molecule. For 
example: 

. A 

Csl, —Csl-!-!, 

When a polyhalide chntaining more than one type of halogen 
atoms undergoes thermardissociation, the metal monobalide formed 
is always that which has highest lattice energy. Thus when C8^[lCy~ 
undergoes thenml dissociation, the products formed are CsCI-f-lCl 
and not Csl-f-^, since CsCI has higher lattice energy than Csl. 

For trihalide ions formed by the same metal, the order of 
thermal stability is: >IBrt~ >iCI,“ >I,Br“ >Br,“ >BrCl 2 " 

>Bra-. 

(v) Reaction with halogens. Sometimes when a polyhalide is 
allow^ to react with a balo^ mokc^ one. or two atoms of halo¬ 
gen pres^ in the polyhalide are nbstitnted by one or two atoms of 
the reacting halogen, as the case may be. 

KlBr,-l-Cl, —► KlCl,-FBrt; CsBr.-FI, —► aiBr.-flBr 

Sometimes a higber polyhalide is formed. 

KlCls+a. —*• Kiel, * 

(y/) Dissolution in liq. halogen or interhalogen. Polyhalides 
may dissolve in liquid halogen or interhalogen to give solution 
from which the original polyhalide may be crystallised on evapora¬ 
tion. The polyhalides UkeK-^Br,r.NH+J[iBr,r and RbniBr,]- 
form stdntion in bromine. 

S Sa uef ro and shape of trihniide nafoas. (Exonqfles : 
ICl^ /,“, Kl%~, IBrP~ e/c.) The tri^halide anions like 1CI,“, I,~, 
IBrr etc. have symmetrical linear shape whSe the trihidide anions 
like IBr" have unsynunetrlcpl linear saape. The structures of TCI,' 
and Is* ions have been considered as foBows : 
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(i) Structure and s/uipe of IClf ion. This ion has symmetrica-, 
linear shape which results from sfPd hybridisation of I>atom (central 
atom). Due to the presence of one unit of negative charge on 
ICls~ ion, I-atom (central atom) can be regarded as having eight 
electrons (instead of seven) in its valence-shell. The Lewis structure 

.. ^ 
of IC1,“ ion, [Cl—I—Cl]“ shows that I-atom is surround.ed by two 

a-bps and the remaining six electrons remain as three Ips on I-atom. 
Thus, since e-Aps-l-/pj=2-l-3=5, I-atom is hybridised in Ida" 
ion as shoifn below : 

5s* . 5p^5pi^5p»* . 5d* (I-atom in its ff'ound state) —► 

5j* . 5pa*Sp/5pM* . 5d^ (I-atom after having gained one electron) 

-► . 5p**5p»*5p«* . 5tP (I-atom in its excited state) 

sp*d hybrtdtsattoH 

-► Five sp*d hybrid orbitals. All the three basal 

hybrid orbitals contain lone pairs of electrons. 

Now the two axial hybrid orbitab, each of which has one 
electron, overlaps with the 3p« orbital (singly-filled) of two Cl-atoms 
to form two I—Cl e-bonds. Due to the presence of Ips, 1C1»" ion 
assumes linear (symmetrical) shape (Sec Fig 20.9). 

The three lone pairs of electrons (Ips) occupy the basal posi¬ 
tions of the trigonal bipyramid. Theoretically three Ips can occupy 



Fig- 20:9. Linear (symmetrical) shape of IClr ion with 
bps^2 and Ipsmmi. 

any tlm positions of the trigonal bipyramid and thus give rise to 
three difi^t structures namely (a), (b) and (c) to ICl," ion as shown 
in i*ig. 20 .10. Thp most stable structure is that in which the angle 
betwera two (pi is the largest angte. Now siime in stnKture (a) tlie 
angle between two Ips is 120 * which is the largest angle, this struc¬ 
ture IS the most stable, i.e., ICis~ ion has linear shape. 
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(a) Linear shape (6) Ansulai shape (c) Angular diape 
Fig- 20.10. Different structures of IC1|~ ion showing three differmt 
positions occupied three Ips in trigonal bipyramid. 

The angle between two Ips in different structures is as 
(a) =.120* ; (b) =120°, 90" ; (c) =120°, 90°. 

(iT) Structure and shape of ion. Like ICl*" ion, Ts~ ion 
also has linear shape as shown in Fig. 20*11. 


I Ip 1 1 

I .1 I 



Fig. 20.11 ■ Linear shape of U" ion with ^£=2 and tps="i. 

In some cases I—1—I bond angle in If ion is not equal to 
180* and the two I-I bond lengths are unequal (unsymmetrical 
structure) as shown below in some ionic salts 



INCQHJJ*!.-{symmetrical [N(CiHJJ*^I,-Omsyminelrical 

form) form) 
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Structure and shape of trihalide cations {Examples : 

BrFj+, ClFg"*"). The trihaUde cations like ICla"', BrFa'*', ClFa" 
have angular shape which results from .v/>® hybridisation of the 
central atom. As an example we can consider the structure of IC 4 
ion. In' this ion I-atom is the central atom Due to the presence 
of one unit of positive charge on ICI. 2 + ion, 1-atom (central a^om) 
can be regarded as having six electrons (instead of seven) in its 

valence-shell. The Lewis structure of ICl."'' ion, !C1—i—ClT shows 

that I-atom has a-bps=2 and lps=l, and. since n-bps+Ips--^. 1- 
atom is supposed to be t/i* hybridised as shown below : 

—e" 

5s‘‘‘ . 5px^5pv^5pd [I-atom in its ground state )—>■ 

5.V* . 5px^5pv"5p:’' {I-atom after having lost one electron) 

-V 5.V® . .Ipx-Spv^Spz^ il-atom in its excited state) 

sp^ hybridisation 

-- *■ [Four sii^ hybrid orbiiah 

two of which contain Ips and the remaining two ore singly-flh d . 

It is evident from sp^ hybridisation scheme shown above that 
two hybrid orbitals have ips while each of the remaining two 
rp® hybrid orbitals has one electron. These two singly-filled sp” 
hybrid orbitals make a head-to-head (linear) overlap with singly- 
filled 3p» orbitals on each of the two Cl-atoms (Cl -3,f-.3/>-L^Pn'3p.--) 
and form two .vp’(I)—3pr(CI) «-bonds. 

Although the spatial arrangement of four electron pairs round 
I-atom is tetrahedral, due to the presence of two lone pairs of elec¬ 
trons, the shape of ICU^ ion ^ets distorted and becomes angular or 
V-shape as shown in Fig. 20.12. 



Fig. 20-12. Angular or V-shape of ICI,* ion ((i-bps’=2. Ips= 2t 

The I—Cl bond length and CllCl bond angle found in ICl./ 
ion depends on the nature of the anion attached to this cation. For 
example the values of bond angle and bond length in [lCli]'*'rSbCl il 
are 92.'5’‘ and 2 31A respectively while these values in riCl,.l'^fAlCl il" 
are 96-7“ and 2'28A respectively. 
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Structure and shape of pentahalide anions. {Examples : 
/s", ICI 4 , BrF 4 "). The pentahaltde anions like I#", ICl 4 ~,'BrF 4 '' 
etc. have square planar shape which results from sjPd* hybridisation 
of the central atom. As an example we can consider the structure 
of ICl 4 ~ ion. In this ion I-atom is the central atom. Due to the 
presence of one unit of negative charge on ICl 4 ~ ion, I-atom (central 
atom) can be regarded as having eight electrons (instead of seven) 
in its valence-shell. The Lewis structure of this ion. 


Cl/ -^Cl . 


shows that I-atom is surrounded by four a-bps and 


two Ips. Thus since a-fc/jj-t-/p.?=4-f 2=6, 1 -atom is assumed to be 
sp^d* hjbridised as shown below : 


-t-e 

5.^* . 5p^Sp,*5p^ . 5d^5d^ (I-atom in its gromd state) —»• 5s* . 

5p^5py*5pt* . 5d^5tfi (I-atom after having gained one electron) -► 

Js* . 5px*5py*5p** . 5d^5d^ (I-atom in its second excited state) 
sp*d* hybridisation 

-► Six sp*d* hybrid orbitals. The two Ip.' occupy the 

axial hybrid orbitals of the octahedron. 


hybridisation shown above makes it evident that out of 
the six hybrid orbitals two axial hybrid orbitals contain two Ips, 
because in order to have minimum lone pair repulsion, the lone 
pairs must be as far from each otl«r as possible, ^her four 
hybrid orbitals (equatorial hybrid orbitals) which are singly-filled 
overlap with the singly-filled 2p* or\;itaIs on four Cl-atoms and 
form four I—Cl ff-bonds. 


Although the spatial arrangement of six electron pairs round 
l-atom is octahedral, due to the presence of two lone pairs of elw- 
trons in the axial hybrid orbitals, the shape of ICI 4 " ion gets dis¬ 
torted and becomes square planar as shown in Fig. 20. 1 3. 



Fig. 20-13 Square planar shape ot ICI 4 - ion. 
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ion in [(CHj) 4 N]‘ l 5 has planar 
V «haped geom«ry as shown in Fig. 2014 


\ 

Fig. 20.14. Planar V-iihaped 
geometry of Is" ion in 

[(CH,hN]+Ir. 

Stractura and shape of pentahatidc cationis. {Example : 

In tlF 4 ]+[SBF 4 ]~, IF** cation has distorted tetrahedral or sea- 
saw geometry with one lone pair of electrons occupying one of the 
equatorial (i.e. basal) positions of the trigonal bip\ramid. 

Due to th® presence of one unit of positive charge on 1 F 4 '' 
ion, I-atoih (central atom) may be regarded as having six electrons 
(instead of seven) in its valence shell. Lewis structure of lFi+ ion. 




\ 


F 1 


x-,/ 




\ J 


shows that the ^central atom (i.e. l*atom) is surrounded by four a-bps 
and omt re. tf-h/»s+//>=4+l=5. Thus, since a-bps-\-1ps—5, 
I-atom in tFi* ion is sjPd hybridised. Due to the presence of one 
lone pair <ff dtectrons which occupies one of the basal hybrid orbi- 
tafci, the shape of IF 4 + ion gets distorted and becomes distorted 
tetnthedrdl or sea-saw as shown in Fig. 20.15. 



Fig. 2d.lS. Distorted tetrahedral or sea-saw shape of IF 4 * ion. F., 
ared» 1 B«lomoecii|iyiiicthcnitt posMom ofilKtriioiial 
bipynanNI wMIe F« arc F^tonw atep^sat, the basal posit ions. 
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Stmctim iind sbapc of higlmr polyholidc ions (Examples . 

V, V" eteX The structure of hepta-iodine ion, I,- in 
r(C*H,) 4 N]+I,“ does not consist of discrete I," ions but rather 
consists of three-dimensional array of a linear Is ion and two 
I, molecules in the ratio 1 : 2 The structure of I, ion in 

[(CH,) 4 N]+I," consists of one I,“ unit linked with two I» molecules. 
The structure of Is*~ ion in Cssis consists of two Is units linked 
with one I. molecule (See Fig. 20‘16). 







\ 

I 

\ 

II 






Structure of I," ion in t(CH,),N]+I,- Structure of V in Cs,+ V 

Fig. 20‘16. Structure of 1»“ and V" ions. 


PSEUDOHALIDE IONS, PSEODOHALIDES 
AND pseudohalogens 

There are certain uninegative ions (e.g. CN“, OCN , Ns etc.) 
which are made up of two or more electronegative^ atoms and 
resemble halide ions in some respects. These uninegative ions are 
.called pseudohalide iipts. Examples of some .important pseudohalide 
ions are : cyanide ion (CN"), isocyanide ion (NC ), fulminate ion 
(ONC~), cyanate or oxycyanite ion (OCN"), isocyanate ion (NCO ), 
thiocyanate ion (SCN~), isothiocyanate ion (N^“), tellurocyanate 
ion (TeCN"), selenocyanate ion (SeCN”), isoselenoc>nate ion 
(NCSe"), azide ion (Ns"), azidothiocarboMte ion or azido 
carbondisulphide ion (SCSNs')- (ionic compounds) 

by the pseudohalide ions [e g. AgCN, Pb(CNS)i etc.] arc called 
psetidohalid- s. 

As the dimers of halide ions are called halogens, the covalent 
dimers of the pseudohalide ions are called pseudohalogens or halo- 
genoids. So far only a limited number of pseudohalogens have 
been isolated and characterised. Examples of some pseudohalogen® 
or haiogenoiUs are : cyanogen, (CN), ; oxy cyanogen, (OCN)-. 
thiocyanogen, (SCN").; tellurocyanogen, Te(CN)s; seienocyanugcu, 
(SeCN),; azidocarbon disulphide, (S^Ns)*- 

Similarities between halide ions and pseudohalide ions ; 

(i) Formation of ionic as well as camlent compounds. Like halide 
' ions, pseudohalide ions also form ionic as well as coyaleiit com¬ 
pounds. Examples of ionic compounds formed by halide ions are 
AgCl, Pblj etc. and the analogous ionic compounds given by 
pseudohalide ions arc AgCN, Pb(CNS)» etc. Similarly the examples 
of covalent compounds ^med by hali^ ions are IQ, SiCU, COClt. 
SOfCI, etc. and the analogous covalen^mpounds given by pseudo¬ 
halide ions are ICN, Si(NCS)„ CO(N,)„ SO,(N,)» 
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(n) Oxidation of hydracids. HX acids (X=C1“, Br~, 1 ) ca^ 
be oxidised to free halogen (Xt). Similarly HY acids (Y=SCN , 
CN" etc.) can also be oxidised to free pseudohalogen (Yj). For 
example : 

4HCl+MnO,-»• MnCl 4 + 2 H,! 0 +Cl, 

4 HSCN+Mn 02 -► Mn(SCN),+ 2 H* 0 +(SCN '2 

(Hi) Thermal decomposition of PbUV) salts. On heating 
some of the Pb(lV) salts of halide ions (e.g. Pba 4 ) decompose to 
give Pb (II) salts and free halogen molecule. Similarly some Pb(lV) 
salts of pseudohalide ions [e.g. PbISCN)*, Pb(SeCN) 4 ] decompose to 
give Pb(ll) salts and free pseudohalogcns. For example ; 

A 

PbCl*->»PbCls+Cl,; 

A 

Pb(SCN)4-► Pb(SCN)»+tSCN)* 

(jv) Formation of complex ions. Like halide ions, pseudo¬ 
halide ions also fdrm complex ions with transition metal ions. 
Examples of complex ions forn ed by halide ions with transition 
metals are [FeF.?', [CoCLl*". fHgM®" etc. and the analogous 
complex ions given by pseudohalide ions arc [Fc(CN) 4 ]*’, [Co(SCN'> 4 ]* ',. 
[Hg(CN) 4 l»- etc. 

(v) Formation of intcr-pseudohalogen end inter-halogen 
compounds. Halide ions can combine together to form interhalogen 
compounds like CIF, ICI, IBr etc. Similarly pseudohalide ions can 
also combine together to form inter-pseudohalc gen compounds like 
CN.Ns, CN.SCN etc. 

(yi) Formation of monobasic hydracids. Like halide ions, 
pseudohalide ions also combine with H-> to form monobasic 
hydracids. 


H,-l-2Cr - > 2 HCl-f 2 e 
H,-1-2CN--^ 2HCN-f2t- 

(viii) Formation of insoluble salts. Like halide ions, pseudo¬ 
halide ions also give insoluble salts with Ag+ Pb*+ and Hg'*' 
cations. Examples of insoluble salts formed by halide ions are 
AgCl, PbCli, HgCl etc. and the analogous insoluble compounds 
given by pseudohalide ions are AgCNS Pb(CNS)«, HgCN. etc. 

(viii) Acting as bridging ligands. Like .halide iocs, pseudo¬ 
halide ions also have more than one pair of electrons and hence 
can coordinate with two metal ions simultaneously. Consequently 
like halide ions, pseudohalide ions also can act as bridging ligands. 
For example in [R 4 Au(CN )]4 which is a tetrameric compound, four 
CN~ ions act as bridging ligands. ' Similarly in [RiAuCIJs which is 
a dimeric compound, two Cl" ions act as bridging ligands. 
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R R 

Aa-«-N =C—Au<^ 

r' I t R 

C N 

III II 

N C 

R I I R 

'\Au-C=N-»Au'-^ 

R R 

[RsAu(CN)L compound 
(Tetrameric) 

Note that in each of the above compounds the geometry of Au 
atoms is square planar. 

Dissimilarities between halide ions and pseudobalide 
ions. (/) The hydracids formed by the pseudohalide ions on 
combination with hydrogen are relatively weaker than the analog¬ 
ous hydracids formed by the halide ions. For example HCN is a 
very weak acid while HCI is a very strong acid in aqueous medium. 
The weak nature of hydracids given by pseudohalide ions may be 
due to the poor electronegativity of the pseudohalogens. 

(a)' Pseudohalide ions are stronger coordinating ligands than 
the halide tons and hence the complexes formed by pseudohalide 
ions are low spin (i e. inner-orbital involving <Psp^ hybridisation) 
while those formed by halide ions are high spin (outer-orbital 
involving hybridisation). For example [Fe(CN)«]*“ is a low 
spin compIc.\ while [FeF«]‘" is a high spin complex. 

That the pscudohalidc ions arc stronger ligands than the halide 
ions is due to the ability of the electron deficient pseudohalides to 
form a bond (from the pseudohalide to the metal) as well as »-bond 
(from the metal to the pseudohalide). 

uii) Pseudohalidfr ions, being made up of two hetro atoms, 
can function as mnbidentutc li^nds. For example class a metals 
form isothiocyaiiate complex like [Co(NCS) 4 l*" in which N atom 
is coordinated to (. 0 -+ ion while class b metals form thiocynate 
complexes like [PdfSCHlJ*" in which S atom is bonded to Pd*+ ion. 
Halide ions have no tendency to act as ambidentate ligands. 

Similarities between halogens and pseadohalogens. 

Following arc the points showing the similarities between the two 
classes of compounds. 

t /) Volatile and dimeric nature. Like halogens, pseudohalogens 
arc also dimeric and fairly volatile (with the exception of polymeric 
thiocynogen) in the free state. 

(/() Isomorphous nature. Pseudohalogens, are isomorphous 
to halogens when in the free or solid state. For example Cl* is 
isomorphous to (CNls and similarly Br* is isomorphous with 
(SCN).,. 


R Cl R 

Au 5 ^ Au \ 

R Cl R 


[Ru,Audit compound 
(Dimeric) 
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(Hi) Addition to ethyienic double bond. Like halogens, 
pseudohalogens also add to ethyienic double bond linkage. For 
example: 

HsC=CH2 4-Cl2—♦ H»C(Cn-CH2(Cl) 
H2C=CH*+(SCN)* —f H,C{SCN)-CH2(SCN) 

(iv) Reaction with alkalies. Like halogens, pseudohalogens 
also react with alkalies. For example : 

(a) (SCN)2+2K0H (cold and dilute) —► KSCN+KOSCN 

+H 2 O 

C12+2KOH (cold and dilute) -► KCl+KOCl+HaO 

(b) 3(SCN)2+6K0H (hot and concent rated) -^ 5KSCN 

+KSCN0,+3^l20 

3Cl,+6KOH (hot and concentrated) —-> SKCl+KClOs 

+ 3H.,0 

(v) Formation of monobasic hydracids. Like halogens, pseudo¬ 
halogens also combine with Hj to form monobasic hydracids. 

Cl^-f-H,—>-2HCl 
fCNlj+Hj-> 2HCN 

Diasimiliirity between halogens and pseudohalogens. 

Pseudohalogens undergo polymerisation and form polymerised 
species. Fo*- example: 

500°C 

/j(CN'a->- 2(CN)» 

Room temp. 

/z(SCN) 2->■ 2(SCNl„ 

On standing 

«(SeCN)j-► 2(SeCN »„ 

Halogens have no tendency to undergo poly merisation. 

Oxidising power of halogens and pseudohalogcns. The 

oxidising power of halogens and pseudohalogens decreases in the 
following order : F, > Cl, > Br 2 > (CN), > (S CN), > I, > (SCSN,)^ 
>(SeCN), This order of oxidising power is also supported by the 
standard reduction potential values (E° values) for the following 
reduction half-.^eactions : 

iBr,-l-e~ Br" ; E“= +107 V 
KSCN),+e- ->■ SCN- ; E°=-F0*77 V 
> 1 E°=-l-u’535 V 

i(SCSN,),+e- SeSN,-, E®= -I-0-275 V 

These values show that with the decrease of values from 
Br, to (SCSN,)s, the oxidising power of these species also decreases 
in the same direction. Thus : 

(a) Br, oxidises SCN“ ions to (SCN), 

Br,-1-2SCN- (SCN),-l-2Br- 
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(b) (SCN)^ oxidises I" ions to l 2 
(SCN)„-f 2 r 2 SCN-+I.. 

u ) oxidises ScCN~ ions to (SeCN >2 
I, L2SeCN- (ScCN)t+2l" 

SOME PSEUDOHAJLOGENS 

1 . Cynogeii, (CN)^ Or C 2 N 2 . This coiupotind was discovered 
by Gay-Lussac in 1815. 

Preparation. (/) It is formed by heating the cyanides of 
llg (Ill, Ag (1) and Au (111). HgfCN). is heatcato dull redness in a 
hard glass tube to get iCN )2 gas which is collected over Hg. 

dull redness 

Hg(CN )2 ->Hg-(-(CN )2 

The y ield of (CN), obtained in this wav is not quantitative, 
since (CN).. formeu pohmetises (at 500 '1 to insoluble paracynogen, 
(CN)^. 

Polymerisation 

.v(CN),--.'2(CN)2: 

500'C 

(CNI.J is set free ai a lower temperature and is obtanied in 
better yield by heating a mixture of Hg (CNl.^ and HgCU , 

Hg(CNl 2 -i- Hg(. I 2 HgjCL + CCN), 

{ill ICN'.^ can also be prepared by the action of KCN on 
C. USO 4 solution. The reaction proceeds as : 

CuSOi (.so/Mr/cui)+2KCN-> K-.SO,-i-Cu(CN )2 
dcccm poses 

2 CuiCNi 2 -:CuCN4(C^b2 

ill/} iCNj.j can also be prepared by hea'ing animoiiiutn oxalate 
with P 2 O 5 . 

COONH 4 Heal with P O 5 CO'IH., -2H,0 

I -. I ->(CN),. 

COONH 4 (- 2H-0) CON Ha 

Ammonium Ocamidc 

oxalate 

Properties. (/) It is a colourless, extremely poisonous, flam- 
able gas (b. pt.=—2r2N and freezes to a solid (m. pt. ——27'9°). 
it has a smell of bitter almonds. 

(/i) Burring in air. It burns in air wiin a violet coloured flame 
lo give CO 2 and N 2 . During this react'on explosoin takes place. 

(c..N)2“1”202 2CC2-4”N2 

I Hi) Folyeitrisatioii. Although pure (CN )2 is stable, the pure 
gas undergoes polymerisation on hcatir g to 500° to an insoluble 
solid, puracyanogeii, (CN)n which, at 800°, regenerates (CN )2 but 
decomposes abave this temperature. 
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N N N N 

•\/\-/\/\/\ 

500“ C C C C 800“ 

h(CN).. - 1111 -»-n(CN)2 

■ c c c c 

N N N N 


Paiacynogen, (CN). 


(/v) Hydrolysis. It is soluble in water and undergoes slow 
hydrolysis to give a number of products, the main products being 
ammonium formate, urea, oxamide and ammonium oXalaje. 


+H,0 

HCONH»-»-HCOONH* 

Formamide Ammonium formate 
t 

I +H.O 


+ 2H.O 

HjN—C—C—NH.-i-(CN), 

II ;l 
O O 
Oxamide 

1 

1 +2H,0 

Ammonium oxalate 


+H,0 

-►HCN + 

Hydrogen 

cyanide 


HNCO 

Cyanic 

acid 


J+H.O 

NH.OCN 

Ammonium cyanatc 
■1 

H,N . CO . NH, 
Urea 


+ COt 


(v) Action of alkalus. It dissolves in alkalies (e.g. KOH) to 
form the cyanide (K.CN) and oxy-cyanide (KCNO). 

(CN)2+2K0H -> KCN+KCNO+HjO 

(v/) Action of alkali metals. It cdmbines directly with alkali 
metals to form their cyanides 

2K f(CN)2-> 2KCN 

{vii) Addition reactions, A number of reactions of (CN)* in¬ 
volve addition across one or both of the multiple bonds in its 
molecule. Thus H 2 S gives thiocynaformidc and dithio-oxamide 
while aqueous NH*OH gives oxaldihydroxamide. 

S S S 

H,S li H,S II R 

N=C—C=N-> N=; C—C -NHj-H^N—C—C—NHj 

Cynogen Thiocynaformi- Dithio-oxamide 

de (1 :1) 

HON- NOH 

II II 

N=C-C=N-f2NH20H (aq) HgN—C-C—NHo 

Oxaldihydroxamide. 
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(via) Reduction by hydrogen. When (CN)^ is reduced by H 2 , 
both the triple bonds are converted into single bonds by taking up 
hydrogen tdams and thus ethylenediamine, H^N—CH*—CH»—NH* 
is formed. 

N=C—C=N+4H» -> HtN-CH*—CHs—NHa 

iix) Fluorination. When (CN)* is fluorinated by AgF* at 
10®, Lt gives (FjCN)* (1), although other products may also be 
obtained. 

F F 

II 

N=C—C=N+2F.,-► F—C—C—F 

I 1 
N=N 
(I) 

^x) Other reactions. Some other reactions of (CN)* are given 
below: 

'N-N 

✓ \ 

(a) (CN)j + HN3 -> N C. CN (S-cyanotetrazole) 

\ / 

NH 

ib) NsC—C=N+2NH2.NH* (a^)->HN=*C-C=NH 

1 1 

NH.NH, NH-NHa 
(Oxaldiimidic add dihydra* 
zide) 

NH 

U 

(c) N=C-C=N+R,NH -> R,N—C—C=N 

(N. N-dialkyl 
cyanofoimamidine) 

id) NsbC—C=N+2RNH2 -> RNHC-CHNR 

II II 
NH NH 
(Dialkyl oxamidines) 

Uses. It is used in organic synthesis and as poisnous gas in 

wars. 


Structure. The vapour density of the gas is 26 which shows 
that its formula is CiN 2 . The formation of ethylene diamine, 
HgN—CHj—CH*—NHf on reduction and of oxamide, 
HgN—C—C—NHg during hydrolysis shows that the order of atoms 
II I! 

O O 

in cyanogen molecule should be N—C—C—N which is linear and 

symmetrical. Thus the structure of (CN)* is N=C—CsN. The 
N—C and C—C bond lengths which ate equal to 1T6 A and r37 
4 respectively show that the true structure of the molecule is best 
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represented as a resooaooe hybrid of tbe toUowing three stniotures, 
structure (1) being the most contnbutthg form. 


iNsiC—C=N: ** ;N=C=C==N; ♦♦ :N=C==C=N; 

(0 (U) (m) 

In structure (1) both the carbon and both the nitrogen atbtns 
are sp l^bridised and each cari)on and nibrogen pair form two n- 
bonds in between them. One of the two jp-hybrids on each N 
atom contains a lone pair of electrons and other sp-hybrid orbital 
has one elytron. This singly-occupied jp-hybrid on each N atom 
overlaps with Jj^hybrid on carbon atom to form sp—sp N—C 
a-bond.jp hybrid orbitals on each carbon atom overlap to form 
sp—sp C—C o-bond. Thus in ^1 we have, one C—G sp—sp o-bond, 
two N—C sp—sp <r*bonds and four N—Cp— p n-bonds as shown in 
Fig. 20.17. Each N atom has a lone pair oFelectrons residing in 
one of the two sp-hybrid orbitals. 


sp sp 2p 2p 

N[(spj* (sp)'j 2p)'(2p)’] —* 


Cfsp/fsp/ (2p)'(2p/]^. 


C ^spf (spj> (2pj' ( Zp)' ] 


sp sp 2p 2p 

Fig. 20.17. Formation of o- and n-bonds in cyanogen molecule, 

(CN )2 [structure (I)] on the basis of sv-hydridisation. 

2. Thiocyanogan, (8CiN)s. Frcparatioii. It may be pre¬ 
pared : (i j by treating lead thiocyanate, Pb(SCN )2 or AgSCN with 
Br, in ethereal solution at 0*'C. 

Pb(SCN), + Br, —► (SCN), + PbBr* 

Evaporation of the solvent, after filtering PbBrt. gives free 
(SCN)2. 

({/) by electrolysing an alcoholic solution of NH4SCN or 
KSCN. 


-N\(sp}^ (sp)'{Zpi (2pf'\ —»• 



f/i) by the oxidation of HSCN by Pb(CH,COO )4 or MnOg. 
2HSCN + Pb(CH,COO >4 —► (SCN)* + 2CH,COOH 

+ Pb(CH,COO )• 

4HSCN + MnO, —► (SCN)a + 2HsO + Mn(SCN)*. 
Properties. (/) It is a yellow solid which polymerises 
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ineversibly at room temperature to a red-brick amorphous solid 
which is parathiocyanogen, (SCN)it and insoluble in water. 

(ii) It is most stable in CCI 4 or CH«COOH solution in which 
it exists as NCSSCN. 

(it/) It is rapidly hydrolysed by water to form thioc^anic acid 
(HSCN) and hydrocyanic acid (HCN). 

. (iv) Following reactions of (SCN)jt indicate its oxidising pro¬ 
perty and similarities with halogens. 

(a) A solution of (SCN), in ether or in CS. liberates I* from 
an iodide. 

(SCN), + 21--*- 2SCN- + 1, 

{by It oxidises Cu(I) salts to Cu(ll) salts. ^ 

(SCN), + 2CuSCN —»■ 2Cu*+ + 4SCN- 
tc) It combines with memls to form metallic salts. 

(SCN)2 + M(M=0)-V M(SCN),lM=-l-2) 

(</) It oxidises thiosulphate (SaO,"') into thiosulphate (,S« 0 ,*") 

(SCN), + 2S,0,*--»- 2SCN- + S*0,-- 

(c) Sulphur is precipitated from H,S. 

(SCN), -I- H,S->• 2H+ + 2SCN~ + 84 

(/) Arsenite (asO,*~) is oxidised to arsenate (AsO,®"). 

(SCN), + AsO,®-+ H,0 —► 2 SCN- -h 2H+ + AsO,® 

(v) Some other reactions shown by (SCN), can be reprcseulcd 
by the following chemical equations 

(«) Cold solution of (SCN)., + NO-^>- NO.SCN 

(Nitrosyl thiocyanate) 

-I-2HC1 

(b) J M cold solution of (SCN), -► (SCN),.2HC1 (Dihydro 

H-H,0 

chloride) --- *■ (SCN),,H,0 (Monohydtate). 

(—ma) 

Uses. (SCN )2 is used (i) as an oxidising agent (ii) for the 
determination of unsaturation in organic compounds. 

Structure. (SCN), molecule has tautomeric structures 
namely (a) and (b) shown below : 

/C=N 

N=C—S—S—C=N S=S( 

^C=N 

(a) Symmetrical structure (fr) Unsymmetricai structure 

X-ray evidence points to a linear arrangement of S—C—N 
atoms and hence structure (u) is a symmetrical structure. 

3. Selenocyanogen, (SeCN),. Preparation. This helege- 
noid may be prepared as follows : 
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^ (i) By the reaction of 1* with silver selenocyanate, AgSeCN 
dissolved in ether. 

2AgSeCN + 1,-^ (SeCN)t + 2Agl I 

ppt. 

Hi) When Pb(CH,COO )4 dissolved in CHCl, is tr^ted with 
KSeCN in anhydrous acetone, Pb(SeCN )4 is formed w^ch is un¬ 
stable and hence decomposes to give Pb(SeCN)a and (ScCN)*. 
Pb(CHsCC) 0>4 + 4KSeCN —► PblSeCN)* + 4CHsCOOK 

Pb(SeCN )4 -► Pb(SeCN )2 + (SeCN)* 

Properties. It is a yellow crystalline powder which turns 
red on standing. When kept dry and under pressure, it is quite 
stable. It is soluble in C,H„ CHCl, or CCl*. On heating a solu¬ 
tion of (SeCN), in CS, under reflux, polymerisation occurs and 
crystalline compounds namely SejtCN), and SeCCN)^ ate obtained. 
These compounds can be separated from each other on cooling. 
(SeCN)j reacts with H,0 forming hydroseknic acid, HSeCN. 

2(SeCN)j, + -*• H^eO, -h 3HScCN + HCN 

It is slightly weaker in its oxidising properties than 1,. 
Structure. Its molecular weight in C 4 H 4 agrees with its di¬ 
meric formula, (SeCN),. Its structure is probably the saiM as 
that of (SCN),. Raman spectral studies have shown that (SeCN), 
molecule has a linear structure which can be represented as 

N=C—Se—C=N 

4. Oxycyanogen, (OCN),. Preparation. ( 1 ) Lidov pre¬ 
pared it by the action of HjO*, CuO or sodium hypobromite on 
KOCN. 

4KOCN + 2 H 2 O,-► 2K,CN02 -) (OCN), + 2H,0 

Hi) (OCN), can also be prepared by the action of AgOCN on 
I, in CS, or CCI 4 solution. 

2AgOCN -I- I, -»• 2Agl + (OCN), 

(Hi) (OCN), can also be prepared by the action of cyanogen 
bromide (CNBr) on Ag,0. 

2CNBr + Ag,0 — - 2AgBr + (OCN), 

Properties. (CNO), shows typical properties of pseudohalo¬ 
gens. It liberates I, from an iodide solution, reacts with metals, 
forms inter-pseudohalogen compounds. 

5. Axido carbon disulphide, (SCSN,),. Preparation. It 
may be prepared by oxidising potassium azidodithio carbonave, 
KSeSN, with H,0,. I„ FeCl, etc. / 

KSeSN, required for the ptirpose is obtained by the interac¬ 
tion of KN, and CS, at 40‘’C. 

KN, -4- CSt-► KSeSN, 

2 KSCSN 3 + H,0, —► (SCSN,), + 2KOH 

2 KSCSN, + I,-*■ (SCSN,), + 2KI 

2KSCSN, + 2FeCI, (SCSN,), + 2FeCl, + 2 Ka 
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Praportics. It is a,white orystalline solid and sUghtly soluble 
in water. It is unstable and decomposes violently automatically to 
give N., sulphur and (SCN) 2 . 

(SCSN,), —2N2 + 2S + (SCN), 

It reacts sloyly with dilute add, and rapidly with concentrated 
acids to liberate' sulphur. However, with H1SK5* no sulphur is 
precipitated. 

Tn reaction with an alkali it resembles Cl^. 

(a) (SCSN,)* + 2KOH {cold and dilute) -► KSCSN, 

+ KOSCSN, + H,0 

a, + 2KOH 5foW and dilute) -» KCl + KOCl + H*0 

{b) 2(SCSN8)» + 6KOH {hot <md concentrated) -*• 5KSCSN, 

+ KSCSN,0, + 3H*0 

3C1* + 6K<!)H {hot and caneentrated) —► 5KC1 + KCIO* 
f . + 3H,0 

It is a weaker oxidising agent than I*. 

Strnctnre. Following two tautomeric forms have been 

suggested for the mtrfecule. (!) is probably more likely. 

S 

II 

N =N=N-C—S—S^C—N=N«iN 

S j 

0 ) 

s 

II 

N=N=N—C-S—C—N NbbN 

il II 

s s 

dl) 
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Pollution and its Effects on the 

Living World 


Pollution and pollutants 

The contamination of air, water and soil with the substances, which 
have adverse effect on human bdngs, animals and plants, is called pollution 
of air, water and soil respectively. These substances, whose presence in air, 
water and soil makes them pcdiuted, are called pollutants. Thus a pdlutant 
can be defined as a substance whose contamination with air, water and soil 
makes them polluted and has adverse effect on living and non-living things. 
Types of poDutants 

Pollutants may be of the following types: 

(0 Gaseous pollutants. CO, NO, NO 2 , CO 2 , SO 2 , SO 3,03 smog gases 
etc. are most common gaseous pollutants. 

(ii) Liquid pollutants. Liquid wastes include sewage wastes and 
industri^ wastes. The sewage waste contains faecal matter, urine, washings, 
large number of bacteria etc. Wastes from industry enter the river and affect 
aquatic life and self- purification system of water is disturbed. 

(rii) Solid pollutants. The solid pollutants include rubbish, ashes, dead 
anim^, wastes sludges, chemicals, paints, sand, pesticides, insecticides, 
manures, crop residues etc. The solid pollutants may be of two types 
namely biodegradeable pollutants and non-biodegradeable pollutants. 

(iv) Pollutants without weight. The pollutants without weight are 
radioactive substances; heat and noise, 'ne pollution caused by these 
pollutants is called radioactive pollution, thermal pollution and noise 
(sound) pollution reflectively. 

Types of pollution 

Following are the important types of pollution: 

(0 Air pollution - pollution of atmosphere. 

(it) Water pollution - pollution of river and sea water. 

(Hi) Industrial pollution. This pollution is caused by the wastes from 
industry. 

(tv) Noise (sound) pottution. The adverse affects jwoduced by the 
excessive noise on human beings is called noise poUutioiu Excessive noise 
reduces our hearing capacity. 
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(v) Thermal pollution. Excessive of heat affects our health adversely 
and increase in temperature results in the death of aquatic animals. This is 
called thermal pollution. 

(vi) Radioactive (Radiation) pollution. The radioactive wastes have 
adverse effect on water, earth and air. The pollution caused by radioactive 
wastes is called radio active pollution. 

(vi7) Soil pollution. The contaminaticm of soil with acid rain, excess of 
fertilisers etc. is called soil pollution. 

AIR POLLUTION 

Air, in nature, is never clean, since it is contaminated with poisonous 
gases (e.g., CO, NO, NO 2 , SO 3 , O 3 etc.,) unbumt hydrocarbons, etc. Thus 
the contamination of air with harnrful gases, dust, smoke etc., is called air 
pollution. The pollutants like CO, NO, NO 2 , SCh, SO 3 , O 3 , dust, smoke 
which pollute air, are called air pollutants. 

To express the concentration of a gaseous pollutant 

llie concentration of a gaseous pollutant (e.g., CO, NO, NO 2 , SO 2 , 
SO 3 , O 3 ) in air is expressed in terms of die number of molecules of that 
pollutant present in one million molecules (=:1(XX),000 molecules) of air. 
Thus the number of molecules of a gaseous pollutant, present in one million 
molecules of air, is called ppm value of that pollutant. For example, if there 
are SO molecules of CO in one million molecules of air, the concentration of 
CO in air is equal to SO ppm. This discussion shows that ppm value of a 
given gaseous pollutant indicates the number of molecules of that pollutant 
present in 1000,000 moleculesfof air. 

Sources of air pollutants and their bad effects. 

In the foliowing paragnqihs we shall discuss the sources of some air 
pollutants and their bad effects on human beings, animals, plants and 
non-living things. We shall lake up the pollutants one by one, as shown 
below: 

1. Carbon monoxide (CO) (a) Major sources of CO. Major sources 
of CO are given below: 

(0 CO is produced by the incomplete combustion of all 
carbon-containing fuels (incomplete combustion is that which takes place in 
presence of insufHcient quantity of O 2 ) used in automobile engines and 
defective furnaces. Thus the smoke obtained by the incomplete combustion 
of petrol in the internal combustion engines of cars, buses, trucks, scootos, 
aeroplanes etc. (The engines used in these motor vehicles are call^ intonal 
'combustion engines, because the petrol, which is used as a fuel, is burnt 
inside the engine and not separately) contains a lot of CO. 

(/i) When coal, wood and oil are burnt, black smoke is produced. This 
smc^e also contains CO. 

(Hi) Cigarette smoke also contains CO. 

(iv) Incomplete combustion of agriculturral and slush miUter produces 
CO. 

(v) The reactions that take place si high temperature in industrial 
furnaces, like blast furnace, evolve CO. 

(vi) Industrial processes involved in steel, p^ier and petroleum 
industries also generate CO. 
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(v/ 7 ) All the above mentioned sources of the production of CO come 
under human activities. CO is also generated by natural sources like forest 
fires, volcanic eruptions, seed germination, elecuic disch.arge during storms 
etc. 


(h) Toxic effect of CO on human beings and aninuils. Before we 
discuss the toxic effect of CO, it is worthwhile to have an idea about the 
structure of h.'iemoglobin which is present in the red cells of the biood. 
Haemoglobin is an octchcdral complex of Fe (II). The centre of the 
octahedron is occupied by Fe (II) and tlie four corners of tlie squ;u^c base are 
occupied by four N-atoms of the heme group. Fifth position (one axial 
position) is occupied by N-atom of histidine, while the sixth position (/.<’., 
the second axi,-!! position) rcm.-tins unoccupied. Thus the structure of 
haemoglobin 0,10 be represented by ( 1 ) or simply by lib. When a hum.an 
being or an .'inim''J inhales O2 from the atmosphere, this gas combines in 
lungs with the haemoglobin .and forms o.xy-haenwgiobin. Hb02. In the 
formation of Hb02. O2 occupies the sixth position (which is vacant) of the 
octahedron of Hb. Hb02 llius formed, dissociates into Hb and O2 at the cells 
of the muscles. Thus, O2 becomes available to the body muscles or lx)tly 
cells. In other words we can say that Hb02 acts .as an o.xYgcn-rarricr for 
blood. 


COOH 

( 

HoN-CH 

I 

CHj 


C- 

II 

HC 


-NH 


CH 




I+2^N 

I '^N 


(I) or Hb 


+ 


COOH 

I 

H.N-CH 


CH, 

C-NH 


HC 

\ 


\ /CH 




HbOi 


O 2 




or Hb + O2 ^ Hb O2 

Dissociation 

Hb 02 -> Hb + O2 


Now if a human being or an animal inhales CO, instead of O2, vacanfi 
position in the structure of Hb is occupied by CO, since Hb h;ts greater 
affinity for CO than for O2 and carboxyhaenwglobin, HbCO is formed. 

Hb + CO -> HbCO 

The formation of HbCO makes Hb unable to Utke up O2 from the 
lungs. This results in that the quantity of O2 availttblc to the body-cells gets 
reduced. This is called anoxia {oxygen star\>ation). This produces 
suffocation and may even lead to death. 
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If a person smokes a packet of cigretfes daily, he inhales CO from the 
cigarette smoke. This CO produces HbCO in the blood and hence normal 
body functions are disturbed. 

(f) Treatment of CO poisoning. The most effective treatment of CO 
poisoning is that the victim is exposed to 2 to 2.5 atm. O2 under a higher 
pressure. This results in that CO pre.sent in HbCO is substituted by O2 
(HbCO + O2 Hb02 + CO). When Hb02 comes in contact with the cells 
of muscles. O2 is given up by it (Hb02 —>Hb + O2). 

{(f) Monitoring of CO. The monitoring of CO is done by means of 
non-dispersive infra-red spectrosmetry. This technique estimates CO upto a 
level of 150 ppm and is ba.sed on the principle that CO strongly absorbs 
infra-rcd radiations at certain specific wavelengths. The amount of infra-red 
radiations absorbed by CO gas is directly proportional to the concentration 
of the gas. If the concentration of the gas is near 10 ppm, this gas is 
estimated by gas-chromatography, in which a flame ionisation detector is 
used. If the concentration of CO gas is below 10 ppm. the gas is estimated 
by reducing it with H2 gas over nickel catalyst at 360 °C (catalytic reduction) 
and CH4 thus 

obtained (CO -t- 3 H 2 O - 4 3 - ^ CH4 + H2 O ) is estimated by flame 
ionisation detector. 

(e) To control the pollution caused by the unburnt hydrocarbons and 
CO present in the gases released by the vehicle's engine. The gases released 
by the vehicle’s engine contain various pollutants like CO, CO2. SO3, 
unbunit hydrocarbons (like Cs His). NO and NO2. These substances pollute 
air. In order to control the air pollution caused by hydrocarbons and CO, the 
following methods :irc used. 

(/) By adding lead tetraethyl, Pb(C2M5)4 to the petrol. Suppose a 
vehicle uses petrol as fuel. Petrol bums very fast in the vehicle engine, e.g., 
the rate of combustion (burning) of petrol is very high and hence the time 
taken by the petrol for its combustion is very short. Due to this .short time, 
the combustion of petrol is incomplete. 

Pb (Cdt,;)^ added to tlic petrol (U .5 to 0 . 8 g per litre) to slow dow'. 
the rate of the combustion of the petrol Pb(C2H5)4 is called anti-knock. The 
addition of Pb(C2H5)4 provides more time to the petrol for its combustion 
and hence enables it to bum more completely. Due to this, the quantity of 
unbumt hydro- carbons and CO (pollutants) coming out of the engine, with 
exhaust gases is reduced and hence air pollution is also minimised. 
Pb(C2H5)4 is oxidised to PbO which gets deposited on the spark plugs and 
valves. In order to prevent the deposition of PbO, suitable amount of 
C2H4CI2 and C2H4Br2 are also added to the petrol, along with Pb(C2H5)4. 
These halides convert PbO into PbCl2 and PbBr2 both of which are volatile 
and hence come out along with the exhaust gases emitted by the 
vehicle-engine. 

Pb (Cj H.vi, -I- O2 4 - C2 H4 CI2 + C2 H4 Bi2 -> CO2 + H2 O -I- PbCl2 -I- PbBr2 

Although the addition of Pb( C2 Hs )4 minimise the air pollution 
caused by unbumt hydrocarbons and CO, the air gets polluted with 
dangerous PbCb and PbBr2. 
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(ii) By the catalytic oxidation of CO and hydrocarbons with platinum 
catalyst. The pollution of air caused by unbumt liydrocarbons and CO 
present in the exhaust gases of the vehicle’s engine can also be reduced by 
attaching gasdevice with the vehicle’s engine, in which the exhaust gases 
can be mixed with more air and then burnt completely in the presence of 
platinum catalyst, before they are discharged into the environment. 
Hydrocarbons and CO are oxidised by O2 of the air in presence of platinum 
caUHyst. ^ 


2C8H18 + 2502 ,6C02 + I 8 H 2 O 

2CO + O2 ) 2 CO 2 

The disadvantage of this method is that the platinum catalyst gets 
and PbBr2 which are produced by the reaction between 
Pb(C2H5)4, C 2 H 4 CI 2 and C2H4Br2 (these compounds are added to the 
petrol) m presence of O2. 

2 . Carbon dioxide (COi). .Mthough .small quantity of CO2 is not 
usually considered to be a pollutant, its excess quantity in the atnwsphere 
has an adverse effect on our climate, (see green-hoiise effect discussed 
below) and thus pollutes the air. Thus greater amount of CO2 in the 
atmosphere acts as an air pollutant. 

{a) Major suppliers of CO2 to the atmosphere. Following are the 
important suppliers of CO2 to the atmosphere. 

(/) Burning of fossil fuels. The fossil fuels, like coal, natural gas and 
p^oleum.t^ carbon compounds. When these fuels are burnt, they produce 
CO2 which IS discharge into the atmosphere. The burning of fossil fuels is 
releasing about 6000 million tonnes off CO2 in the atmosphere every year. 

{Uy Cultivation of soil The cultivation of soil also releases large 
amount of CO2 into the atmosphere, which is produced by bacteria. The 
cultivation of land releases 2000 million tonnes of CO2 into the air every 
year. ^ 

Op of volcanoes. CO2 is also given to the atmosphere 

through the eruption of volcanoes. This gas comes from the interior of ihe 
c^rtn. 

(/v) Respiration of living organisms 

(v) Decay of dead organisms 

(b) Major consurners of CO2 from the atmosphere. The major 
^nsumers of CO2 gas fn^ the atmosphere are green plants and oceans. 
The gr^n plants absorb CO2 gas from the atmosphere to prepare their food 
(carbohy^es) through the process of photo-synthesis, while the oceans 
dissolve CO2 gas to form carbonate rocks. Thus, we find that green plants 
and oceans both reduce the quantity of CO2 in the atmosphere. 

(c) Green-house effect. There is a protective layer of O3 gas in the 
atmosphere at a height between 15 km and 60 km. (The thickest layer of O3 
exists at a height of 23 km from the surface of the earth) and then, a blanket 
of C(J2 gas exists in the lower part of the atmosphere (i.e. below 15 kms). 
Now when sunlight, consisting of ultra-violet rays, visible light and infra-red 
rays falls on the top of the atmosphere, the harmful ultra-violet rays are 
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abscMted by the O3 layer and hence do not reach the earth’s surface. On the 
other hand, the visible light and infra-red rays pass through the CO2 layer 
and fall on the earth. Since the infra-red radiations have heating effect, they 
heat the earth and its various objects. 

Now since the earth and its various objects become hot (of course, less 
hot than the sun), they start emitting infra-red rays (heat rays), which are of 
long wavelength (note that the infra-red rays emitted by the extreme hot 
bodies like sun are of short wavelength). The infra-red radiations of long 
wavelength emitted by the earth and its objects are absorbed by the CO2 
layer in the atmosphere. Thus we see that the presence of CO2 in the 
atmosphere does not allow the infra-red radiations reflected by the earth’s 
surface to go out of the atmosphere. In other words we can say that the layer 
of CO2 gas in the atmosphere traps alt the infra-red radiations (heat rays) 
coming from the earth’s surface. These trapped infra-red rays heat the 
earth’s atmosphere. The heating up of earth due to the trapping of infra-red 
radiations (reflected from the earth's surface) by CO2 layer in the 
atmosphere is called “green-house effect" . Since the infra-red rays coming 
from the earth cannot pass through the CO2 layer, the temperature of the 
earth is raised. The rtse in the temperature produced by the “green-house 
effect’’ in the earth’s atmasphere depends on the amount (proportion) of 
CO2 gas present in the atmosphere. The name “green-house effect’’ comes 
from the fact that this effect is used in horticulture for the upbringing of 
green plants in a small house, whose walls and roof are made Of glass-sheet. 
The glass wi^Ms and glass roof of the house allow the short wavelength 
infra-red radiations, contained in sunlight, to go into green-house freely, but 
do not allow the long wavelength infra-red radiations, reflected by the soil, 
plants and other contents of the grien-house to go out. These trapped 
infra-red radiations raise the temperature inside the green house. Thus even 
without the internal supply of heat, the temperature inside the green 
house-becomes higher than that outside it. 

Importance of green-house effect. The green-house effect, produced by 
the presence of CQ2 layer in the atmosphere is, very necessary for our 
existence on the earth. We have seen that, due to green-house effect, CO2 
gas in the atmosphere does not allow the long wavelength infra-red 
radiations (heat-rays) reflected by the earth, to go out of the atmosphere and 
hence the temperature of the earth’s surface and its atmosphere is increased. 
The rise in temperature of the earth is very necessary for our existence on 
earth, because without it the whole earth would be converted into extremely 
cold planet and consequently we shall not be able to have a normal life. 

Effect of excess of CO 2 present in the atmosphere. If the atmosphere 
contains too much quantity of CO2, the green-house effect is considerably 
increased, i.e., due to excess quantity of CO2 present in the atmosphere, the 
temperature of the earth is increased too much. This too much high 
temperature melts all the glaciers (snow-mountains) floods the low-lying 
areas of (he earth,,changes the biological activity of oceans and the patterns 
of cropping etc. 'ITius we see that the iMesence of the excess of CO2 in the 
atmosphere l»ings about climate changes. 

(d) To control the air pollution caused by excess ofC02. The best way 
of preventing the atmosphere from the pollution caused by excess quantity 
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of CO2, is that a balanced quantity of CO2 should be maintained in the 
atmosphere. We have seen above that green plants absorb CO2 gas from the 
atmosphere to manufacture their food and also at the same time release O2 
gas into the atmosphere (in the manufacture of their food the plants convert 
CO2 into O2). Thus, if we grow more plants, our atmosphere will get rid of 
its excess CCh gas. We should not cut ^wn the trees. 

3 . Oxides of nitrogen (NO and NO2). (a) Sources of the oxides (0 
The smoke released by the automobile engines (engines of cars, buses, 
trucks etc.,) contains NO and NO2. This smoke results by the combustion of 
petrol or diesel in the engines. 

(iO When coal, oil and natural gas undergo combustion, high 
temperature {xoduced by thr combustion makes N2 and O2 present in the 
atmosphere combine together to form NO and NO2. 

+ O2, > 110 ‘C +O2 

N 2 ^ 2 NO 2 N 02 

(iii) Many chemical plants, like those which manufacture explosives 
and nitrogenous fertilisers, also produce NCh. It is also present in tobacco 
smoke. 

(/v) Large amounts of SO2 and nitrogen oxide are also emitted from 
power plants and many industrial processes. The mixture containing SO2 
ancNiitrogen oxides, thus obtained, is called flue gases mixture. 

(b) Effect of oxides on human beings, animals and vegetables. Though 
both NO and NO2 are toxic, the latter is by far more harmful. Some of the 
effects caused by these oxides on human beings, animals and vegetables are 
given below; 

(j) NO2 produced as above, reacts with rainy water or moisture, in 
presence of O2 or O3 and produces HNO3. 

4 N 02 + H2 O + O2 - > 4 HN 03 

2NO2 + H2O + O3 -> 2HNO3 + O2 

HNO3 formed as above, comes down the atmosphere in the form of 
nitric acid rain or acid snow. Acid rain has severe ecological impacts. It 
makes the lakes so acidic that they can no longer support fish-life. The yield 
of agricultural crops are also reduced. 

Nitric acid rain gradually eats up lime stone and marble of the 
buildings and corrodes metals. It fades the colour of the fabrics (e.g., cotton, 
nylon and rayon), leather and paper. 

(/■/■) NO2 causes extensive leaf-drop in the plants. 

(///) Nitrogen oxides react with 02 to produce another pollutant namely 
ozone. 

(/v) It has been shown that if monkeys inhale NO2 of 15-30 ppm 
concentration for 2 hours, their lungs, heart, liver and kidneys are damaged. 

(v) NO2 L .‘ry corrosive and attacks skin. 

(v/) NO2 helps in the formation of smog (which is a combination of 
smoke and fog). Smog causes irritation in eyes due to the presence of O3 in 
it. 
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(c) (/) To control the pollution caused by nitrogen oxides present in 
exhaust gases of motor vehicles. We know that the exhaust gases of motor 
vehicles contain various pollutants like CO. CO2, NO, NO2 etc. These 
substances cause pollution of the atmosphere when they are discharged into 
it. The air pollution caused by NO and NO2 can be controlled by reducing 
these gases (to N2 and NH3) with H2 in presence of finely-divided platinum 
metal, before they are allowed to enter the atmosphere. 

2 NO + 2 H 2 ^ N2 -I- 2H2 O 

2 NO + 5H2 ^ 2NH3 + 2H2O 

2NO2 + 4 H 2 N2 -t- 4 H 2 O 

2NO2 + 7 H 2 2NH3 + 4 H 2 O 

(/■/■) To control the pollution caused by NO2 and SO2 present in flue 
gases. Power plants and many industrial units produce flue gases which 
contain a mixture of NO2 and SO2. Both these gases cause pollution of the 
atmosphere. The mixture containing NO2 and SO2 is treated with H2SO4 
(called scrubbing process) so that the following reactions take place. First of 
all SO2 and NO2 present in the flue gases react in presence of water and 
produce H2SO4 and NO. 

SO2 -»■ NO2 -t- H2 O -> H2 SO4 -I- NO 

NO, thus produced, reacts with NO2 to form N2O3 which reacts with 
H2SO4 to form H(NO) SO4 

NO + NO2 - > N2O3 

N2O3 + 2H2SO4 -> 2 H (NO) SO4 + H2 O 

Thus we find that SO2 and NO2 present in the flue gases are removed 
by scrubbing them with H2SO4. Flue gases thus freed from SO2 and NO2 
are then released into the atmosphere. 

Since the oxides of nitrogen and SO2 are acidic in nature, they can be 
removed by scrubbing them with alkaline solutions of Ca(OH)2 and 
Mg(OH) 2 . 

(d) Determination of the concentration of the oxides. The method used 
for the determination of the concentration of the oxides, consists of making 
these oxides to react with O3 to yield electronically excited species. For 
example when NO reacts with O3, electronically excited species namely 
N02* is produced, 

NO +O3 - > NO2 + O2 

NO2*, being unstable, quickly returns to the ground state, forming NO2 
a. id emitting light in the range of 600-3000 nm. 

NO2 -—> NO2 -I- hv 

The intensity of the light emitted is directly proportional to the 
concentration of NO2* and hence of NO molecules. Thus the intensity of 
light is measured with the help of photo-multipliers and this intensity gives 
us a measure of the concentration of NO molecules. 
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4 . Oxides of sulphur (a) Sources of the oxides. The common oxide of 
sulphur which is the mosi harmful gaseous pollutant is SO2. This oxide is 
released into the atmosphere by volcanic eruptions (natural activity). This 
oxide is al,so generated, when coal and oils are burnt in houses and 
industries. Coal always contains some sulphur as impurity. When coal is 
burnt, sulphur present in coal is converted into SO2. Oils also have some 
sulphur compounds, which give SO2 on burning. 

When sulphite ores, like iron pyrites (FcS2). copper pyrites (CuS). 
copper glance (Cu2S), zinc blende (ZnS^, galena (PbS) etc., are roasted in air. 
SO2 is produced. 

A part of SO2 present in the atmosphere is oxidised to SO3 by 
photolytie and catalytic oxidation processes. Thus SO2 prc.scnt in the 
atmosphere also contains SO.t, although the quantity of SO3 is not high. 

(b) Effects of SO2 and SOj on human beings, animals and plants. (;) 
We have shown above that SO2 pre.scnt in the atmosphere undergoes 
photolytie and catalytic oxidation to form SO.3. SO3 thus produced reacts 

with rainy water or moisture .and gives H2SO4 (SO.3 + H: O -> H2 SO4) 

which comes down the atmosphere in the form of sulphuric acid rain or 
acid snow. This acid rain is .as d.angerous .as nitric acid rain (see oxides of 
nitrogen). 

(ii) SO2 irritates the respiratory sy.stem of animals and hum.ans. It ' 
damamges lungs. 

(Hi) If plants .arc cxpo.sed to SO2 of high concentration over short 
periods, brownish colour in the tips of pine needles gets decolourised. If the 
plants j^e exposed to SO2 of low concentration over longer periods, the 
•production of chlorophyl in pl.ants is hampered (chlorosis) and hence green 
colour of the plants is lost. 

(iv) Due to corrosive nature of SO2 and H2SO4. these pollutants 
decolourise building materials like lime stone, m.arble, roof slate and moruar. 
The corrosion of most metals (e.g., Fe, steels, Zn. A 1 etc.) is accelerated bv 
SO2. 

(v) Fabrics, leather, paper and paints undergo hading of their colour in 
presence of SO2. 

(c) To control the pollution caused by SO2 gas. (i) We have already 
said that power plants and industrial units produce flue ga.ses which contain 
a mixture of SO2 and NO2. Both these gases pollute the atmo.sphcrc. The 
removal of NO2 from this mixture has already been di.scussed. SO; is 
removed by treating the flue-gases mixture with a slurry of CaCOj (lime 
stone) when SO2 is absorbed due to the formation of CaS03 which is 
removed away. 

CaCOa + -» CaSOa -h CO2 

This method is quite economical. 

(ii) We have said above that coal contains sulphur and hence SO2 is 
produced when coal is bumf. SO2 produced by burning coal causes air 
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pollution. The pollution due to SO2 can be prevented either by 
desulphurisaiion of coal or by using natural gas in place of coal for heating 
purposes. Natural gas does not produce SO2 on burning. 

(d) Monitoring of SO2 gas. The method used for monitoring SOa gas 
present in the polluted air in the range of 0 . 005-5 ppm has been devised by 
West and Gocke. In this method, the pplluted air is pumped through a 
solution containing HgCU^' ions [which are obtained by the action of HgCla 
on KCl solution, HgCla + 2 KCI -¥ Ka [HgCU] ] when about 95 % of SO2 
present in the air, forms the complex ion, [Hg^'^Cia (SOs)]^" in solution. 

[Hg^-'CU]'- + SO2 + HaO-»_ [Hg^-^ Cl (SOs)]^" + 2 HC 1 , 

*' ■V' t —/ 

Solution 

The solution containing complex ion, [HgCIa (S03)]^“ is treated with 
formaldehyde (HCHO) and then with pararosaniline hydrochloride to form a 
red-violet dye. 

[HgCIa <S03)]^~ + 2 HCl + HCHO-> HOCHa . SO3 H + HgCli" 

-:- / 

Solution 



Fijr.-u-osanilinc Hydr(KhIoricl;’ 



—1 + 


Cl 


+ 3 H 2 O 

The absorbance r. the red-violet dye is recorded with the help of a 
spectrophotometer at 548 nm. The extent of absorbance is a measure of the 
concentration of the dye and hence of SOa present in the polluted air. 
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5 . Ozone (O3) (a) Sources of O3 and its toxic effects. Some O3 is 
produced during various combustion pnxesses taking place in the air around 
us. Traces of O3 in the air do not harm but O3 of concentration more than 
0.1 ppm is toxic and harmful to human beings. O3 also attacks rubber 
products. O3 is also produced in the upper part of the atmosphere by the 
action of sunlight on 62. 

302 ^ - “'? ! ? . e^U 203 

(b) Protective action of ozone layer in the atmosphere. The region of 
atmosphere lying between 15 Km. to 60 Km. above the earth’s surface is 
called stratosphere. This region contains a stable layer of O3 whose 
concentration is between 1 and 5 ppm by volume. 

The thickest byer of O3 exists at a height of 23 Km. from the surface 
of the earth. This ozone layer is very important for the existence of our life 
on ej^, since O3 present in this layer absorbs harmful ultra-violet 
radiations coming from the sun and reaching the earth. If these radbtions 
reach the earth, they will cause skin cancer and will destroy the organic 
molecules necessary for life. 

Thus, we see that O3 does not allow the ultra-violet-radiations to reach 
the earth and we are thus saved from the harmful effects caused by these 
radiations. If O3 layer in the atmosphere disappears completely, then all the 
harmful ultra-violet radiations coming from the sun would reach the earth 
and would cause skin cancer in men and animals and will also damage the 
plants. All the life on earth would then gradually be destroyed. 

(c) Sources of destroying the ozone layer present in stratosphere. In 
1980 scientists showed that there is a hole in the O3 layer. This hole was 
detected over the region of Antarctica. Due to the presence of O3 layer, th j 
ultra-violet rays coming from the sun can pass through the hole and thus can 
reach the.earth’s surface. Tbe presence of O3 hole in the atmosphere is due 
to the fact that the amount of O3 present in stratosphere is getting reduced 
day by day and thus the ozone layer is bccorping thinner and thinner. Thc- 
depletion of the ozone layer is due to the following sources. 

(/) Oxides of nitrogen : The oxides of nitrogen present in the 
atmosphere dccomjxtses O.? into O2 tind.are themselves regenerated. 

NO + O3 -> NO2 + O2: NO2 + O-> NO -r O2 

Thus we see th.at the presence of nitrogen oxides in the atmospher; 
destroyes the ozone layer. Tfie.se oxides destroy about 70 % of O3 found \n 
the stratosphere. Greater is the amount of the oxides in the atmosphere 
greater is the jtercenlage of O3 which is destroyed. 

(//) Nuclear tests. Nuclear tests being conducted in the world generate 
high temperature. At high temperature, atmosphcreric nitrogen is favourably 
oxidised to NO.NO thus formed destroys ozone layer, as shown above at (i: 

(///) Use of fluoro-chlori, carbons as aerosol spray propellanu 
Fluoro-chloro-carbons are the fluorr-chloro r^eihancs like. Freon -1 (CFCI3) 
and Freon -12 (CF2CI2). These are stable coi..,. ..ids. These are chemically 
inert and hence do not react with the substances. These arc used as aerosol 
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spray propellants, refrigrants, firefighting reagents and solvents for cleaning 
electronic components. When they enter stratosphere, they absorb 
ultra-violet solar radiations and get broken down into free atomic chlorine. 
This atomic chlorine decomposes O3 into O2 (NO al.so breaks O3 into O2). 

Cl -I- O3 -> CIO + O2 ; CIO -r O-> Cl h- O2 

Thus we find that the use of fluoro-chloro ctu-bons (e g.. Freon -1 and 
Freon- 12 ) as aerosol spray propellants destroys the O3 layer, as oxides ol 
nitrogen do. 

(/v) The, emissions produced by the supersonic jet aeroplanes also 
cause the depletion of ozone layer in the atmosphere. 

(d) How to protect the ozone layer. Scientists arc worried over the 
gradual destruction (depletion) of ozone layer by the oxides of nitrogen and 
fiuoro c;ui)ons. Nitrogen oxides present in the atmosphere can be removed 
by the methods di.scussed under “Control of pollution caused by nitrogen 
oxides". In order to save the dc.struclion of O3 layer by fluoro-chloro 
carbons, their used should be banned or .some new types of substancc.s 
should be discovered which may be u.scd as aerosol spr.iy propell.ants and 
should not react with O3 layer, so that it may be saved. 

6. Dust. Dust is produced by heavy traffic on the roads .and in some 
industrial operations. 

Dust in the air spoils our clothes .and causes poor visibility. It provides 
allergic reactions and aggravates diseases like bronchitis. Dust is deposited 
on the leaves of plants .and thus hinders the process of photo-synthesis 
taking place in plants. Dust in air reflects back some of the sun’s heat rays 
and thus undue cooling of the earth takes pKace. 

7 . Smoke. Smoke is produced during the burning of fuels like coal 
and oil in homes and factories. 

The smoke contains unbumt carbon particles which pollute the ;ur. 
They spoil our clothes and blacken the buildings. Smoke damages our lungs. 
Due to cloud of smoke over big industries, the sun’s nays are not able to 
reach every comer of the city and hence infectious diseases in big cities arc 
produced. 

The pollution of air due to the presence of carbon particles coming out 
of a chimney of a factory can be controlled by installation an elecU'OSt.atic 
precipitator in the chimney. A high electric potential is applied .across the 
chimney. As the smoke particles {i.e. carbon particles) come up the 
chimney, they are attracted by the charged electrodes. The smoke particles 
cluster together to form soot, which gets deposited in the chimney. Thus the 
air is saved from being polluted by carbon panicles. The soot can be 
, removed by sweeping the chimney from time to time. 

The pollution of air caused by cart)on particles can also be prevented 
by lining electrical energy, solar energy, tidal energy etc., as a source of fuel 
in place of coal energy, since these sources do not produce smoke or carbon 
particles. 
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Sources of air pollution. 

The various sources which produce air pollution (i.e., atmospheric 
pollution) are given below: ^ 

Binning of coal, wood and oils. When coal, wood and oils are burnt, 
bl^k smoke is produced. This smoke contains poisonous gases like CO and 
SO2, and black unbumt caibon particles. The smoke is black because of the 
presence of these carlxm particles in it. Coal contains some sulphur as 
impunty. So, when coal is burnt, sulphur of the coal bums to form SO2. Oils 
mm contain some sulphur compounds which produce SO2 on burning. CO 
Sp2 and unburnt carbon particles, produced as above, go into the air and 
make it polluted. 

(/’O Gases released by the internal combustion engines of cars, buses 
trucks, aeroplanes etc. The smoke obtained by the incomplete combustion 
ot petrol, used in the internal combustion engines of cars, buses, trucks 
severs, aeroplanes etc. [The engines used in these motor vehicles are 
c^led internal combustion engines because thfc petrol (also called gasoline) 
® *’ inside the engine and not separately contains 

u, NO, NC^ unbumt carbon particles, some lead compounds, some 
alcohol and acids. All these substances are poisonous and hence pollute air. 

Now let us see how these pollutants are produced in an engine of a car. 
efrol IS used ^a fuel in car engine. The main components of petrol are 
hydrocarbons pese hydrocarbons have the general formula, CgHig and 
hence are c^led octanes. Petrol bums very fast in a car engine. Due to short 
t^e avmlable for burning, incomplete combustion of petrol takes place and 
mmc CO, ^bunt ca^ particles, CO2. water vapour, some alcohol and 
aci^ are produced. and carbon particles are emitted into the air and thus 

all IS pOlJUtCCl. 

^ high temperature is 
produced. At this high temperature, N2 and O2 present in the mr in the 
engine combine together and form NO and NO2. These gases pollute the air. 

^ Poiubon due to CO, Pb(C2H5)4 is added to 

SoUPhrolHT" H s'ows down the rate of combustion of 

petrol [Pb(C 2 H 5)4 IS called anulock) and also at the same time gives rise to 

^ PbBr2. Both of these substances are poisonous 

and hence make the air poHuted. fv.*.hjiiuus 

(Hi) Chemical mdustries. The chemical industries emit various 
g^s into the au. These gases make the air polluted. An industry 
poducing bleaching powder emits chlorine gas into the air. Industries 
working for the extraction of metals (e.g., Fe, Cu, Zn etc.) from sulphide 
ores produce SO2 gas which causes air pollution. 

_ (iv) Smoking. Smoking produces CO and nicotine. Both these 
chemicals are poisonous and hence make the air polluted. 

pollu£air“^'' industries 

(vi) Radioactive waste materials. (Nuclear pollution) The radionrti.c 
waste materials produced during the enrichment of nuclear fii> K and 
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nuclear reactors, used in hospitals and laboratories, emit high energy gamma 
radiations, which inhibit cell functions! leading to some serious diseases like 
leukaemia. The radiations initiate unwanted cell growth which produces 
cancer etc. 

Methods to control air pollution. 

We have already said that air is polluted by the presence of CO, CO2, 
NO, NO2, SO2, SO3, O3, unbumt hydrocarbons, dust, smoke etc. The 
pollution of air by these [k)llutants can be prevented by the following 
methods. 

(0 By adding lead tetraethyl, Pb(C 2 li 5)4 to the petrol or by the 
catalytic oxidation of CO and hydrocarbons with platinum catalyst. This 
method can be used to save the air from pollution caused by the presence of 
CO and unbumt hydrocarbons in it. These pollutants come in the air from 
the exhaust gases released by the vehicle’s engine. 

(/■/■) By keeping the vehicle properly tuned for the optimum ignition of 
fuel. This method also prevents air pollution caused by CO and 
hydrocarbons present in the exhaust fumes of the vehicles. 

{Hi) By growing more plants. This method removes the air pollution 
cause by CO2. 

(iv) By using electrostatic precipitator. This method is used for 
removing caibon particles produced by burning of fuels like coal and oil. 

(v) By using smokeless sources of energy. This method is used for 
preventing air pollution caused by smoke or carbon particles produced 
during the burning of coal or oil. 

(vi) By using natural gas, in place of coal, for heating purposes. This 
meUiod saves air from being polluted by 502 gas. 

(vii) By using tall chimneys. The use of tall chimneys in homes and 
factories can reduce the concentration of pollutants at the ground level. 

{viii) The air pollution in our homes can be controlled : (a) by using 
liquified petroleum gas (LPG) for cooking, instead of coal, kerosene or 
wood. Electric heaters and solar cookers can also be used to prevent the air 
pollution at homes, {b) By using a tall chimney in the kitclKn. This will 
minimise the pollution of air of at the ground level, (r) By growing more 
plants in the courtyard. The plants use CC)2 and thus air pollution is reduced. 

{ix) The pollution caused by the radioactive waste products (nuclear 
pollution) can be controlled (a) by enclosing the radioactive waste products 
in containers made of concrete and then dumping them in the sea (b) by 
fusing the radioactive waste products into glass and sealing it deep inside 
hard^rock formations. At the same time, a great vigilance should be kept on 
the stored radioactive materials and waste products to prevent the leakage of 
any radioactive materials during storage and disposal. 
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SMOG 

London type smog or classical smog. The word ‘smog’ was coined to 
describe the ‘smog-fog’ which is prevalent in London. The combination of 
carbon soot particles and gaseous oxides of sulphur present in the 
atmosphere, gives what is now known as classical smog. This smog is also 
^led ^ndon type smog. This smog is produced by the combustion of 
industrial and household fuel (coal and petroleum). Carbon particles and 
SO2 present in classical smog make it to show reducing character. This 
smog is formed in the early morning hours in winter months. It causes 
severe lung and throat irritation. 

Los Angeles type or photo-chemical smog. The main constituents of 
this type of smog are O3 and oxides of nitrogen (mainly NO2). Due to the 
presence of O3, NO2 and some other photochemical oxidants, this smog is 
oxidising in character. 

Mechanism of the formation of photochemical smog. Photochemical 
smog is formed only when the atmosphere contains soot particles, 
hydroctabons and oxides of nitrogen (mainly NO2). When the atmosphere 
containing the above constituents is exposed to sunlight. NO2 present in the 
atmosphere absorbs ultra-violet radiations of the sunlight and undergoes 
photolysis, giving NO and atomic oxygen (Decomposition of NO2 into NO 
and O). 

NO2 4- U.V. light -> NO + O (atomic oxygen) ...(() 

Atomic oxygen reacts with O2 (molecular oxygen) in presence of a 
collisional molecule (M) which conserves energy and O3 is formed. Ot thus 
produced, reacts with NO to regenerate NO2 and O2. 

O + O2 + M -> O3 + M 

O3 + NO - > NO2 + O2 

If the aunosphere contains hydrocarbons (RH), the atomic oxygen 
produced in reaction (/) reacts with RH to give a variety of free hydrocarbon 
radicals (e.g., RHO, RHO2, RHO3 etc.) which produce O3 and other 
secondary pollutants like aldehydes, ketones, peroxyacetyle nitrate (PAN) 
etc. All these pollutants are called photo-chemical pollutants. 

+O2 

+0 +O2 /-^ RHO2 + O3 (ozone) 

RH—>• RHO —^ RH 03 <' 

-> Aldcliydcs, Ketones etc. 

+NO 

V ' 

RHO2 + NO2 


I 

Pcroxyacetyl nitrate 
[PAN] 
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O3, aldehydes ketones etc. present in the photo-chemical smog induce 
eye-irritation. O3 adversely affects vegetation and cracks the stretched 
rubber. , 

WATER POLLUTION 
What is water pollution ? 

When insoluble solid particles, soluble salts, sewage (waste water), 
garbage, low level radioactive substances, industrial wastes, algae, bacteria 
etc go into water, water gets polluted. This type of pollution is called water 
pollution. 

Sources of water pollution and their effects. 

1 . Industrial wastes and organic sev^ge wastes. The wastes 
discharged by industries are called industrial wastes. These wastes contain 
compounds of metals (e.g., Hg, Cd, Pb etc.), organic compounds, alkalies, 
phenols etc. which make water polluted. Also see ‘Industrial Pollution. 

The sewage is the dirty water which contains human and animal 
excretions {e.g., urine and faeces). The discharge of large quantities of 
sewage into rivers and lakes also causes water pollution. This sewage is 
produced by the every day human activities like bathing, washing clothes 
and excreting the urine and faeces. 

Some of the effects of industqal and sewage wastes are given below : 

(a) The sewage contains organic compounds. These 'organic 
compounds act as food for bacteria present in water of lakes and rivers and 
hence the population of bacteria in water is rapidly increased. This bacteria 
oxidises nitrogen and phosphorus present in organic compounds of the 
sewage to nitrates and phosphates. Tliis oxidation process consumes a large 
quantity of O2 gas dissolved in river water. The loss of dissolved O2 from 
the river water causes the death of fish and other aquitic living beings. 

{b) These wastes produce scum and sludge in water. 

(c) These wastes change the colour of water and produce foul smell. 

2 . Organic compounds. These include synthetic detergents, 
herbicides, pesticides, oil and decomposition products. Their effects are 
given below; 

(/) Detergents. Detergents are surfactants {i.e., surface active agents) 
and builders. Surfactants are organic compounds having polar or 
hydrophilic groups such as -COOH, -SO3H2, NH4'^ or non-polar or lyophilic 
groups soluble in water. Surfactants have the following properties and hence 
cause water pollution. 

(a) Bio-micro-organisms {i.e., bacteria present in the water of lakes or 
rivers) are not able to bio-degrade the surfactants, /.e., surfactants are not 
decomposed (digested) by the bio-micro-organisms and hence large 
volumes of detergent foams are collected in the lakes and rivers. These 
foams make water polluted, 

{b) Surfactants form a sort of envelope around the organic substances 
(e.g. phenol). The formation of an envelope results in that these substances 
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do not undergo oxidative de-gradation during the treatment of municipal 
waste water. Thus, the removal of organic substances from the waste water 
by the usual treatment methods becomes a problem. 

vi Builders are generally sodium salts of phosphoric acid, carboni# 
^id, sulphuric acid etc. The buildets form stable soluble complexes with 
h^dness-producing ions such ^ Ca and Mg These complexes act as 
plant nutnents and cause a rapid growth of algae and weeds in water. The 
^owUi of these plants appears as a green sludge on the surface of the water. 
These plants bring about de-oxygeneration of water and hence aquatic 
animals die. h 


(ii) Pesticides. The pesticides {e.g.. D.D.T.. endrin, dieldrin, B.H.C., 
polychlonnated diphenyls etc.) are both toxic and persistent. Analysis of 
polluted water has shown that it contains pesticides which are toxic to fish 
f r i" traces, is reported to be toxic for catfish and other varieties 

ot lish. D.D.T. affects the central nervous system of fish and toxaphene has 
been reported to cause bone degeneration in fish. 

3 . Chemical fertilisers (Plant nutrients). Nitrate/phosphate salts are 
generally used as fertilisers, to increase the yield of the crops. When these 
tertilisers are used in excess, some of their unused quantity is washed away 
trom the agriculture lands into the ponds, lakes and rivers with rain water 
and thus pollute the water. This water is polluted, since it contains unused 
nitrate/phosphate salts. Similarly the waste water coming from the fertiliser 
industries also contains nitrogenousy^hosphatic fertilisers which, when 
washed a^y into the lakes and rivers with rain water, make the water 
polluted. The presence of nitrogenous/bhosphatic fertilisers in water is 
narmtul to the aquatic life and human beings in the following ways: 

(/) The presence of the fertilisers in the polluted increases the growth 
0 algae and other aquatic plants which, later on, undergo decomposition 
^d produce disagreeable odour. These plants also deplete the amount of O2 
dissolved in water and hence the survival of aquatic life becomes difficult or 
impossible. 


(h) After a long period the lakes and slow moving watere which 
contains plant noutrients are converted into swamps (A swamp is an area of 
very wet I^d with wild plants growing in it) and marshes (A marsh is an 
area ot land which is very wet and muddy). 

(c) T^e water containing nitrate salt is not fit for drinking by human 
pui^ses^^'^^”'^^'^’ cannot be purified for drinking 


“"co-organisms. If the residents of a 
municipality are suffenng from deseases like dysentry, ty-phoid, cholera etc. 
the faeces and unne discharged by such patients contain micro-organisms 
otheHi^ng*te"ingr^ through water supplies and thus produce disease in 

quantity of crude petroleum oil is spilled 
or intcnuonally into the sea-water from the tankers (ships) or 
dunng the drilling and shipping operations. This oil pollutes sea-water For 
example the accidental leakage of 118,000 tonnes of prude petroleum oil 
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from the big oil tanker called Torrey Canyon into the waters of English 
Channel polluted water of the surrounding area in a few hours’ time. 

Some of the effects of oil pollution are given below ; 

(a) Since bil is lighter than water, oil forms a layer on the surface of 
water which is called oil-stick. This oil- stick checks the oxygenation of 
water and water eventually becomes devoid of O2. Thus, the life of aquatic 
animals and plants is adversely affected. 

(b) Phyto-plankton (plankton is a layer of tiny animals and plants that 
live on the surface layer of the sea) on the surface of water absorbs dirt and 
acts as pollution filter. But the oil film on water surface checks the growth 
of plankton. This knocking out of plankton by oil film disrupts the entire 
cycle of marine life. 

(c) The oil film on water may catch fire and cause harm to the aquatic 
animals. 

(d) The life of the people living on sea-shores is also affected due to 
water polllution caused by petroleum oil. 

(e) In petroleum drilling, when crude oil is pumped into the surface, 
NaCl is discharged along with it. NaCl makes the water polluted, since it 
affects aquatic life. 

(/) Oil pollution also affects sea-birds. The oil penetrates the feathres 
and the air which is normally entrapped in the feathers is eliminated. The 
elimination of entrapped air makes the birds colder and more susceptible to 
diseases. Due to the elimination of entrapped air, the birds feel difficulty in 
flyig and swimming. Thus we find th.at the pollution of sea-water by oil also 
affects the flight and swimming capability of sea- birds. 

Methods of control water pollution 

Water polltion can be prevented or minimised by the following 
methods: 

(0 The use of excess of nitrate and phosphate fertilisers should be 
avoided. 

(//) The use of synthetic detergents should be minimised or 
bio-degradeable detergents (bio-degradeable detergents are those which can 
be decomposed by the bacteria) should be used. Alternatively, a combition 
of washing soda and soap should be used for washing the clothes. 

{Hi) Before throwing the industrial wastes into the rivers and lakes, 
they should frst be treated chemically to neutralise the harmful substances 
present in them. 

( v) Before dumping the sewage into rivers, it should first be treated 
chemii ally to rem ove the organic compounds present in it. 

(v) The radio-active waste products obtained in reactors used in 
hospitals and scientific laboratories should be enclosed in containers made 
of concrete and then dumped into sea. 
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SOIL POLLUTION 

What is soil pollution ? 

The contamination of soil with rain, excess of fertilisers, wrong 
fertilisers, insecticides (insecticides are the chemical compounds which can 
kill the insects) and herbicides (herbicides are those chemical compounds 
which can kill plants) is called soil pollution. 

Sources of soil pollution 

The main sources which pollute the soil are discussed below: 

(0 Acid rain. We know that air contants SO2 and NO2. SO2 present in 
air undergoes photolytic and catalytic oxidation to form SO3 which reacts 

with rainy water or moisture to form H2SO4 (SO3 + H2O ->H 2 S 04 . 

NO2 reacts with rainy water or moisture in presence of O2 or O3 and 
produces HNO3. 

4 N 02 + H2O + O2 -> 4HNO3 

2NO2 + H2 O + O3 -> 2HNO3 + O2 

H2SO4 and HNO3 formed as above come down the atmosphere as acid 
rain. Tliis acid rain damages the standing crops. 

(/■/) Repeated use or excess use of the same fertiliser. Repeated use or 
excess of the same fertiliser pollutes the soil. For example when (NH 4 ) 2 S 04 
is used as a fertiliser into the soil again and again (repeated use of the 
fertiliser), NH4* ions are used up by the successive crops but S 04 ^' ions get 
accumulated into the soil. Being acidic, S 04 ^’ ions make the soil highly 
acidic and hence unfit for plant growth. 

If NaNOs or KNO3 is used again and again, NOs” ions are used up by 
the successive crops, but Na* or ions get accumulated into the soil. 
These cations make the soil alkaline and hence the soil canot be used for the 
crops-growth. The above discussion makes it evident that the repeated use or 
excess use of the same fertiliser pollutes the soil. 

(Hi) Inadequate drainage system in agricultural fields. We use a lot of 
water for irrigation, along with fertilisers, but there should be good drainage 
system for the outlet of the unused water, otherwise the soil will become 
highly saline (salt containing) and unfit for growing crops. Thus we see that 
inadequate drainage system in fields is aother source of soil pollution. 

(/v) Spraying the vegetable and fruit plants with insecticides and 
herbicides. When the standing vegetable and fruit plants are sprayed with 
insecticides and herbicides, to save them from the harmful insects and herbs 
etc., the insectices/herbicides enter the living tissues of the growing plants 
and accumulate in them. When we eat these grains, fruits or vegetables, the 
insecticides in them may damage our heart. It is, therefore, advised that 
before eating them, they should be properly washed with sufficient uqantity 
of water. Since the chemicals like CaCh are used for ripening fruits like 
banana and mangoes, these fruits should be washed with water before they 
are eaten up bv us. 
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RADIOACTIVE (RADIATION) POLLUTION 
What is radioactive pollution ? 

Ratiioactive substances and nuclear radiations {i.e., a, p and 
Y-particles) produced during nuclear reactions affect our environment 
adversely and thus radioactive pollution is created. 

Sources of radioactive pollution and its effects. 

(/) Low level radioactive liquid wastes, radioactive gaseous wastes, 
and dusts are released during nuclear explosions. The radioactive gaseous 
wastes are injected into the upper layer of atmosphere where, due to cooling 
they condense to fine dust particles and thus radioactive cloud is formed. 
This cloud moves in the direction of the wind, settles down slowly to the 
surface of the earth and thus pollutes air. water and soil. 

(//) The radioactive substances produce energy which is so strong that 
the living cells are damaged or destroyed. 

(») People working with radioactive elements develop tumours. 

(/v) Radioactive elements like strontium -90 affects our soil and 
through this human beings and animals are also affected adversely. 

(v) Nuclear explosions which are operated in sea make sea water 
polluted. This affects the aquatic life. 

(v/) Among the radioactive radiations, y-radiations (or y-rays) are the 
most dangerous, since they have high energy and high penerating power. 
These radiations can, therefore, pass freely in the human bpdy, where they 
lose energy, which destroys the living cells by converting them into charged 
particles (ions). These charged particles are chemically very reactive and 
hence disrupt cell-membranes, reduce the effectiveness of enzymes and 
even damage genes and chromosomes. All this results in diseases like 
leakaemania and cancer. 

(\iii) We know that in a nuclear reactor U -235 is used as a nuclear fuel, 
which undergMS nuclear fission and energy is produced. Nuclear radiations 
are produced in the processes viz mining and enrichment of U -235 taking 
place in the nuclear reactor. These radiations can leak from the reactor and, 
therefore, damage the health of the human beings and animals. 

Control measures for minimising radioactive pollution 

The waste materials produced in the mining, enrichment and fission of 
U -235 inside the reactor are collectively called nuclear wastes. At present, 
most of the nuclear wastes are being stored in strong leak proof containers. 
These will be disposed off whenever a safe method of their disposal is 
found out. 


INDUSTRIAL POLLUTION 
What is industrial pollution ? 

As alreadf^d, the waste discharges by industries make water, air and 
biosphere polliSfed. This type of polluticxi is called industrial pollution. The 
industri^ wastes contain compounds of Hg, Na, Cd. As, Pb, Ca etc., 
inorganic minerals, organic compounds, acids, alkalies, phenols blc. When 
these wastes are tlirown into the lakes and rivers, the water of the lakes and 
rivers get polluted. These wastes are very harmful, since they injure or kill 
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the fish and other aquatic life and also render the water unfit for drinkine 
and for industrial use. ® 

Hot water discharge from industries also pollutes water, since it is 
harmful for fish and aquatic life. 

Industrial pollutants and their effects 

Following are the most important industrial pollutants which affect 
adversely human, plant and aquatic life. 

1 j S^'soline undergoes combustion in automobiles 

form of tetramethyl lead [(Pb(CH3)4] and tetraethyl lead 
lrD(C2H5)4j IS produced. These substances go into the atmosphere These 
commands are brought down on the earth by rain and thus enter into water 
of l^es and nvers. The compounds like PbCl2, PbBn, PbBiCl, PbO PbS 
originate from lead minerals akso enter into water’ 
Pb(UH)2 gets Its entry into water from lead pipes. 

In^e of lead by human beings, animals and plants is harmful as 
shown below : 

(/■) When rats are exposed to lead polluted air. they die in two-thirds of 
theu- average life span. 

(ii) The birds, which are shot, but recover usually, subsequantly die 

due to lead-poisonning. ^ ^ 

(iii) The lead-polluted air has its adverse effects on vegetables e s the 
road-side vegetables are dried up by the exposure of lead-polluted air. * 

(tv) If lead is taken by humans even in small amounts, it affects 
breathing and nervous system. 

(v) Excessive intake of lead causes disruption of synthesis of 
haemoglobin. It also results in loss of apetite, anaemia, kidney 
malfuncUomng, nervous disorders and brain damage. 

diseases^ ^ absorbed by skin, resulting into many skin 

2 , Mercury. Mercury is found in sea due to the weathering of 

bdow^'*^^^"^ effects of mercury pollution are given 

(0 Monomethyl mercury [CHaHg] and dimethyl mercur/ [(CH3)2 Hgl 
produce nervous disorders in marine animals. * 

{it) Contact with Hg produces nervousness, fear, inability to m.nke 
decisions, heaviness, irritability, headache, pessimism, fatigue 
sleeplessness, trembling of limbs, falling teeth and diarrhoea. 

(iv) Hg brings about genetic changes. 

3 . Cadmium. Cadmium pollution may arise from soot of zinc lead 
and copjxr piwessing plants. Cadmium is now used to plate tin containers 
of canned food. It is easily dissolved in fruit juice. It can remain in the body 
tor a long ume. Following are some of the effects of cadmium pollution. 

(0 It causes vomiting and lung irritation. 

_ (//■) If a large quantity of cadmium is absorbed in the kidneys it causes 

Hypertension and anaemia. 
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(Hi) Cadmium is very dangerous for pregnant women. 

(iv) Cadmium pollution causes a desease called “Hai Itai” in which 
the whole body feels serious pains and the bones begin to fracture very 
easily. 

4 . Industrial waste water. Industrial waste water contains a number 
of metals, organic componds etc., which are very toxic. The nature of the 
substaces present in the industrial waste water depends on the type of 
industry from which this waste water has been obtained. When this waste 
water is discharged into lakes, rivers or oceans as such, it causes severe 
pollution of water. 

(j) Waste water from food processing indusl^. Food processing 
industries which deal with meat and dairy products give waste water. This 
waste contains a large amount of organic matter which produces oxygen 
depletion. For example: 

(a) The beet sugar refining industry produces wastes which have high 
biochemical oxygen demand (BOD). 

(b) The breweries and distilleries produce organic solids and fermented 
starches. 

(c) The dairy industry produces organic wastes which contain a large 
amount of protein, fat and lactose. 

(d) The wastes obtained from meat processing indusuy contain blood, 
fats, proteins, feathers and many other organic wastes. 

(it) Waste water from textile industry. Waste water discharged from the 
textile indusU7 originates from the impurities in the fibres and from the 
chemicals used in processing viz., cooking the fibres, desizing the fabrics 
etc. This waste water is generally alkaline in nature and has high BOD. 

(Hi) Waste water from paper and pulp industry. The waste water that 
comes out of pulp and paper industry contains chemicals used in craft 
process, bits of barks, wood chips, cellulose fibres and dissolved lignin. This 
water also contains compounds which are toxic to fish and shell fish. 

(iv) Waste water from chemical indtislry. Chemical industries 
manufacturing acids, bases, pesticides, synthetic fibres, detergents and 
organic and inorganic compounds produce wastes which contain a wide 
variety of substances. These substances are highly toxic. 

(v) Waste water from petroleum industry. Waste water discharged by 
oil-drilling process contains drilling muds. Oil refineries and j^trochemical 
plants produce a large amount of hydrocarbons, acids, alkalies, cyanides, 
numerous sodium salts, phenolic compounds, inorganic and organic sulphur 
compounds and halogenated hydrocarbons. Many of these compounds 
produce undesireable odours and tastes. Many of them produce adverse 
tastes in fish flesh. 

(vi) Waste water from metal industry. Steel plants produce waste water 
which originates from washing of blast furnace flue gases and pickling of 
steel. This waste water contains phenol, cyanogen, coke, lime stone, fine 
suspended solids, metals like Cr, Pb, Ni, Cd, Zn, Cu, Ag etc., acids, alkaline 
cleaners, grease, oil etc. 
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(vH) Waste from other industries (a) Leather industry yields wastes 
which contain high amounts of salts, sulphides, chromium, lime etc. These 
wastes have high BOD. 

(b) Nuclear power plants and nuclear research laboratories using 
radio-active isotopes produce radioactive wastes. 

(c) Soft drinking bottling plants produce highly alkaline wastes which 
have high BOD wich is received by them when bottles are washed to 
remove cigatret butts paper and other debris left in the bottles by the 
previous users. 

NOISE POLLUTION 

What is noise pollution ? 

The unwanted sound in called noise. The sounds of high decibels 
(decibel is a unit of measuring strength of a sound) like 95 , 100 , 110 , 150 , 
170 etc. create harmful effect on hum.an health. This is called noise 
pollution. 

Sources of noise pollution 

(/■) The increasing speed and length of railway trains increases the 
volume of noise produced by them during their journey. 

(/'/) In factories the high speed machines create more and more noise. 
Loud speakers (95 decibels), aeroplanes (KX) decibels), motor horn (110 
decibels) rockets (170 decibels), siron (150 decibels), motor cycle (110 
decibels) etc., create harmful effects on human life. 

Effects of noise pollution 

(/) Excessive noise disturbs the blood pressure modifies rhythm and 
affects the digestive system. 

(//) Prolonged exposure to noise is harmful for nervous system and also 
affects memory adversely. 

(Hi) Noise leads to gradual lo.ss of learning capacity of human beings. 

(/v) The sound pollution causes confusion in colour perception and 
thus may reduce the field of vision. 

(v) The excessive noise produces psychological effects on human 
beings, e.g., it increases diastolic blood pressure, irritability, neuro-muscular 
tension etc. 

(vf) Excessive sound disturbs sound sleep and proper rest. 

(vv/) It decreases the efficiency of working. 

(viii) A sound of high decibels (= 160 decibels) creates .pcadache. 

(ix) Noise pollution may increase violence and may cause a state of 
depression and tiredness. 

(r) Sou -^ affects human pregn.ant mothers and increases the rate of 
their heart beating and has adverse effects on the newly- bom child. 



22 

Electrode Potentials and Their Applications 


Electrochemical Cell 

We know that whenever an indirect redox reaction takes place, chemi¬ 
cal energy is produced. This chemical energy can be converted into electrical 
energy by a device which is called electrochemical cell. Thus an 
electrochemical or simply a chemical cell is a device in which energy pro¬ 
duced due to indirect redox reaction (which is spontaneous) is converted into 
electrical energy (electricity). Electrochemical cells are also called galvanic 
cells or voltaic cells after the names of the scientists, Luigi Galvani ( 1780 ) 
and Alessandro Volta ( 1800 ) who were the first to perform experiments on 
the conversion of chemical energy into electrical energy. 


Table 22 . 1 . Comparison between electrolytic and electrochemical cells. 


_ Electrolytic cells _ 

(/) Electric current (electrical en- (/) 
ergy) is passed through the elec¬ 
trolytic cell. It is this electrical 
energy that brings about the 
redox reaction (electrolysis of 
electrolyte) in the cell. Thus in 
an electrolytic cell, electrical 
energy is converted into chemi¬ 
cal energy. We can, therefore, 
say that an electrolytic cell is a 
device in which electrical en¬ 
ergy is converted into chemi¬ 
cal energy. 

(/;■) The redox reaction (i.e. elec- (//) 
trolysis of the electrolyte) tak- 
i.,g place in an electrolytic cell 
is non-spontaneous, since it 
takes place only when electri¬ 
cal current is passed through 
the cell. 


Electrochemical cells _ 

Redox reaction taking place in 
an electrochemical cell pro¬ 
duces electrical energy. Thus in 
electro-chemical cell chemical 
energy is converted into elec¬ 
trical energy. Thus galvanic cell 
is a device in which chemical 
energy is converted into chemi¬ 
cal energy. 


The redox reaction taking place 
in an electrochemical cell is 
spontaneous, since no electri¬ 
cal current is needed to make it 
to occur. 
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(Hi) Since anode is connected to the 
positive terminal of the battery 
(battery acts as source of volt¬ 
age), it becomes positively 
charged and hence is also 
called positive (+) electrode. 
Similarly, since cathode is con¬ 
nected with the negative termi¬ 
nal of the battery, it becomes 
negatively charged, and hence 
is also called negative (-) elec¬ 
trode. 

(fv) Both the electrodes are placed 
in a single container which 
contains the single electrolyte 
in the solution form or in the 
molten state. In electrolytic cell 
no salt bridge or porous parti¬ 
tion is used. 


(v) The two electrodes may be of 
the same or different materi¬ 
als. 

(v/) In electrolytic cell, the flow of 
electricity (or current) through 
the solution is due to the move¬ 
ment (flow) of ions towards 
their respective electrodes. The 
flow of cuiTent through the so¬ 
lution which is due to the 
movement of ions is called 
electrolytic conduction. 

(v/i) Oxidation takes place on an¬ 
ode and reduction takes place 
or cathode. 

[viii) Electrons are produced by the 
negative terminal of the exter¬ 
nal battery. These electrons 
enter the negative electrode 
(cathode) of the cell where 
these are used up in the reduc¬ 
tion reaction taking place on 


(in) Since electrons (negatively 
charged particles) are produced 
on anode, this electrode is rich 
in electrons and hence is also 
negative (-) electrode. Since 
cathode gets electrons from the 
anode through external circuit, 
this electrode is deficient in 
electrons and is also called 
positive (+) electrode. 


(iv) Both the electrodes xe placed 
in two different containers 
which contain different electro¬ 
lytes. These two containers are 
separated from each other by * 
salt bridge or porous partition. 
Thus in a galvanic cell salt 
bridge or porous partition is 
used. 

(v) The two electrodes are of dif¬ 
ferent materials. 

(vi) In an electrochemical cell, the 
flow of current is due to the flow 
of electrons in the external cir¬ 
cuit and due to the flow of ions 
through the solution in the in¬ 
ner circuit. 


(vi7) Oxidation takes place on anode 
and reduction takes place on 
cathode. 

(v///) In galvanic cell, electrons are 
produced on anode because of 
the oxidation reaction taking 
place on this electrode. These 
electrons move to the external 
circuit and then to cathode 
where they are consumed in the 
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cathode. The same number of 
electrons that are used up in the 
reduction reaction taking place 
on cathode are produced on 
positive electrode (anode) of the 
cell by oxidation reaction 
taking place on this electrode. 

’These electrons go to the 
positive terminal of batter (see 
Fig. 22.1). 

Cations move towards cathode 
and anions move towards an¬ 
ode 


reduction reaction taking place 
on cathode (see Fig. 22.2). 


(ix) Cations move towards cathode 
and anions move towards an¬ 
ode. 




(+) electrode 
(Anode) 


X, Oxidation. , » 
Na =---—> Na 


Electrons are produced by the 
negative terminal of battery 


Electrolytic cell 
containing electro- 
ly tic solution 


_ (-) electrode 

(Cathode) 

, . Reduction , , 

<-1 ^ e —->C1 


Fig. 22.1. Direction ofthe movement of electrons in an electrolytic cell. 



Fig. 22.2. Direction ofthe movement of electrons in a galvanic cell. 

What is elecfiode potential of an electrode (E , ^ or E)1 

The electrical potential difference set up between a metal and its ions 
in solution is called potential of the electrode or simply as electrode poten¬ 
tial. 
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Electrode potential can also be defined as the tendency of an element to 
lose or gain electrons when it is in contact w'ith its own ions in solution. 

Since each electrode represents a half cell, electrode potential is also 
called potential of the half-cell. 

Oxidation and .reduction electrode potentials (E and E ) 

When oxidation (loss of electrons) takes place on°L electrode w.r.t. 
SHE, the electrode potential of the electrode is called oxidation electrode 
potential (E,,). On the other hand when reduction (gain of electrons) takes 
place on an electrode w.r.t. SHE, the electrode potential of the electrode is 
called reduction electrode potential (E,^^). In other words we can say than 
when an electrode lo.ses electrons, its electrode potential is called oxidation 
electrode potential and when an electrode gains electrons, its electrode poten¬ 
tial is called reduction electrode potential. 

^ Oxidation and reduction potentials of an electrode are just reverse of 
each other. Thus il oxidation potential of an electrode is a: volts, its reduction 
electrode potential will be equal to -v volts. 

What is standard electrode potential (£“)? 

If in a halt cell, the metal rode is suspended in a solution of its ions 
having 1 M concentration and the temperature is 298 K, the electrode poten¬ 
tial of the half cell or electrode is called standard electrode potential. Stand¬ 
ard oxidation electrode potential is represented as E^^ while standard reduc¬ 
tion electrode potential is represented as E%^ov simply as E". According to 
the present convension, if we say that the value of standard electrode poten¬ 
tial of an electrode is x volt, this means that this value is the value of standard 
reduction electrode potential {i.e. = .v volt) and not of standard oxidation 

electrode potential. 

If a gas is involved, the pressure should be 1 atmosphere and the tem¬ 
perature should be 298 K. 

Positive and negative values of standard electrode potentials 
(£■" values) of electrodes. 

Positive value of £*’ of a given electrode implies that, if this electrode is 
■-( T.bined with a standard hycrogen electrode (SHE) to form a galvanic cell, 
thus electrode will act as cathode (reduction electrode) m the cell (see Fig. 
22..1(a)]. On the other hand, negative value of E“ of a given electrode implies 
that, if this electrode is combined with a SHE to get a galvanic cell, this 
electrode will act as anode (oxidation electrode) of the cell [see Fig. 22.'i{b)]. 

1 he above description can also be given in the following words; 

An electrode at which reduction tak_ _ - w.r.t. SHE has positive 

value oi its E [see Fig. 22.3(a)] while the electrode at which oxidation takes 
place w.r.t. SHE has negative value of its [see » .. 22.3(b)]. 
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maq) \ H,(g). 
Anode 

(Oxidation electrode) 

^H*(a9)/Hj(s) = 0.0V 
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II Cxx^^aq) I Cu(i) 


:H2(g)- 


Oxidatbn 


^U*(aq) + e' 


(a) 


Zn(5) I Zn^\aq) 

Anode 

(Oxidation electrode) 

^Zn’‘ iaq)/Zn(s) = " 0-76 V 

Zn(i) > Zn^^(ag) + 2e~ 

(b) 


Cathode 

(Reduction electrode) 

^Cu-/Cuw =+0.34V 


Cu^'^(a9) + 2e“ 


Reduction 


•>Cu(5) 


\\\aq) I H^(g)] 
Cathode 

(Reduction electrode) 

^*(a,)///j(g) = 0.0V 


Fig. 22.3. Electrochemical cell obtained by combining Cu^*(o^)|Cu(5) electrode 
with SHE (b) Electrochemical cell formed by the combination of 
Zn^'(ui 7 )|Zn(s) electrode and SHE. 


Types of electrodes 

We know that a galvanic cell consists of two half-cells. Each half-cell 
has one electrode. The electrodes used in half-cells are broadly classified into 
the following categories: 

I. Metal-metal ion electrodes 

These electrodes consist of a metal and metallic ion in solution. M(s) | 
M”*{aq) or M"\aq) | M(s) is the general representation of a metal-metal ion 
electrode. Half-reaction taking place on this electrode is: 

^ - - Reduction ,^ 

M (aq) ne ^ > M(i) 

(M = +n) oxidation 

Zn(s) I Zn*'(a^), Cu(s) | Cu^*(a^) etc. are the examples of metal-metal 
ion electrodes. 

Na(Hg) I Na‘(a(7) is sodium-amalgam electrode. Half-reaction is: 
Na(Hg) — > Na*(cJ9) + e' 


II. Gas-gas ion electrodes 

In these electrodes, an unreaclive metal, usually Pt or Au, is in contact 
with a gas and its corresponding ion (cation or anion) in solution. Examples 
of such electrodes are given below: 

1 . Hydrogen electrode. It is represented as Pt, Hj(g) | W\aq) or W*{aq) 
I H,(g), Pt 


4 _ Reduction 

H (aq) + e > 

(H = +1) Oxidation 


(H = 0) 
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2. Chlorine electrode. It is representated as Pt Cl 

Cl (<;</) j Cl,(g), Pt. ’ ^ 


C\'{aq) or 


CI 2 te) + e' 
(Cl = 0) 


Reduction 


Cr {aq) 
(Cl=-1) 


Oxidation _ 

OH represented as Pt, 0,(g) | OH'iaq) or 


0,(^) + 2H (aq) + 4e 
(6 = 0 ) 


Reduction 

?=r± 20H>^) 

Oxidation (Q = -2) 


(b) It may also be represented as Pt, 0^(g) | Hp (/) or Hp (/) 10,(g), Pt 
Reduction 

O, + 4H'+ 4e' ^ > 2H20(/) (£^ = + 1.229 V) 

(O = 0) Oxidation 

III. Metal-metal insoluble salt-anion electrodes. 

vv l.h electrodes, a metal coated with its insoluble salt is in contact 

vMth a solution containing the anion of the insoluble salt. Examples of such 
electrodes and ha f-reactions taking place on these electrodes are given below 
I. Silver-silver chloride electrode. This electrode is obtained by im- 
mersing a s. ver wire coated with solid AgCl in a solution containing CP ions 
[say HCl(ac/) or KCI(a^)]. When this electrode acts as an anode, it is represented 

Ag(i) I AgCI(i), HCKa^) or KCl(a< 7 ) 
or 

n I . . Ag(s)|AgCI(^),CI> 9 ) 

On this electrode first of all Ag(s) is oxidised to Ag\aq) ions 

Ag(j) Ag\aq) + e' 

Now since the solution is saturated with AgCl(i), the formation of 
Ag (aq) will upset the equilibrium and AgClfs) will be precipitated by the 
combination of Ag (aq) with CV^aq) ions. 

^E\aq) + a-(aq) -I'AgCKi) 

reactilns^* oxidation half-reaction is obtained by adding the above two 


Ag(i) + Cl (aq) 
(Ag = 0) 


Oxidation 


> AgCl(j) + e 
(Ag = +1) 


ihi. 1 ^^ shows that Ag(s) IS oxidised to AgClfs). The potential of 

his e ectrode depends on the concentration of CPfa^) ions in solution. Thus 

this electrode IS equivalent to Cr(a(7)/Clj(g) electrode. 

If silver-silver chloride electrode acts as cathode, it is represented as; 

CT(aq), AgCl(j)/Ag(s). 

On this electrode AgCI(5) is reduced to Ag(s) 


AgCl(.s) 
(Ag = +1) 


Reduction 


^ Ag(j) + Cr(a^) 

(Ag = 0) 


Cl (aq), AgCI(.5>| Ag(s) is equivalent to Cl,(g) | C\-(aq) electrode. 
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2. Calomel electrode. When it acts as an anode, it is represented as; 

Hg(/)|Hg,Ch(i),Cr(«r/) 

2Hg + 2C\ {aq) Hg,Cl,(i) - 2e 

(Hg = o) (Hg = +') 

Wlien it acts as a cathode, it is represented as; 

Cr(flr/),Hgp,(.r)|Hg(/) 

Hg,CI,(.v) + 2e > 2Hg(/) + 2Cl (flt/) 

3. Antimony-antimony trioxide electrode. This electrode is represented 

Sb(.s)! Sb,0,(.s),OH (rt< 7 )orOH‘(fl<y). Sb,0,(.s) | Sb(s). 

Oxidation 

2Sb(.v) + 6011 (aq) < —> Sb_,Oj (.v) + 3HjO + 6c 

(Sb = 0) Reduttion (Sb = +3) 

4. Mercurv-mercuric oxide electrode. It is represented as; 

Hg(/)' 1 IgOls). Oil (aq) or OH (aq), HgO(.v) 1 Hg(0 

Oxidation 

llg{/) + 2011 (ui/) < Hg0(.v) + ll,0 + 2e 

Reduction (Hg = -r2) 

5. Cu(-v)lCu(0H),(.'>).0H (a</)orOH («</).Cu(OH),(i) | Cu(.s). 

Oxidation 

Cu(.v) +20H (c 7^) <■ Cu(0H);(.v) + 2e 

((^u = 0) Reduction (Cu = +2) 


6. Zn(.v) 1 ZnSO^(s).- SO^ {aq) or SO]' (aq), ZnSO,(i) 1 Zn(s) 

2 Oxidation 

Zn(,v) + so' (aq) < _z ± ZoSOjl-r) + 2e 

^/n = 0) Reduction (Zn = +2) 

7. Pb(.v) I PbSO,(.v), SO^ (aq) or SO^ (aq), PbSO/,v) | Pb(.9) 


, Oxidation 

Pb(.v) + SO; ( - > PbS0,(.r) + 2c 

(Rb = 0) Reduction (Pb = +2) 


IV. Oxidation-reduction electrodes. 

In these electrodes, two tons of the same metal in different oxidation 
state are present in solution and an inert metal like platinum is immersed in 
the solution. Examples are given below; 

(i) ¥c''(aq)\V'c~'{aq),?t 

Fe^*(ac/) + e- Fe-^(a?) 

(it) Cr20^T(aq)\Cr^\{aq),H*{aq),?i 

Cr,0]-.(aq)+ \4H* + 6e- -3^-^2Cr\aq) + 7H^OCO 

(Or = +6) ■ . (Cr = +3) 
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(i/7) MnO;(a9)lMn^^(ag), Pt 

MnO,- (a<?) + 8 H ^ {aq) + Se" —> Mn'" (a^) + 4 H ,0(/) 

(Mn = +7) (Mn = +2) 

(iv) Co'*(a^) I Co^*(a 9 ), Pt 

Co^*(aq) + £>" ^-> Co^'laq) 

To construct a galvanic cell for a given redox reaction 

In order to construct a galvanic cell in which the given redox reaction 
takes place, we should remember the following rule; 

Oxidation halj-reaction takes place on anode (oxidation electrode) and 
reduction halj-reaction takes place on caihodce (reduction electrode) i.e. 
the anode of the cell is that electrode on which oxidation takes place and 
cathode of the cell is that electrode on which reduction takes place. 

Study the following example. 

Example: Give the notation of the galvanic cell in which the following 
redox reaction (cell reaction) takes place: 

(/) 

(//) 

{Hi) 

(iv) 

('■) 

('■/) 

(v/7) 

(viii) 

Solution; {/) On anode oxidation of FeSO^ (Fe = +2) to Fe,(SO.) (Fc = 
+3) takes place while on cathode reduction of K,Cr,0, (Cr = +6) to Cr,(SO ) 
(Cr = +3) takes place. This reduction occurs in presence of H,SO . Thus the 
galvanic cell can be represented as; / 

Pt. FeSO^ I Fe,(SO^), || K,Cr,0, | Cr,(SO^),, H,SO^(a^), Pt 
Solti, Soln. Soil). Soln. 

or ,Pt, Fe'’(ai/) | Fe’*(fl( 7 ) || Cr^O; {aq) \ Cf{aq). Hjaq). Pt, 

i<-Anode--Cathode->i 

{//) Since the given cell reaction does not show which species is oxidised 
and which species is reduced, it appears that some common terms have been 
cancelled when oxidation and reduction half-reactions are added to get the 
given cell reaction. The formation of Hg,Cl,(.?) takes place due to the oxidation 
ofHg(/) ' ■ 


K.Cr.O. + 6FeSO_, + 7H,SO^ -)• 

K,SO^ + CriSOf, + SFefSOj, + 7H.0 
fig-f + 2Cl -> Hg.Cl.is) 

Zn(s) + Hg,SOp) -^ ZnSOp) + 2Hg(l) 

2HXg) + dig) -> 2IfO(aq) 

Kfrpjaq) -r Kl(aq) dl4HCI(aq) -> 

SKCl(aq) ■+ 2CrCljaq) + 3f + 7ffO(t) 

MnOff {aq) + 5Fe''(aq) + 8H'(aq) -> 

Mn'jaq) + 5Fe"{aq) + 4ffO 

2.'ig + Cl. -> 2.4gCl 

Ph{s) + PbOfs) -t- ZHjSOfaq) -> 2PhSO (.v) -t 2Hf) 





666 


Electrode Potentials and Their Applications 


2Hg{l) + 2C\ (aq) > Hg 2 Cl 2 (s) + 2e 

(Hg = 0) (Hg = +1) 

Hg 2 '"(fl 9 ) ions get reduced to_Hg(0 

Hg^^ (aq) + 2e _^ducijon_^ 2Hg(/) 

Now since the addition of the oxidation and reduction half-reactions 
(given above) gives the gix en cell reaction, the cell contains one metal-insolu¬ 
ble metal salt-anion electrode, Hg(/), Hg,Cl,(x), Cl (aq) as its LHS electrode 
(anode) on which oxidation of Hg(/) to Hg,Cl,(x) takes place and metal-metal 
ion electrode, Hg]* (aq) \ Hg(/) as its RHS electrode on which reduction of 
Hg;'^ (aq) ions to Hg(/) takes place. Thus the cell corresponding to the given 
cell reaction can be represented as; 

Hg(/), HgjCl^Ci), Cr(aq) li Hg' 2 "(« 9 )lHg(/) 

LHS electrode (Anode) RHS electrode (Cathode) 

(Hi) The given cell reaction shows that Zn(i) is oxidised to ZnSO^(5) and 
Hg,SOj(.':) is reduced to Hg(/). Thus oxidation and reduction half-reactions can 
be written as: 

Zn(s) + SO^ (aq) » ZnS 04 (s) + 2e- 

(Zn = 0) (Zn = -^2) 

Hg2S04 (s) 2c' -» 2 Hg(/) + 2e~ 

(Hg = +1) (Hg = 0) 

Since SO^' (aq) ion is common to both the half-reactions, both the elec¬ 
trodes are metal-insoluble metal salt-anion electrodes. SO^' ion (anion) is 
present in both the insoluble metal salts viz. ZnSOj(s) and Hg,SO^(s). Thus the 
cell can be represented as; 

Zn(5), ZnS 04 ( 5 )|S 0 ^(a 9 )|Hg 2 S 04 ( 5 ), Hg(/) 

Anode Cathode 

(iv) The given redox reaction can also be written as 

-Oxidation- 

v 

2Hj(g) + O, (g) -> 2H\aq) + 20U'(aq) 

(H = 0) (0 = 0) (H=+l) (0 = -2) 

t 

-Reduction-’ 

Thus the redox reaction can be broken into the following half-reactions; 
(a) [Hj(g) > 2H"(a^) + 2e'] x 2 

(H = 0) (H=+l) 


(b) Oj(g) + 2H*(a<?) + 4e- Reduction .^ 20H-(a<?) 
(O = 0) (O = -2) 
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2H2(g) + 0^(g) + 2H*(a<?)- > 4H\aq) + lOHAaq) 

O’" 2H^(g) + Oj(g)- >2H\aq) + 20H-iaq) 

2Hj(g) + 0,(g)-> 2Hp(aq) 

The cell corresponding to this cell reaction can be represented as: 

I Aqueous solution | 02 (g), Pt 
Anode Electrolyte Cathode 

(v) The given cell reaction can also be written as: 


Oxidation 


K2CrjO,(i7^) + K\(aq) + i4HCl(a^)- 
(Cr = + 6 ) (!=-l) 


• 8KCl(a^) + 2CrCl.(a^) + Sl^ + 7H,O(0 
(Cr = + 3) (1=0) 


Reduction 


1 (I - m anT (I = - 1) is oxidised tO 

M - 0) and on cathode K^Cr^O, (u^) (Cr = +6) is reduced to CrCI/^^) 

H (aq) ions. Thus the galvanic cell can be represented as: ^ 

Pt, KI(^79) I I, IIKoCr^O, (aq) | CrCl,((7<5-), HC 1 (( 7 < 7 ), Pt 
Pt. naq) I 1, II Crp^,-(aq) | Cr’'(a9), W(aql Pt 

Cathode 

(v/) The given cell reaction can also be written as: 


Reduction 


I 

MnO, +5Fe'’(n9) + 8H'(t79)- 
(Mn = + 7) (Fe = +2) 


7 


' Mn‘ {aq) + 5Ve\aq) -h4H,0 
(Mn = + 2) (Fe = + 3) 

A 


— Oxidation- 


This reaction shows that on anode Fe=*(o,) ion is oxidised to Fe-(oo) 
ion and on cathode MnO; (a,) ion ,M„ . + 7) is reduced to Mn-(o,) ion (Mn 

"prated S 

Pt, Fe'"(t79)|Fe^"(a9)||MnO;(o9)|Mn’"(a,7), H'Ca^), Pt 

Cathode 
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(vi7) We know that in Ag( 5 ) | AgCl( 5 ), KCl(a(?) or Ag(s) 1 AgCl{.v), 

Cl (a^) electrode, Ag(5) is oxidised to AgC!(.-t) 

2 X [Ag(s) + Cr(a 9 ) AgCl{ 5 ) + e~] •■•(') 

We also know that in Cl,(g) | Cr(aq) electrode CUg) is reduced to 
Cr(aq) ion 

Cl (g) + 2e^ Reduction ^ 2Cr(a^) 

Since the addition of oxidation and reduction half-reactions (/) and (//) 
given above gives the given cell reaction, the cell corresponding to the given 

reaction can be represented as: 

Ag( 5 ) I AgCl(x), KCliaq) 1 Cl,(g), Pt 
or Ag(x) 1 AgCl(.v) i Cr(at/) | Clj(g), Pt 
Anode Cathode 

(viii) The given cell reaction shows that on anode Pb(s) (Pb = 0) is 
oxidised to PbSO,{.) (Pb = +2) and on cathode PbO^x) (Pb = +4) is reduced 

to PbSO/ 5 ) (Pb = +2). Both the reactions take place in presence ol SO 4 (aq) 

ion or H,SO^(a^) 

Pb( 5 ) + SOl-(aq)-^^^^^ PbS 04 (.v) + 2^' 

PbO,(5) + SO^ (a,).4 ir (.^) + 2e- PbSO^(s) + 2 H,0 

Note that both half-reactions take place in presence of SO^ (aq) ion. 
Obviously, cell reaction is obtained by adding the above two half-reactions 

Pb( 5 ) + Pb 02 ( 5 ) + 4H^{aq) + 2SO^ (aq) -^ 2 PbS 04 ( 5 ) + 2 H 

or ?b(s) + PbO,(x) + 2H,SO,(a<?)-> 2 PbSO/ 5 ) + 2Hp 

Oxidation and reduction half-reactions given above show that the cell 
corresponding to these half-reactions can be shown as; 

Pb(.t), PbS04(5)|H2S04(ag)|Pb02(s), Pb 

or Pb( 5 ), PbS 04 (s) lS 0 ^(ag)lPb 02 ( 5 ),Pb 
Anode Cathode 

Pb shown at cathode is not involved in cell reaction but only serves the 
purpose of an electrical contact. 

• To construct a galvanic cell, if two electrodes with theil- £* values 

are given. , ,, ,,,, , 

Two electrodes can be combined togetter to get a galvanic cell. While 

combining them we should remember the following rule: 

In a galvanic cell the electrode having higher value of £“ acts as cathode 
(RHS electrode) and the electrode having lower value ofEr acts as anode (LHb 
electrode) 
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Illustrative example. Give the representation ofthe galvanic cell which 
is prepared by combining Cu'' \ Cu and Zn'' \ Zn electrodes whose standard 
reduction potentials are 0.34 P and-0.76 Vrespectively. 

Solution. Since Cu’VCu electrode has higher value of (= 0.34^) 
than Zn’VZn electrode (= - 0.76 V), Cu^'/Cu electrode acts as cathode (RHS 
electrode) and Zn’ /Zn electrode acts as anode (LHS electrode). Thus the cell 
can be represented as: 

Zn I Zn-’ II Cu'* | Cu 


Anode 

(LHS electrode) 

£" ,, = -0.76V 

Zn^ 'Zn 

(l.ower value) 


Cathode 

(RHS electrode) 

= 0.34 V 
(Higher value) 


To write cell reaction (redox reaction) for a given ceil. 

If \vc are required to write cell reaction (redox reaction) for a given cell, 
we should remember that the cell reaction is the sum of oxidation half-reac¬ 
tion and reduction half-reaction. Before adding the two half-reactions, the 
number of electrons involved in both the half-reactions should be made equal. 
This method would be clear, if we malte the study of the following example 
Example. Write cell reaction (redo.x reaction) for each of the following 
galvanic cells: 

(/) /fg(5)! Agl(s) I Kl solution (C,) || AgNO^ solution (C,) | Ag(s) 
Ui) Zn(s) I ZnOl' (C,), OH (C,) || HgO{.s) \ Hg 
(Hi) Pt, H.(g) I HCl solution || HgGt^(s) \ Hg * 

(/v) Pt. H.(g) I ac/ueous solution \ 0,(g). Pt 
(V) Fc(.0'| Fe^\oq) II H,SO,(aq) \ Hig), Pt 
(Vi) Pt. H,(g) I HCl(aq) II Cl^ig), Pt 
(vii) Pt. H,(g) 1 HCl(solution) || AgCI(s) | Ag 
(viii) Pt. H,(g) I HCl(solution) | AgHO^(solution) | Ag(s) 

(i.x) Hg(l), Hgflp), KCl solution || Hg,(NOj)f solution) \ Hg{[) 
Solution. (/) LHS electrode (anode) of this cell is a metal-metal insoluble 
salt-anion electrode, Ag(.v) | Agl(5) | KI solution (C,) or Ag(5) |Agl(s)| TfC,) 
and RHS electrode (cathode) is a metal-metal ion electrode, Ag*(Cj)lAg(5). 

On anode Ag(.v) is oxidised to Ag\aq) ion which combines with r(C|) 
ion present in KI solution and forms Agl(i) 

Ag(i)- > Ag'laq) + e' 

Ag\aq) + ]-(C,)—>Ag\{s) _ 

On adding: Ag(s) + TfC,) o’t»«taiion ^ Agl(s) + e' (n=\) (At anode) 

(Ag = 0) (Ag = -H) ...(a) 

Equation (a) shows that on anode Ag(j) is oxidised to Agl(j). 

On cathode 4%*(C,) ions are reduced to Ag(s) 
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Ag\Cj) + e* —Reduction ^ A.%{s) {n = \) {At cathode) ...{b) 

Cell reaction is obtained by adding (a) and {b) half-reactions. Thus; 
Cell reaction: Ag*(Cj) + r(C,)- > Agl(j) 

This cell reaction takes place for the passage of one Faradays of elec¬ 
tricity (« = 1) per mole of Agl(s) formed. 

(/■/) In the given cell, Zn(5)|Zn Oj" (C,), OH (Cj) and HgO(j)|Hg are 
anode and cathode respectively. On anode Zn(j) is oxidised to ZnO^” ion 
(C,) in alkaline medium and on cathode HgO(5) is reduced to Hg. Thus: 

Zn(s) + 2HjO-> ZnOl~ (C,) + 4H* + 2e 

4H’ + 40H-(Cj) - > 4HjO 

Zn(s) + 40H-(C^) ^ ZnQ^~ (C,) + 2Hp + 2e~ {n = 2) (On anode) 

...{a) 

HgO(j) + 2H’ + 2e- > Hg + 2HjO (n = 2) (On cathode) ...{b) 

Cell reaction is obtained by adding half-reaction (a) and (b). Thus: 

Zn(s) + 40H-(Cj)-> ZnO^' (C,) + 2HjO + 2e- 

HgO(5) + 2H^ + 2e--> Hg + H,0 _ 

On adding: 

Zn(s) + 40H-(Cj) + HgO(s) + 2H* —^ ZnO^' (C,) + Hg + 3HjO 

or Zn(s) + 20H-(Cj) +. 2H * + 20H-(Cj) + HgO(s) —> ZnO^' (C,) 

+ Hg + 3HjO 

or Zn(s) + 2Hj0 + 20H-(Cj) + Hg0(s)—> ZnO|‘(C,) + Hg + 3HjO 

• 

or Zn(5) + 20H-(Cj) + HgO(5) —> ZnO^- (C,) -h Hg -i- H^O 

This reaction takes place for the passage of two faradays (n = 2) of 
electricity per mole of Zn(j). 

(/»■) In the given cell, Pt, Hj(g)tHCl solution or Pt, Hj(g)|H*(a^) elec¬ 
trode acts as anode and HgjClj(s)|Hg electrode acts as cathode. On anode 
Hj(g) is oxidised to H*(a^) ion and on cathode HgjClj (mercurous chloride) 
is reduced to metallic mercury, Hg 

Hj(g) —o»i<i«tion ^ iu*(aq) + 2e~ (n = 2) {On anode) ...{a) 

HgjClj(s)+2e' —» 2Hg+2Cr (n=2) {On cathode) ...{b) 

Cell reaction is obtained by adding the above two half-reactions: 

H,(g)+Hg,Cy5)—).2H\a^)+2Cr+2Hg 
This reaction takes place for the passage of two faradays of electricity (n 
= 2) for two moles of H*(a^) ions formed. 
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(iv) The given cell contains two electrodes viz, Pt, (anode) 

and Pt, Oj(g)| OH {aq) (cathode). On anode oxidation of Hj(g) to H*(aq) ions 
takes place and on cathode 0,(g) is reduced to OH fa^) ions. 

(a) [Hj(g) —) 2H* («<?) + 2e ] X 2 iAt anode) 

(H = 0) (H = +l) 

(b) 0,(g) + 2H ‘ + 4e . ^ 2 OH {aq) (At cathode) 

(0 = 0 ) (0 = - 2 ) 

Cell reaction is obtained by adding (a) and (h) half-reaction. Thus; 
Cell reaction: 2H,(g) + 0,(g) —> 2H '(aq) + 20H (aq) 

or 2H,(g) + 0,(g)—>2Hp(/) 

(H=0) (6 = 0) (H = +l,0 = -2) 

This reaction proceeds for the passage of two faradays of electricity (n = 

2) for the formation of one mole of H,0 (/). 

(v) Cell representation shows that oxidation and reduction half-reaction 
are: 

Fc(.9) ) Fe- («^) + 2e 

2H'(aq) + 2e~ RcaucHon ^ H,(g) 

Cell reaction: Fe(.s) + 2H '(a^)-> Fe-*(a<y) + H,(g) 

(vi) Cell representation shows that oxidation and reduction half-reaction 
are: 

H,(g) —£!!*»'»■■<>" ) 2H '(aq) + 2e 
Cl,(g)-t-2e _ Kcduciion ^ 2Cr(ay) 

Cell reaction: H/g) + Clj(g)- > 2H '(aq) + 2CV(aq) 

(vii) In the given cell, LHS electrode (anode) is a gas-gas ion electrode 
viz. Pt, Hj(g)|H *(aq) and RHS electrode (cathode) is a metal-metal insolo tble 
salt-anion electrode viz. Cl (a(jr)|AgCI(j)lAg. 

Oxidation on LHS electrode (anode): j H,(g)- > H’(a^) + e~ 

Reduction on RHS electrode (cathode): AgCl(j) + e' ->Ag + Cl (a*?) 

(Ag = +I) (Ag = 0) 

Cell reaction: - Hj(g) + AgCI(s)-> H \aq) + Cl^a^) + Ag 

(viii) LHS electrode (anode) is a gas-gas ion electrode, Pt, Hj(g)|H \aq) 
and RHS electrode (cathode) is a metal-metal ion electrode, Ag*(fl 9 )|Ag(j). 
Thus: 

Oxidation on anode: -j Hj(g)-> ^*(aq) +€" 

Reduction on cathode: hg(aq) + e' -► Ag(j) 
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Cell reaction: — Hj(g) + Ag*(aq] -»H*(a 9 ) + Ag(s) 

(a) The given cell shows that LHS electrode (anode) is a metal-metal 
insoluble salt-anion electrode, Hg(/)lHgjClj(5)lCr(a9) and RHS electrode 
(cathode) is a metal-metal ion electrode, Hg\* (a 9 )|Hg(/). On anode Hg(/) is 
oxidised to Hg,Cl,(5) and on cathode Hgl* (aq) ions are reduced to Hg(/) 

2Hg(/) + 2C\'{aq) Hgj(Cg(s) + le' 

(Hg = 0) (Hg = +1) 

Hgf (aq) + 2e- Reduction ^ 2Hg(/) 

(Hg = +1) (Hg = 0) 

On adding the oxidation and reduction half-reactions given above, we 
get: 

Cell reaction: Hg]^ (aq) + 2Criaq) -»Hg2Cl2(5) 

Note that since 2Hg(/) are common to both the half-reactions and are 
present on opposite sides, they have been cancelled. 

EMF or e.m.f. (£„,,) of an electrochemical cell 

We know that an electrochemical cell has two electrodes. One electrode 
has higher electrode potential than the other. The difference between the 
electrode potentials of the two electrodes (or two half-cells) of an 
electrochemical cell, when no current is flowing in the circuit {i.e. in an open 
circuit), is called electromotive force (EMF or e.m.f.) of the cell. EMF of a 
cell is represent as 

EMF of a cell is the measure of the free energy change (AC) which 
determines the tendency of the cell reaction (redox reaction) to occur. The 
relation between EMF and AG is given by: 

AG = - nFE^^„ 

Here n = No. of electrons involved in the redox reaction 

F = 1 Faraday of electricity = 95600 coulombs 
= EMF of the galvanic cell 

Standard e.m.f. (E^n) of a galvanic cell 

Standard e.m.f. of a galvanic cell is the difference between the standard 
electrode potentials of the two electrodes which constitute the cell. It is 
represented as £®g,|. 

To calculate standard e.m.f. (E^u) of a given galvanic cell. 

Suppose we are given the following galvanic cell whose standard e.m.f. 
(£^,|) is to be calculated. 

Pb(s)|Pb^"(a(7)l|Ag^a9)|Ag(5) 

Given: ^V/Ag = + 0-80 V 
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The given cell can also be written as: 

PbW I Pb^*(a9) II Ag*(a9) I Ag(5) 

Anode or oxidation Cathode or reduction 

electrode or left electrode or right 

electrode electrode 

^ccii galvanic cell can be calculated by using any of the equations 
from(/) to (/V). 

Since oxidation takes place on anode (oxidation electrode) and reduction 
takes place on cathode (reduction electrode), „ is given by: 

^ccll ox )Anodc ■*“ (^red )calhodc 1 
= (iox)Left+(fL)Righ, 

~ ^Pb/Pb^* ''' ^Ag* /Ag ~ 0-13 +0.80 = 0.93 V (Answer) 

Now since )caibodc = (~^ox )catbodc > equation (/) can also be written 
as: 


...(0 


^ccll (^ox)Anodc (^OX )Cathode I 
~ ( ^ox ) Lcfl ~ ( ^ox ) Right j 


...(//) 


'Pb/Pb^* ^Ag/Ag* 

= + 0.13 - 0.80)= 0.13 +■ 0.86^= 0.93 V (Answer) 
Since (£ox)Anodc =(~^^)An<xic> equation (/) can also be Written as: 

£^«ll “ (~£rcd)Anode ■*'(£'rcd)calhodt 

“ (£rcd)calhodc ~(£rcd) Anode ...(///) 

' ~ (^red) Right ~(£^) Left 

^Ag*/Ag ^Pb^/Pb ~'*’®-®®~(~0-13) 

= 0.93 V (Answer) 

Now since in a galvanic cell, (£^)ciUHxie is always higher than 


(^rrf)Anode> equation {Hi) can be written as: 


£ccll - (£^) Higher 


(£^red) Lower 


...(/V) 


^Ag*/Ag ^Pb'*/Pb~'*' 0-80 ■"(“0-13) 


= 0.93 V (Answer) 

Solved Examples 

Example 1. Calcualte e.m.f. ofthe following cell. 

Pi' I ffCl {solution) I AgCl{s) \ Ag{s) 

Given that pAga/Ag = +0.222 V 
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Solution. The given cell shows that since Hj(g) is oxidised to H'{,aq) on 
H "(aq) electrode, this electrode acts as anode. Similarly since AgCl(5) is 

reduced to Ag(.9) on AgCl/Ag electrode, this electrode is cathode. Thus e.m.f. 
the given cell 

“ [^rcd Icalhode [■^rcdlanodc ^AgCI/Ag 

= + 0.222 - 0.0 = + 0.222 V (Answer) 

Example 2. The e. m.f of the following two cells are given as: 

(/) Zn\Zn-\iM)\\Cu-*ilM)\Cu-, E% = +l.lOV 

(//) Ag\AgUlM)\\Cu-UlM)\Cu: E% = - 0.46 V 

Calculate e.m.f. of the following cell 

Zn\Zir*UM)\\Ag*{IM)\Ag {A.I.S.B. 1989) 

Solution. The redox reactions taking place in cells (/) and (/7) can be 
written as: 

Zn+Cu^"->Zn^^ + Cu; £“||=+1.10V 

Ag+Cu^*->Ag'^ + Cu; £°tii =- 0.46 

On subtracting we get: 

Zn-Ag ->Zn^*-Ag^ £°n = 1.10-(-0.46) =+1.56 V 

or Zn+Ag* ->Zn^* + Ag; £ccii=V 

This redox reaction is the reaction that takes place in the cell. Obvi¬ 
ously ejn.f. of this cell is equal to 1.56 V (Answer). 

To calculate standard e.m.f. (or ^?tdo> mcuon ) of ® given redox 
reaction, if P values of two electrodes or their half-reactions 
are given 

Suppose we are required to determine the value of Eredox reaction of the 
following redox reaction 

Pb(5) + 2\.g{aq) —+ Pb'*(fl 9 ) + 2Ag(s) 

Giventhat £°,:.,p, = -0.13Vand <g., 2 ,g = + 0.80V 

For determining the value of £°dox reaction . write the given redox reaction 
as: 

-Oxidation 

Pb(A) + 2Ag’(a^) -> Pb^*(a(?) + 2Ag(s) 

(RA) (OA) ^ 

I -Reduction. 1 



I 


Electrode Potentials and Their Applications 


675 


^redox reaction Can be calculated by using any of the following equations 
viz. (0, OO and («/). 

In the given redox reaction, since Pb(j) is,being oxidised to Pb'^Ca^) and 
Ag*(a 9 ) ions are being reduced to A%{s), Pb(j) acts as a RA and Ag*(fl^) ions 
act as OA. Thus £^ox reaction >s given by: 

pO _ pO cO 

redox reaction ~ ^OA ~^RA ...(/) 

~ ^Ag*/Ag “^Pb'*/Pb “ 0-80 - (-0.13) = 0.93 V (Answer) 

Now since Pb(j) is oxidised to Pb'*(fl 9 ) and Ag*(a^) ions are being 
reduced to Ag(s) as shown below 

Pb(s) - Oxidation ^ Pb^^(aq) + le'(Oxidation hal/-reaction) 
2Ag\aq) + le' — > 2Ag(^) (Reduction half-reaction) 

^ledox reaction *5 given by; 

■^redox reaction ~ Standard oxidation potential (E^f) for oxidation half- 
reaction + Standard reduction potential (E^) for 
t reduction half-reaction 

“ ^Pb/Pb’* ^Ag'/Ag “ + 0.13 + 0.80 = 0.93 V (Answer) 


^redox reaction IS also given by: 

^redox reaction = )higher ~ )lower 

" -^V/Ag - ‘^Pb'-/Pb = + 0-80 - (- 0.13) 

= + 0.93 V (Answer) 

Solved Examples 

Example 1. Calculate e.m.f. of the following redox reaction: 

Cu(s) + 2Ag*(aq) -—> Cu^\aq) + Ag{s) 

Given that: = + 0.34 Vand = + 0.80 V. 

Solution. The given redox reaction can also be written as- 
I-Oxidation- 

v 


...(Hi) 


Cu(j) + 2 AgV?)' 
(RA) (OA) 


- Reduction 


Cu**(og) + Ag(j) 

J 


Obviously, e.m.f. of the given redox reaction may be calculated by any of 
the following equations: 
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(/) e.m.f. of the redox reaction = /Ag “ ^cu* /Cu 

=+0.80 - 0.34=+0.46 V (Answer) 

(//) e.m.f. of the redox reaction = 'Ag 

= -0.34+0.80 = +0.46 V (Answer) 

(Hi) e.m.f of the redox reaction = (£,”<1 )highcr ~ ()iowcr 

= 0.80 - 0.34 = + 0.46 V (Answer) 
Example 2. Calculate e.m.f. of the following redox reaction: 

3Mg(.%) + 2AT\aq) - > 3Mg'*(aq) + 2Al{s) 

Given: E^,.^= -1.66 V. ,^,=-2.36V. 

Solution. The given redox reaction can also be written as: 

V 

-Oxidation- 

i 3Mg(.v) + 2A1^ (oq) - > 3Mg' (aq) + 2A1(a) 

(RA) (OA) 4' 

^-Reduction-' 

Obviously, e.m.f of the given redox reaction can be calculated by any of 
the following equations; 

(/) e.m.f of the redox reaction = cqa "^ra - ^ai''/ai 

= - 1.66 - (-2.36) = - 1.66 + 2.36 

= + 0.70 V (Answer) 

r® _L JT® 

(;7) e.m.f of the redox reaction = +£.^,^,^1 

= + 2.36+ (-1.66) 

= + 0.70 V (Answer) 

{///) e.m.f. of the redox reaction = (^rtd)highrr “(^rcd)iowcr 

— r® _ IT® 

~'^Al’’/At ^Mg’VMg 

= -1.66 - (-2.36) = + 0.70 V (Answer) 
Example 3. e.m.f. of the redox reaction (cell reaction), 

Ni(s) + Cu'faq) -> Cu(s) + Ni''{aq) 

is 0.59 V. Calculate the standard reduction potential of Ni-electrode, if stand¬ 
ard reduction potential of Cu-electrode is 0.34 V. 

Solution. The redox reaction is: 

Ni( 5) + Cu^*(a^)- > Cu(s) + Ni’*(^9) 

(RA) (OA) 



Electrode Potentials and Their Applications 


677 


Obviously, e.m.f. of the redox reaction = 

_ pO _ pO 

^Cu'VCu ^Ni’*/Ni 

or +0.59=0.34- 

■ ^Np'/fji^0-^^-0.59=-0.2Sy (Answser) 

Exampfe4 .The e.m.f. of the cell in which the reaction, 

2Ag*(aq) + Hfg) -y 2Ag(s) + 2H*{aq) 

occurs is 0.80 V. Calculate the standard reduction electrode potential of 
^g\t^0y^^s) electrode. 

Solution. The given redox reaction can also be written as: 


Oxidation 


2Ag\aq) + Hj(g) 
(OA) (RA) 


1 


2Ag (j) + 2H\aq) 

A 


L 


Reduction ■ 


The value of ^Ag*(a^)/Ag(rt oan be calculated by using any of the fol¬ 
lowing three methods. 

Method (i). e.m.f of the given redox reaction is given by: 

e.m.f = ® ^Ag*/Ag “^ 2 h*/H 2 

0.80=£V/.t-00 




= + 0.80 V (Answer) 


•’o ■ 

Method (/j). e.m.f of the given redox reaction can also be given by: 

tioi 

forjeduction half-reaction 


e.m.f = for oxidation half-reaction 


+ E 


red 


or 

or 


0.80 = 0+ 


^Ag* /Ag = ®*80 V (Answer) 
Method (Hi), e.m.f is also given by: 


= £ 




lower AgVAg ■^2H*/H2 


0 - 80 =£V/.«-o 

• ^Ag* /Ag ^ 0-80V (Answer) 


To determine e.m.f. of a redox reaction (ceil reaction) formed by 
combining two electrodes. 

Suppose we are given two electrodes viz. Pb^"^/Pb and AgVAg whose 
standard reduction electrode potentials are - 0 ' 3V and 0.80V respectively. 
We are required to calculate e.m.f of the redox reaction formed by combin- 
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ing the reduction half-reactions cbrresponding to the given electrodes, e.m.f. 
of such a redox reaction is given by: 

e.m.f of redox reaction or £° r«c.ion = ^ Higher - ^ tower 

_rO _ 17O 

“^Ag'/Ag Pb^’/Pb 

= [0.80-(-0.13)]V 
=+0.93 V (Answer) 

Illustrative Example. Calculate the standard potential, if standard 
potentials of Cu^*ICu and Zn^*IZn electrodes are 0.34 V and - 0.76 V 
respectively. 

Solution. Standard cell potential = ^higher " ^lower 

— IT® _ 

~^Cu’’/Cu ^Zn^'/Zn 

= [0.34-(-0.76)]V 
=+1.10V (Answer) 

Summary of the main points about a gaivanic 
(electro-chemicai) ceii 

A galvanic cell has the following characteristics: 

(0 The electrode at which oxidation half-reaction taketplace is qplled 
anode or oxidation electrode while the electrode at which reduction 
half-reaction occurs is called cathode or reduction electrode. 
Anode is LHS electrode and cathode in RHS electrode. This 
discussion can be summarised by saying that oxidation takes 
. place on anode and reduction occurs on cathode. 

(//) The two half-reactions always take place simultaneously, i, e. half- 
reactions cannot take place indepedently. 

{Hi) Anode is rich in electrons, since electrons are produced on an¬ 
ode due to oxidation. Anode pushes these electrons into the 
external circuit and hence acts as negative pole. On the other 
hand, cathode in deficient in electrons, since it needs electrons to 
undergo reduction. For bringing about reduction on cathode, 
cathode pulls the eleclrons from the external circuit. Thus cathode 
acts as positive pole. This discussion shows that electrons flow 
from the negative pole (anode) to the positive pole (cathode) in 
the external circuit. However, current is said to flow in the opposite 
direction i.e. from cathode to anode. Flow of current 
(electricity) is due to the,flow of electrons in the external circuit 
and due \9 the flow of ions through the solution in the inner 
circuit. 

(/v) In a galvanic cell, the electrode having higher {i.e. more positive 
or less neg dive) value of £® acts as cathode (RHS electrode) and 
that having lower {i.e. lesspositive or more negative) value of £® 
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acts as anode (LHS elcetrode) i.e. in a galvanic cell the value of 
of cathode is always higher then the value of £® of anode 
(^cathode > ^L)de )• I" o*®*" words we can say that: 

Higher makes cathode and lower makes anode. 

(v) If, in an electrochemical cell, not greater than 

]anode’ g'ven notation of the cell is wrong. In order to 
get the correct representation of the cell, the position of electrodes 
should be interchanged i.e. anode of the wrong notation should 
be made cathode of the correct notation and cathode of the wrong 
notation shold be made anode of the correct notation. 

(vj) If £« values of two electrodes or reduction half-reactions are 
given, then the reduction half-reaction having high value of £® 
(more positive or less negative) will occur as reduction half¬ 
reaction on cathode (reduction electrode) and reduction half - 
reaction having lower value of (less pxjsitive or more negative) 
will occur as oxidatiion half-reaction on anode (oxidation 
electrode). 

(vu) The reaction taking place in a galvanic cell in a redox reaction 
and is called cell reaction. Cell reaction is the sum of oxidation 
half-reaction taking place on anode and reductiion half- reac¬ 
tion taking place on cathode. 

(yiii) e.m.f of a galvanic cell is represented as £°j,|. The value of 

^cdi calculated by using any of the follbwing equations 
from (a) to (d) 

^cell ~ ^^ox)Aiiod« ■‘■(^fwi)cMhode“ (•£^1)1x11 ■ 

^cell “(^ox)Anode “(^ox)cithode ~ (^ox)uft “t^ox)Ri*ht •(^) 

^ ^“11 ~^^red)cithode ~(^^)AtK)(le“(^^)RiShl “(^^)Left ■W 

^cell = (^^)Hi|hcr ~(^^)Lower ...(d) 

(ix) We have shown above that; 

^11 ~(^^)cajhcxfc ~(^^)anode 

Now since [£^ W the quantity, [4d]c.u,adc-[£l]a»dcis 

always a positive quantity,/.e. is always a positive quantity. 

(x) It the value of £°^„ comes out to be negative, then the cell reac¬ 
tion will not take place spontaneously in the forward direction 
(from left to right); radier it will take place in the opposite di¬ 
rection (from right to left). 
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(xi) In an electrochemical cell, botii the electrodes are placed in two 
different containers which have different electrolytes separated 
from each other by salt bridge or porous partition. 

(xii) The two electrodes that constitute a galvanic cell are of different 
material. 

Illustrative Example. The Edison storage cell is represented as: 

Fe(s) I FeO (s) | KOH(aq) | M,0,(s) | NiO(s) 

The half-cell reactions are: 

{a) Nipfs) + HPil) + 2e -> 2MO(i) + 20H\E‘= + 0.40 V 

lb) FeOls) + Hpil) + 2e- - > Fe(s) + 20H, £'’= - 0.87 V 

(/) What is the cell reaction? 

(ii) What is the cell e.m.f? How does it depend on the concentra¬ 
tion of KOH? 

(Hi) What is the maximum amount of electrical energy that can be 
obtained from one mole of NiP^ ? {I. I- T. 1994) 

Solution. (0 We know that in a galvanic cell, the reduction half-reac¬ 
tion having lower value of will occur as oxidation half-reaction and the 
reduction half-reaction having higher value of £° j will occur as reduction 

half-rection. Now since >t£^red)6> half-reaction (/>) will occur as 

oxidation half-reaction and half-reaction (o) will take place as reduction half 
reaction. Thus ; 

Fe(j) + 20H- y FcO(j) + HjO(/) + 2e-; = + 0.87 V 

Nip3(5) + HjO(/) + 2e- > 2NiO(5) + 20H-(fl9); £®d = + 0.40V 

On adding we gat: 

Fe( 5 ) + Ni^Ojfj)-> FcO( 5) + 2NiO(s) ...(/) 

This is the cell reaction 

(//) Cell e.m.f. = = + 0-87 + 0.40 = 1.27 V (Answer) 

Cell e.m.f. does not depend bn the concentration of KOH, since KOH is 
not involved in the cell reaction [reaction (/) given above]. 

{Hi) The maximum electrical energy (AG) obtained per mole of Ni^Oj 
(cell reaction has only one mole of NijO,) is given by: 

AG = - X (e.m.f. the cell) = - 2 x (96500 C.mol -') x 1.27 V 
= - 2.4S11 X 10* J moH (Answer) 

Electrochemical Series 

Etectrochemical series is an arrangement of various electrodes having 
dissolved ions at 1 M concentration at 298 K or of various reduction half¬ 
reactions (half-cell reduction reactions) taking place on the electrodes. These 
electrodes or reduction half-reactions have their values in the decreasing 
order (+-> 0- * -). Electrochemical series having (standard reduction 
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electrode potential) values (in the decreasing order) of some electrodes has 
been given in Table 22.2) 


Table 22.2. Standared reduction electrode potential values (£® values) of some 
_ electrodes or ofsome reduction half-reactions. 


Reduction half-reactions (Half-cell reduction reactions) 



Oxidised form (OA) Reduced form (RA) 

£®values (volts) 

¥^ + 2e- i=± 2F-. 

+2.85 


Strongest Weakest 



oxidising agent reducing agent 



03 -t- 2 H* +2e- 0, + H,0. 

+ 07 


Hfl^ + 2W + 2e- ^ 2iy0>!. . - 

+ 1.77 


MnOJ + 4H* -t- 2e- i=* MnO^ -i-,2H 0 . 

+ 1.69 


Au* -f- e" < * Au. 

+1 68 


HC10, + 4H" + 4e- i=:± HC10-t-2H 0. 

+ 1.64 


2HCl6 + 2H* + 2e- i=± C1 j-h2HO 

+1 64 


Ce''" + e- i=* Ce’*.... ^ 

+ 1.61 


2BrOJ + 12H*+lOe- ?=» Brj-(-6HjO. 

+1 52 


MnOi + 8H* 5e~ Mn^* + 4H O 

+ 1.51 


Au’* + 3e' <" y Au., 

+1 42 


Clj + 2e- s=2 2CI-.. 

+ 1.36 .! 

2P 

Cr 20 ?'+14H‘ + 6e- ?=i 2Cr^* + 7H.O. 

+ 133 1 

• 2IOT+12H*+10r ?=± Ij + 6H0' 

+ 1.20 § 

PP + 2e- «=± Pt.. ^ 

-0 

+1 20 Vi 

IOJ+ 6 H*-t- 6 e- +=± I-+3HjO. 

0 

+ 1 no .2 

BT^ + 2e- ?=± 2Br. 

+ 1.06 _• 

> 

Hg^*-H2e- Hg. 

+0.85 ^ 

Ag* -1- e' 5 =s Ag.. 

+0.80 


Fe’* + e- ?=s F^. 

+0.77 


Oj + 2H* + 2^ ?=t HjOj. 

+ 0.68 


H3AsO, + 2H* + 2e- s=t HjAsOj + Hp. 

+0.56 


Ij+2e' ?=t 21-. 

+ 053 


Cu* -1- er Cu. 

+0.52 


Cu’* + 2e' ?=* Cu. 

+0.34 


BP* + 3c- ?=t Bi. 

+0.32 


Cu^’ + e" ?=e Cu^... 

+0.15 


Sn^* -I- 2e^ f Sn**. 

+0.15 


840 ^* + 2 e- ♦=* 2820 ^”. 

+0.09 


2H* + 2r ?=± Hj. 

± 0.00 , 



(By definition) 

Pb^* + 2c- ?z=± Pb. 

-0.13 
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Main featu res of electrochemical series. 


Main features of the electro chemical series given at Table 22.2 are; 

1. Oxidising and reducing agents. The species written on LHS of each of 
the reduction half-reactions accept elcctons and hence are called oxidised 
forms or oxidising agents (OAs). These OAs, after accepting electrons, are 
converted into the species written on RHS. These species are, therefore, called 
reduced forms or reducing agents (RAs). 

2. Variation of £" values on moving down the series. If we look at EP 
values given in the electrochemical series, we find that the reduction half¬ 
reactions lying above 2H* + 2e' Hj have positive £® values while the 
reduction half-reactions lying below 2H* + 2e'?=t Hj have negative £® values. 


2H"+2e- s=± Hj has £®= + O.OV. 

When we consider only those reduction half-reactions which have posi¬ 
tive values of £®, we find that as we move down the series from Fj + 2e^ ♦=* 2F‘ 
(£®=-H 2.85 V) to 2H* + 2e' Hj (£"=+0.0 V), £® values go on becoming less 

positive, since £® value for Fj + 2c^?=* 2F* is the most positive (= + 2.85 V) and 
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thfc? ^ ^ ° on moving down 

the senes fromF, + 2e-;s=±2Pto2H*+2e-^H„£«values goon decLing. 

Similarly when we consider only those reduction half-reactions which 
^ave negative values we find that as we move down the series from 2H* + 
— 0 0 V) to Li * -H Li (£« = - 3.04 V). values go on 
becoming more negative, since £« values for 2H*+ 2e-i=i H is the least 

f-"1;V;rTr --t ni"e 

I J.U4 V). Thus on moving down the series from 2H" + 2e- *=t H to Li" 
^ t Li, values go on decreasing. ^ 

The above discussion shows that as we move down the electrochemical 
senes from F, + 2e-^ 2F-to Li" + Li, values of the given half- 
reduction reactions (or electrodes) go on becoming less positive or more nega¬ 
tive, t.e values go on decreasing. The decreasing order of £« values has 
been shown in Fig 22.4. 

F, + 2e 


2F ,£^ = + 2.85 V- 
(Most positive 
value) 


-y- 

Positive 
£** values 


2H + 2e 


Li' + e* 


: H,, E = ±0.0 V • 
(Zero value) 


^ values become 
less positive 


Negative 
£* values 


i. 


values become 
more negative 

. k . 


f" values 
decreasing 
[ 0 ^ 0 -> -] 


t Li, £=-3.04 V- 
(Most negative 
value) 

Fig. 22.4. values decrease down the electrochemical series. 

Applications of values 

I’irfJ.Tf *•’* increasing or decreasing order of oxidising/ 

reducing power of elements/ions, if their £• vaiues are given 

their ^TSues ** following reduction half-reactions along with 


Oxidised form 
(OA) 

2H*(aq) 

Zn^* (aq) 
Ag^ (aq) 
(aq) 
NF"(a^) 


+ 

+ 

+ 

+ 


2e- 

2e- 

e- 

2er 

2e- 


Reduction 

Oxidation 


Reduced form 
(RA) 


H,(g). 

Zn(j), 

Ag(j), 

Cu(s). 

Ni(s). 


£"=0.0V 

£®=-0.76 V 
£®= + 0.80V 
£®=+0.34V 
£®=-0.25 V 


oain Ji" '^“uction half-reactions given above the species written on LHS 
gam elecfron(s) and hence are reduced to the species (reduced form) written 
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on the RHS. We can also say that tl^e species written on RHS lose electron(s) 
and hence are oxidised to the species (oxidised form) written on L^S. 

Thus the species given on LHS are oxidised fotms~(t-e- oxidising agents 
which have been abreviated as O.A.) and those given on the RHS are reduced 
forms (i.e. reducing agents, R.A.)- The oxiding agents (/.e. oxidised forms) 
have electron-accepting tendency and the reducing agents (/.e.reduced forms) 

have electon-releasing (or electron-losing) tendency. 

Now we have to find out how the oxidising power of oxidising agents viz. 
W{aq), Zn=’ {aq), Ag^aq), Qf^ (aq) and NP(fl< 7 ) and reducing power of 
reducing agents viz. H,(g), Zn(.r), Cu(.9) and Ni(5) vary with the decrease in P 
values. In order to fin’d out this variation, first of all we should write all the 
given reduction half-reactions in such a way that their P values are in the 
decreasing order, since these values are also in the decreasing order in the 
electro-chemical series. Thus the above half-reactions should be written as; 


Oxidised form 
(OA) 

AgTfl?) 

CM^*{aq) 


^ Reduction 

2e - 

2 ^' Reduction 


DO 

C 


Reduced form 
(RA) 


Ag(s), P = + 0.80 V 
Cu(.v), P = + 0.34 V I 


2W{aq) + 2e- > H,(g), P = 0.0 V | 

NP(a9) + 2e- _S£i!£!!22_> Ni ( 5 ). P = - 0.25 V ^ 

Zn^\aq) + 2 e-Zn(s), P =-0.76 V | 

Before entering into the discussion, we should understand the meaning 
of stronger and weaker oxidising agent and reducing agent. Stronrger oxidis¬ 
ing agent is that which gains electrons more readily while weaker oxidising 
agent is that which gains electrons less readily. Thus stronger oxidising agent 
gains electrons more readily than weaker oxidising agent. In other words we 
say that stronger oxidising agent is more easily reduced than the weaker oxi¬ 
dising agent. . . , , . 

Similarly, stronger reducing agent is that which loses electrons more 
readily while weaker reducing agent does so less readily. Thus stronger reduc¬ 
ing agent loses electrons more readily than weaker reducing agent. In other 
words we say that stronger reducing agent is more easily oxidised than weaker 
reducing agent. 

Since P value for the rjeduction half-reaction. 


Ag*{aq) + ^ Reduction ^ Ag(s) (P = +0.80 V), 

(Strongest OA) (Weakest R.A) 

(Oxidised form) (Reduced form) 

is the largest (= + 0.80 V), we can conclude the following. 

(a) This reduction half-reaction takes place most readily, i.e. this reac¬ 
tion has maximum tendency to proceed towards right However, 
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the reverse of this reaction [i.e. Ag{s) Ag\aq) + e- in which 
Ag(s) IS oxidised to Ag*(fl 9 )] takes place least readily. 

(b) The oxidised form of this reaction, Ag*(a^) has maximum tendency 
to gain electron, i.e. electron-gaining tendency of the oxidised 
form in this reaction is maximum. 

(c) Oxidised form, Ag\aq) in this reaction has maximum tendency to 
get reduced to the reduced form, Ag(j), Le. oxidised form, Ag\aq) 
IS reduced to the reduced form, Ag(j) most readily. This means that 
the oxidising agent (abbreviated as O.A.) [i.e oxidised form, 
Ag*(«9)] of this reaction is strongest O.A. and hence reducing 
agent [i.e. reduced form, Ag(5)] of this reaction is the weakest R.A. 
Thus Ag\aq) in the strongest O.A. and Ag( 5 ) is the weakest R.A 

Similarly, since EP value for the reduction half-reduction, 

Zn-\aq) + 2e- __Redu£tion_^ 2.n{s) (£“ = - 0.76 V), 

(Weakest O.A) (Strongest R.A.) 

(Oxidised fomt) (Reduced form) 

is the lowest (= - 0.76 V), we can conclude the following; 

(а) This reduction half-reaction takes place least readily, i.e. this reac¬ 
tion has minimum tendency to proceed towards right. However, 
the reverse of this reaction [i.e.Zn(j) Zn^*(a^) + le' in which 
Zn(i) is oxidised to ZrE\aq)\ takes place most readily. 

(б) The oxidised form of this reaction, Zn^*(a^) has minimum tendency 
to gain electrons, i.e. electron-gaining tendency of the oxidised 
form of this reaction is minimum. 

(c) Oxidised form, Zn^*{aq) of this reaction has minimum tendency to 
get reduced to the reduced form, Zn(j), i.e. the oxidised form is 
reduced to the reduced form least readily. This means that the O.A. 
[i.e. oxidised fomi, Zv}'[aq)] of this reaction is the weakest O.A. 
and hence the R.A. [i.e. reduced form, Zn(s)] of this reaction is the 
strongest R.A. Thus Zn^*(aq) is the weakest O.A. and Zn{s) is the 
strongest R.A. 

The above discussion shows that as the value of £« decreases down¬ 
wards, 

(a) The tendency of the reduction half-reaction (forward reaction) to 
proceed from left to right (—>)decreases but the tendeney of the 
oxidation half-reaction {i.e. backward reaction) to proceed from 
right to left («-) increases. 

Reduction takes 

_ _ place most readily „ 

Ag {aq) + e ^ Ag(4), £* = + 0.80 V {Maximum value) 

Oxidation takes 
place least readily. 


Zn \aq) + le 


Reduction takes 
place least readily 


Zn(4), £* — 0.76 V (Minimum value) 


Oxidation takes 
place most readily. 
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(6) Oxidising power of oxidising agents (oxidised forms) decreases 
and hence reducing power of reducing agents (reduced forms) 
increases, i.e. oxidising power of OAs is directly proportional to 
the magnitude of EP and hence reducing power of RAs is inversely 
proportional to the magnitude of EP . Both the above points have 
been shown in Fig. 22.5 which shows that oxidising power of 
oxidising agents and reducing power of reducing agents are in the 
order: 

Oxidising power : Ag*(ag) > Cu^\aq) > H*(a 9 ) > Ni^*(ag') > Zn ^*iaq) 

Reducing power ; Ag(s) < C\i(s) < Hj(g) < Ni(s) < Zn(s) ' 

Oxidised form Reduced form 

(OA) (RA) 

Ag (aq) + f Ag(s), fi" = + 0.80 V (Largest value) 

(Strongest OA) - (Weakest RA) . 

I I J 

Oxdising power Reducing power t values 

decreases increases decrease 

i i i - 

Zn^^(< 3 ^) + 2e Zn(s), £* = - 0.76 V (Lowest value) 

(Weakest OA) (Strongest RA) 

Fig. 22.5. Variation of oxidising power of oxidising agents and reducing 
power of reducing agents with the decrease of £® values. 

{b) To explain why among alkali metals, lithium in aqueous 
solution is the strongest reducing agent 

We know that among alkali metals Li has the maximum ionisation energy 
(Li = 520.3 kJ/mole, Na = 495.8, K=418.9, Rb = 403.9, Cs = 357.7). Maximum 
value of ionisation energy suggests that it should be very difficult for Li-atom 
to lose an electron to get oxidised to Li^ ion and hence Li-metal should be the 
weakest reducing agent. However, experiments have shown that in aqueous 
solution, Li metal can lose its 2 j' electron (Li = 1 j^, 2i') quite readily and get 
oxidised to \.{*(aq). Thus Li metal in aqueous solution is the strongest R.A. 

Lj(j) OxidMioii ^ U*{aq) + e- 


RA OA 

In order to explain this fact let us consider the reduction half-reactions 
involving alkali metals and their monovalent cations along with their EP values 
as given below: 

. Oxidised form Reducedform 

(OA) (R^ 


Lf(fl9) 


Reduction 


Oxidation 


Li(s) 

(Strongest RA) 
Na(j) 


-3040 V 

(Most negative value) 


“^Na'/Na 


= -2.717 V 


Na*(a9) 


+ e- 
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Rb^a^) 

Cs;{aq) 


m 

Rb(j) 

Cs(s) 


<-/K=-2-925 V 
^ra*/Rb =,“2.925 V 
= -2-923 V 

T ^ ^ Li(^) reduction half- 

reaction has the minimum value of £« (most negative value) and hence 

hi ov proems from left to right takes place least readily but 

the oxidation half-reaction which proceeds from right to left rLi(.y) Li*(aa) 4- 

1 If place most readily, i.e. Li(5) metal is aqueous solution is most readily 
oxidised to Li {aq) ion by losing an electron and hence this metal in aqueous 
solution IS the strongest RA among alkali metals. ^ 

(c) Reducing power of alkaline earth metals in aqueous solution 
Alkaline earth metals [M(s)] can easily lose their /is^ electrons and get 
oxidised to M {aq) in aqueous soluHon. Thus alkaline earth metals act as 
reducing agents in aqueous solution. 

M(j) _oxi<tolion ^ + 2c- 

(RA) (OA) 

. 1 * relative order of reducing power of alkaline earth 

metals like Mg, Ca and Ba, let us consider the reduction half-reactions involving 
these metals and their divalent cations (Mg^\ Ca^^ and Ba^^ along with their 
£” values as given below: 


Oxidised form 


Reduced form 

(OA) 


(RA) 

Mg-‘(aq) + 

2e~- 

Reduction. 

> Mg(s) /Mg = - 2.37 V 

(Strongest OA) 


(Weakest RA) (Largest value) 

Ca-"(aq) + 

2^ 

- > Ca(s) =-2.87 V 

Ba^"(aq) + 

2e~ 

-^ =-2.90V 

(Weakest OA) 


(Strongest RA) (Lowest value) 


Now since values decrease as: 

the reducing power of Mg, Ca, and Ba increases as: 

Mg(j) < C:a(j) < Ba(s) 

id) To detemine the relative order of oxidising power of halogens 
(X,) and reducing power of halide ions (X ) in aqueous solution 
An oxidising agent is a species which can gain one or more electrons 
quite easily and get reduced to the reduced form readily. Since halogens (X ) in 
aqueous solution have a great tendency to gain electrons and are reduced to 
the halide ions [X (oq)], halogens act as oxidising agents in aqueous solution. - 
Xj-»-2c- _ .Reduction ^ 2Xiaq) 

In order to determine the relative order of the oxidising power of halo- 
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gens in aqueous solution, we make use of £” values of reduction half-reactions 
involving halogens (Xj) and halide ions (X') 


Oxidised form 



Reduced form 


(OA) 



(RA) 


F. 

+ 

2€- 

- » 2F-(aq), 

£®=+2.87V 

(Strongest OA) 



(Weakest RA) 

(Maximum value) 

Cl, 

+ 

2er 

—+ 2a-(aq), 

£“=+1.40V 


+ 

2e- 

-^ 2Bi*(a9), 

£?>=+1.90V 

h 

+ 

2e- 

-» 2I-(flq), 

i?>=+062V 

(Weakest OA) 



(Strongest RA) 

(Minimum value) 


Since as we move down the given set of reduction half-reactions, EP 
values decrease from (= + 2.87 V)to ^|°/ 2 r (= +0.62 V), the oxidising 

power of halogens decreases while the reducing power of halide ions increases 
in the same direction. Thus: 

Oxidising power of halogens: Fj> Clj> Brj> Ij 
Reducing power of halide ions: F" < Cl-< Br < 1* 

Solved Examples 

Examplel. Some standard reduction potential values are given as: 
Zn^*/Zn = -0.76 V, Cu^'/Cu = + 0.34 V, NP*/Ni = - 0.25 V and Ag*/Ag = 
+ 0.80 V. Name the metals: 

(i) that can be oxidised by Ag 

(u) that can not be oxidised by Ni 
(Hi) that can be oxidised by Zn 
(iv) that can not be reduced by Cu 

(v) that can be reduced by Ag 

(iv) that can not be displaced from their salt solutions by Ni 
(vf) that Zn can displace from their salt solutions 
Solution. Write the reduction half -reactions corresponding to the given 
electrodes. These reactions should be written in the decreasing order of their 
EP values: 


QA 


RA 


Ag* + 

e- 

- * Ag. 

£«= + 0.80V 

(Strongest OA) 


(Weakest RA) 


Cu** + 

2r 

- * Cu, 

£®=+0.34V 

Ni** + 

2e- 

-> Ni, 

£“=-0.25 V 

Zn** + 

2<r 

-» Zn, 

£“=-0.76V 

(Weakest OA) 


(Strongest RA) 



Since EP values arc in the decreasing order, the oxidising power of metal 
ions is in the order: 

Ag*> Cu** > NF* > Zn** 

and reducing power of metal atoms is in the reverse order 

Ag<Cu<Ni<Zn 
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(0 Since Ag* ion is the strongest OA, it can oxidise all the remaining 
metals viz. Cu, Ni and Zn to Cu^*, Ni^* and Zn** ions respectivly. In 
these reactions Ag* ion is reduced to Ag. 

(lY) Since Ni" ion is weaker OA than Cu^* and Ag" ions both, this ion {i.e. 
Ni^" ion) cannot oxidise Cu and Ag to Cu^"and Ag" ion, i.e. Cu and 
Ag can not be oxidised by Ni^" ion. 

(/«) Since Zn^" ion is the weakest OA, it cannot oxidise ony of the metal 
atoms to their respective melal ions. Thus none of the metals can be 
oxidised by Zn ion. 

(/V) Since Cu is weaker RA than Ni and Zn both, this metal cannot reduce 
Ni^" and Zn^" ions to their respective melat atoms. Thus Ni^" and 
Zn^" cannot be reduced by Cu. 

(v) Since Ag is the weakest RA, this metal cannot reduce any of the 
metal ions to their respective metallic atoms. Thus none of the metal 
ions can be reduced by Ag. 

(vi) The term “cannot be displaced" means “cannot be reduced'. Since 
Ni is weaker RA than Zn, this metal cannot reduce Zn^" ions to Zn . 
Thus Zn cannot be displaced from its salt solution. 

(viY) The term “can displace" means “can reduce". Since Zn is the 
strongest RA, this metal can reduce all the metal ions viz. NF", C/j"" 
and Ag" ions to their respective metal atoms. Thus Zn can displace 
all the three metals from their salt solutions. 

Example 2. Reduction half-reactions involving perhalate ions ( XO~) 
and halate ions ( XOJ) ane given below: ^ 


Oxidisedform 



Reduced form 

(04.) 



OLA.) 

cio; 

+ 

2H*^2e-— 

-> CIOJ + Hp,E> = +I.23V 

Perchlorate ion 



Chlorate ion 

(C/= + 7) 



(Cl » + 5) 

BrO; 

+ 

2H* + 2e-— 

-> BrOT + H,0. £?= + 1.80 V 

Perbromate ion 




icr, 

+ 

2H* + 2e-- 

->■ lOJ +Hp. = + 1.64 V 


Periodate ion 


• Arrange perhalate ions is the decreasing order oftheir oxidising power. 
Solution. Since u values decrease as: 

BiOi/BiOj to;/iOj ^cio;/CK); > 

+1.80V +).64V +b23V, 

the oxidising power of perhalate ions also decreases in the same ordo*, i.e. die 
oxidising power of perhalate ions is in the order: 

BrO; > lOi > CIO; 

Example 3. Reduction of CIOJ. BrOJ and ICT, ions to Cl, Br,anSl 
has been shown -below: ' ^ ^ 

O.A. JL4. 

2a0J+12IP + J0tr—*O,+ 6Hfi; F 
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2 BrOJ + 12H* + lOer -—> Br^ + 6Hp; E 


BrOJ/B tj 


= + 1.510 V 


210; +12H*+10e-- 


>Jp6Hp. 




Arrange XOJ ions in the decreasing order of their oxidising power. 
Solution. The oxidising power of XOJ ions is in the order BrOJ > 
CIOJ > lOJ, since values are in the order 

> fcioj/a, (=+ >-470V)>^2 );,i, (=+ 1.195V) 
Example 4. Cr is strongly reducing but Mn(lll) is strongly oxidising. 
Explain why? Given = + 1-51 Vand ~ ~ 0-^7 V. 

Solution. Let us write the reduction half-reactions involving Cr and Mn 
and Cr^* and Mn’* ions 



Q\ 



RA 

(fl) 

Mn’* + 

3^* _ 

Reduction ^ 

Mn. ^Mn’ 


(Stronger OA) 



(Weaker RA) 

(b) 

Cr’* + 

2e- . 

Reduction 

^ Cr, £“, 


(Weaker OA) 



(Stronger RA) 

Now since 

^ *Cr 

** /Cl ’ 



{i) Mn’’ ion is stronger OA than Cr**, i.e. Mn (III) is strongly oxidising 
(i7) Being weaker OA, Cr** ion is not easily reduced to Cr as showen by 
equation (6), but the reverse of this reduction reaction viz., 

Cr >Ct**+2e- 

f rjp 

in which Cr is oxidised to Cr** takes place more easily. Thus Cr is strongly 
reducing. 

Example 5. With the help of electrochemical series arrange the metals 
Zn, Cu, Mg and Ag in the increasing order of their electron releasing tendency. 

OR 

With the help of electrochemical series arrange the metats Zn, Cu, Mg 
fuijflAg in the increasing order of their being oxidised. 

Solution. Write the reduction half-reactions involving the given metals 
and their ions in such a way that their E^ values should be in the decreasing 
order. 


c- 

'i 

h. 

O 

0) 

O 


QA 



RA 


Agr 

+ 

e- — 

Mg; 

^A**/Ag=-^ 0 . 80 V 

Strongest 0. A. 



Weakest R.A. 

Cu** 

+ 

2e -—> 

Cm 

^c„**/Cu=+0.34V 

Zn** ' 

+ 

2^ —> 

Zn; 

^L**/Zn=-0-76V 

Mg** 

+ 

2e-— > 

Mg; 

<g**/Mg =-2.38V 


Weakest O. A. 


Strongest RA. 
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The decreasing order of £« values shows that Ag is the weakest R. A. and 
Mg is the strongest R. A. Thus Ag will lose (release) an electron to get oxidised 
to Ag" least readily and Mg, being the strongest R.A., will do so to get oxidised 
to Mg^ ion most readily. Thus the electron-releasing tendency of the given 
metals or their tendency of being oxidised is in the order: 

Ag < Cu < Zn < Mg. 

Example 6. £® values of the following two reduction half-reactions are 
given. Predict whether Na*(aq) or H^O^l) will be reduced more easily. 

Na\aq) + e- -> Na{s)\ = -2.7IV 

2Hp(l) + 2e- —> Hfg) + 20H- {aq)\ = - 0.83 V 

Solution. Since the standard reduction potential of HjO(/) is higher 
(= - 0.83 V) than that of Na"(a^) (= - 2.71 V), HjO(0 is stronger oxidising 
agent than Na^a^). This means that Hp(/) can be reduced to H (g) more 
easily than Na*(aq) can be reduced to Na(j). 

Example 7. The following reactions represent the reduction of lOj 
ion into P ion in acidic and basic medium. Predict in which median fOJ ion 
will act as a better oxidising agents. 

10] + 6H* +6er —> /- + /fp; £» = + Q.m V{Acidic medium) 

10] + 3Hp + 6e- —> 7- + 60N -; EP = +0.260V {Basic medium) 

Solution. We know that higher is the value of EP, stronger (better) is the 
oxidising agent. Now since EP value in acidic medium (= + 0.907 V)>EP value 
in basie medium (= + 0.260 V), lO J ion in acidie medium acts as stronger 
(better) oxidising agent. 

Example 8. Standard oxidation potentials of the following two oxidation, 
half-reactions are given. Predict whether Br{dq) ion or H.O{l) will be oxi¬ 
dised more readily ? '■ ■■ 

2Br{aq) —> (g) + 2e-, =-1.08 V 

2Hp{l) -> O, (g) + 4W{aq) + 4er, E%^o,o^ = - 1,23 V 

Solution. 

TBr{aq) Br,(g) + 2e-, E^ = £° = - 1.08 V 

= (Br = 0) 

(Stronger RA) 

2Hp(/) _Oxjd^ 0,(g) + 4W{aq) + 4^, £» = £0^^^^^ = _,.23 V 

(0 = - 2 ) (0 = 0 ) 

(Weaker RA) 

Since (.- 1.08 V) > - ,.2j v), 

Br-(ii^) ion will be oxidised to Br,(g) more leadily Ilian li,0(l) gels oxidised 
to O, 
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Example 9. Mn is oxidised to divalent state in acidic as well as in basic 
medium. The values of and {E^^) ^ are given below: 

Mn — >Mn^* +2e-, = + 7.79 F 

Mn —> Mn-' +.2e-, {E°^)b = + ^ 

State in which medium Mn is oxidised to Mn^' ion more easily ? 
Solution. Mn —Ojii'jgli?'!...) Mn^* + 2e-, (£“j^ • 19 V 

(Mn = 0) (Mn= + 2) 

(Weaker RA) 

Mn ) Mn'- + 2e\ (£ox )b = + 1.55 V 

(Mn = 0) (Mn=;(-2) 

(Stronger RA) 

Now since (£ox)b (= + 1-55 V)> (£“Ja (= + 1^9 V), Mn in basic 
medium will lose electrons to get oxidised to Mn'- ion more easily than in acidic 
medium. 

Example! 0. £“ values of thefollowing two reduction half-reactions are 

given. Predict which of the ions can more easily he oxidised? 

« 

(a) [Fe^'(H,0),'^* + e -> ; £• = + 0.77 F 

{b) +e-—> [Fe^*(CA^)^]'';F = + 0.36 F 

Solution. We know that the ion which is stronger R.A. can easily be 
oxidised to its oxidised form than the ion which is weaker R.A. Again we 
know that since the \ alue of E? for reduction half -reaction (b) is lower than 

that for the reduction half-reaction (a), jFe^*(CN)jj ion is stronger R.A 
than ^Fe^*H20)gj ion. Thus jFe^*(CN)6j ion can more easily be oxi¬ 
dised to jFe^*(CN)jj ion in aqueous solution than jFe^*(H 20 )jj^ ion 

can be oxidised to ion. 

Examplel 1. Standard reduction electrode potentials of some half-re¬ 
actions at 25'’C are given below: 

Zn^' 2e- - > Zn. E" =-0.763 V 

Pb^' -t- 2e- —^Pb. E" -=-0.126 V 

AP'-t-3e^ — >Al, 1.66 V 

Cd^' + 2e- — >Cd, E? =- 0.402 V 

Arrange Zn, Pb, Al and Cd in the increasing strength as reductants. 

(Visva Bharati B. Sc. 7 988) 
Solution. Write the given reduction half-reactions in such a way that 
dieir eL value should be in the decreasing order. 

Pb'* -H 2e- —> Pb, 

(Weakest R.A.) 


£«=-0.126V 
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Cd=* + 2e- -» Cd, £® = -0.402 V 

Zn-* + 2c" -> Zn, £" = -0.763 V 

AP + ie- -► Al, £"=-1.660V 

(Strongest R.A.) 

Thus the increasing order of reducing power is : Pb < Cd < Zn < Al. 

Example 12. Predict whetherferrocyanide on, [£e(CA0<5]^“ is stronger 
or weaker reducing agent than ferrous ion, Fe^* ion. Given that: 

[Fe(CV)^]‘'" -» [Fe{CN)^]^~ + e-, =-0.36 V 

Fe-" —> Fe'* + e', =-0.77 V 

Solution. 


(fl) Fe^’ + e- 
(Stronger OA) 


Reduction 


■> 

(Weaker RA) 


+ 0.77 V 


(6) [Fe(CN)j]^" + e- .. Reduction ^ [Fe(CN)6]‘'', = +0.36 V 

(Fe = +3) (Fe = +2) 

(Weaker OA) (Stronger RA) 

Now since value for half-reaction ^6) is lower than that for half¬ 
reaction (a), [Fe(CN)j]^" ion is stronger RA than Fe’* ion. 

Example 13. Values for the reduction half-reactions involving Ist tran¬ 
sition series elements and their ions in aqueous solution are given below. 
Answer the following: 

(fl) State whether these metals act as oxidising agents or reducing agents. 

{b) Predict the decresing order of oxidising or reducing power of these 
metals. 

Electrode OAs RAs 

. Sc" /Sc ^ Sc"{aq) + Jc -» Sc(5), £" =-2.10 V 

Ti"/Ti . Ti-\aq) + 2e- -> 7i(5), e!>=-1.60 V 

FVF V^"{aq) + 2e- -> H[j), E? =-1.20 V 


Mn-"/Mn 

Fe-"/Fe 

Co-yCo 

Ni-"/Ni 


Mn'*{aq) + 2e- —> Mn (s), 

Fe^*(aq) + 2e~ - >Fe(s), 

Co^*(aq) + 2e'-> Co(s), 

Ni-*(aq) + 2e'—> Ni{s), 


£7> = -1.18 V 
£® =-0.44 V 
£® = - 0.28 V 
E7> = -0.24 V 


Cu-*/Cu Cu'\aq) + 2e- —> Cu(s), +0.34 V 

Zn"/Zn Zn-\aq) + 2e —> Zh{s), E‘ = -0.76V 

Solution (a) Since all tjie metals, except Cu, have negative values of £®, 
i.e. less than £" value for the reduction half-reaction, 2H*(og) + 2e- H (g) 
(£® = 0.0 V), these metals act as reducing agents. Since Gu has positive value 
of £", Cu does not show reducing property. 

(b) Since £" values increase (i.e. become less negative from Sc to Ni), the 
reducing power of these metals decreases from Sc to Ni. - 
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Example 14. Explain why is a better oxidising agent than HjO? 

{I.I.T.I986) 

Solution. When HjO, (O = - 1) acts as an OA, it gets reduced to 
H 2 O (O = — 2) and when H^O (H = +1) acts as an OA, it gets reduced to 
Hj (H = 0). Thus the reduction of HjO, to H^O and that of HjO to can be 
represented by the following reduction half-reactions: 

(а) HjOjH- 2H*+2e- Reduction ^ 2 H 2 O, =+1.77 V 

(0 = -l) (0 = -2) 

(StrortgcrOA) 

(б) 2 H 2 O+2e- _ Reduction ^ Hj+2GH-, £®=- 0.83 V 

(H = 0) 

(Weaker O A) 

Now since £® value for reduction half-reaction (a) is higher ( = + 1.77V) 
than that for reduction half -reaction (b) (= - 0.83 V), H,0, is stronger (better) 
OAthanHjO. 2 i ^ ^ j 

Question 15. Zn and not Cu is usedfor the recovery of metallic silver 
from the complex ion. [Ag (CM )2 ]" • Explain. (/./ T. 1987) 

Solution. Recovery of Ag from [Ag (CN )2 ] by the use of Zn or Cu 

can be represented by the following ionic equations: 

2[Ag(CN)2]' + Zn ->• [ZnCOOdf" + 2Ag 

(Ag = +1) (Zn«=0) (Zn = +2) (Ag = 0) 

f (Stronger RA) 

2[Ag(CN)2]‘ + Cu -► [<}u((JN)4f' 2Ag 

(Ag = +1) (Cu = p) (Cu = -H2) (Ag = 0) 

(Weaker RA) 

In both these reactions Zn/Cu acts as RA. Now since j,,- 

(=-0.76V)< ^cu**/cn (=+0-34 V),Zn is more powerful RAflianC^i.Zn is also 
cheaper than Cu. It is for these reasons that Zn and not Cu is used for the 
recovery of Ag from [Ag(CN )2 ]" ion. 

To determine the conditions for the feasibiiity of metal- 
metal displacement reactions (Redox reactions) 

Metai-metal displacement reaction is a redox reaction in which; a metal 
r^ts with the aqueous solution of the salt of another metal. This type of 
displacement reaction can be represented by the following redox reaction. 
Zn(s) -f CuSO^(a^)— *ZvSO^{aq)+Ca{s)[Molecularequation) 

or ^i(s) -h Cu^*(ag) — >Zn^(ag)+Ca(s){Ionicequation) 

Diq>lac ing Metal being 

metalor dis|rfaced 

metalbeing ormetalbeing 

dxKlised reduced(QA) 

(RA) 
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In the above redox reaction : 

(/) Zn (j) is a metal and CuSO^(a 9 ) is the aqueous solution of sulphate 
(salt) of another metal, Cu. When Zn(s) reacts with CuSO {aq), Cu(j) is 
percipitated and sulphate of Zn (ZnSO^) is obtained in solution. 

(//) Zn(s) displaces Cu(s) from CuSO^Ca^). Thus Zn{s) is the displac¬ 
ing metal and Cu is the metal being displaced. 

(//■/■) In the ionic equation, Zn(s) in being oxidised to Zn^"(a^) ion and 
Cu'‘(fl^) ion is being reduced to Cu(s). Thus Zn(s) in acting as a reducing 
agent (RA) and Cu-*(a 9 ) ion is acting as oxidising agent (OA). Thus the ionic 
equation given above can also be written as shown below: 


- Oxidation- 
(0-» +2) 


Zn(.0 

Displacing metal 
or metal being 
oxidised (RA) 


Cu^ {aq) 


i 


Zn {aq) 4- Cu(s) 


Metal being 
displaced or metat 
being reduced (OA) 

I-Reduction- 

(+2->0) 


Oxidistion and reduction half-reactions for the above redox reaction 

Zn(s) ■■ Oxidation ^ ^n’* {aq) + le ', £ °, = £ ° 

(Zn = 0) (Zn = + 2) 


are: 


Cu^’(a^) +2^- — > Cu(j), £^ = 

(Cu = + 2) (Cu = 0) 

The given redox reaction is feasible [ i.e. this reaction will take place 
spontaneously in the forward direction (from left to right)], if the value of e.m.f. 
of this redox reaction as calculated from any of the equations given at (i), (/Y), 
(i/'Oand (/v) given below is a positive quantity. 

(/■) e.m.f of the redox reaction 

= F® P® A • • 

‘-Meul being displaced ^ Displacing metal ” A positive quantity 
(//) e.m.f of the redox reaction 

= £® A • • 

Metal being reduced ^Metal being oxidised A positive quantity 

(i/i) e.m.f of the redox reaction 

= £oa - £^ = A positive quantity 
(/v)e.m.f.Qfthercdc. reaction ' 


= £^ for oxidation half-reaction 

£^ Cor reduction half-reaction = A positive quantitv 
If the value of e.m.f. of the redox reaction as calculated from any of 
equations given above comes out to be a negative quantity, the given redc v 
reaction,will not {noceed in the forward direction, i.e. the reaction will not take 
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pleac spontaneously as shown. Rather, it will proceed in the backward direc¬ 
tion (from right to left direction). 


We have stated above that in order to make a metal -metal displacement 
reaction feasible, the value of e.m.f. of the reaction, as calculated from equations 
(/) to (/v), should be a positive quantity. Obviously, in order to get a positive 
value of e.m.f of the reaction or to make the metal -metal displacement reaction 
feasible, one of the following conditins must be satisfied. 


(a) E 


0 

Metai being displaced 


^ Displacing metal 


(b) E 


0 

Metai being reduced 


(c)£0a>£^ 


>E 


0 

Metal being oxidised 


a 


Summary 


In a redox reaction of the type given below: 



(0 {a) Lower acts as displacing metal 

(b) Lower acts as RA 

(c) Lower acts as anode in the cell in which this redox reaction 
occurs. 

(d) Lower reduces higher 

(e) Lower is oxidised by higher 
(/) Lower displaces hi^er 

(ii) (a) Higher acts as metal being displaced. 

(b) Higher acts as OA 

(c) Higher acts as cathode in the cell in which the given redox 
reaction takes place. 

(d) Higher oxidises lower 

(e) Higher is reduced by lower 
(/) Higher is displaced by lower 

(«0 (£L)oa >(£li)RA0r(£” )0A <(£™)ra • 

(iv) Redox reaction is composed of two half-reactions one of which is 
oxidation half-reaction and the other is reduction half-reaction. The half¬ 
reaction having lower value of is written as oxidation half-reaction and 
that having higher value of is written as reduction half-reaction. 

(v) of oxidation half-reaction 

+ of reduction half- reaction 
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tity 


Ira loA “ loA ~ Ira • 

^I^^lhigher." [^^llower 

(V/) e.m.f. or E^^ reaction of a redox reaction is always a positive quan- 


(v/7) A redox reaction takes place spontaneously in the forward direc¬ 
tion (/.e. from left to right), if its e.m.f. or fredox reaction in 3 positive quantity. If 
the vlue of e.m.f is a negative quantity, the redox reaction will take place in the 
opposite (backward) directiion (from right to left). 

Illustrative Example. Predict whether the following redox reactions 
will take place spontaneously or not? 

(0 Z/7(s) + Cu-\^) -> Zn'\aq) + Cu{s) 

(//) 2Ag(s) + Ctf\aq) -> 2Ag\aq) + Cu(s) 

Given: Zrt‘*/Zn =-0.76 V, Cu^fCu = -i- 0.34 VandAgfAg = + 0.80 V 

Solution. (/) In redox reaction (/), since Zn(j) act as RA and Cu^^fa^) ion 
act as OA, e.m.f of redox reaction (/) 

“ ^OA “^RA ~ ^Cu^'/Cu “ ^Zn’*/Zn~'''®-^^~(“0-^6) 

= + 1.10 V = A positive quantity 

Since the value of e.m.f is a positive quantity (= + 1.10 V), redox reaction 
(0 will occur spontaneously. 

(//) In redox reaction (//), since Ag(s) acts as RA and Cu**(aq) ions act as 
OA, e.m.f of redox reaction (//) 

~ ^OA “ ^Cm’*/cu “^AgVAg^'*'0-34-0.80 

= - 0.46 V = A negative quantity 

Since the value of e.m.f is a negative quantity (= - 0.46 V), redox reaction 
(«) will not occur in the forward (right) direction. Rather it will proceed in the 
backwarde (left) direction as shown below: 

Cu(s) + 2Ag\aq) - > Cv?\aq) + 2Ag(j) 

(RA) (OA) 


e.m.f of this reaction is a positive quantity as shown below: 


e.m.f 


J7O rO 

- ^OA “^RA 

= 0.80-0.34 


— 

Ag’/Ag '• Cu'VCu 

= + 0.46 V = A negative qauantity 


Solved Examples 
Example 1. State whether Cu{s) will reduce Zn^* ions in their aqueous 
solution. Given that Vand ^cn'VOi " 

Answer. Answer is NO, i.e. Cu(j) will not reduce Zn^*(aq) ions. 
Explanation 1. We know that: “Lower reduces higher" * 

On the basis of this rule, since the value of (= + 0.34 V) is not 

lower than that of (= - 0.76 V), Cu will not reduce Zn'" ions. 

Explanation 2. Suppose Cu(5) reduces Zn^'^(aq) ions. In this reaction 
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Cu(s) is oxidised to C\;^*{aq) ions and Zi?*{aq) ions are reduced to Zn(s). Thus: 

Cu(s) + Zn^*(a^)-> Cu^*(aq) + Zn{s) 

RA OA 

Now, e.m.f of this redox reaction 

"■ ^OA ~ ^Zn^'IZn ~ ^Cu^*/Cu =“0.76-0.34 
= -1.10V 

Since the value of e.m.f. oOmes out to be negative, the redox reaction is 
not feasible, i.e. Cu(5) will not reduce Zn’*(a^) ions. 

Example!. Will metallic tin reduce Sn** to Sn'* ? Given that . .. = 

Sn/Sn' 

+ O.N V and = 0.15 V. 

Answer. Answer is Yes. i.e. metallic tin will reduce Sn*^ to Sn^*. 
Explanation. If metallic tin reduces Sn^" to Sn^*, then the following 
redox reaction should be feasible. In this reaction Sn is oxidised to Sn^*. 

Oxidation 

Sn(.v) + Sn^*(a^) -> Sn^'(fl^) + Sn\aq) 

(RA) (OA) ^ 

-Reduction - 

e.m.f of this redox reaction is given by: 

(а) e.m.f = - £^ = - ^sn^'/sn 

= + 0.15-(-0.14) = +0.29 V 

(б) e.m.f = for the oxidation half-reaction 

+ £^ for reduction half-reaction 

= ^sn/sn^- +£sV/s„'-=+0.14+0.15=+0.29V 

Since e.m.f is a positive quantity, the redox reaction will occur spontane¬ 
ously, i.e. metallic tin reduces Sn^* to Sn**. 

Example 3. /s Mn^* ion stable in aqueous solution? Given that 
Vand = + /./P K 

Answer. Mn** ion is stable in aqueous solution. 

Explanation, Suppose Mn** ion is not stable in aqueous solution. This 
means that Mn** ion disproportionate into Mn® and Mn** ion. 

Mn** - > Mn® + Mn** (This is not a balanced equation) 

(Mn = +2) (Mn = 0) (Mn - +3) 

This equation shows that some number of Mn** ions are reduced to Mn® 
and the remaining number of Mn** ions are oxidised to Mn** ions. Thus in 
this reaction Mn** ions act both as OA as well as RA. 
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Reduction 


(OA) 

Mn'" - 
(Mn = +2) 
(RA) 


1 


^ Now since £oa “ (= - 1-19 V) is not greater than 

~ (= "*■ 1-51 V), the above reaction is not fleasible, i.e 

will not disproportionate into Mn® and Mn^* ions. Thus Mn^* ion is stable in 
aqueous solution. 

Exatnple 4. State whether Cu ion disproportionates to Cu^* ion and 
elemental Cu in solution. Justify your answer in brief. (E°, = 0 V 

^Cu^'/Cu* - 0.15 V) (I.I.T 1991) 

Solution. Suppose that Cu"^ ion undergoes disproportionation into Cu** 
ion arid Cu metal in solution. This disproportionation reaction can be repre¬ 
sented as: 

2Cu* -)• Cu** + Cu 

(Cu = +I) (CU-+2) (Cu = 0) 

This equation shows that Cu* ion undergoes oxidation as well as reduc¬ 
tion, i.e. in this readtion Cu* acts both as OA as well as RA. Thus: 

I- Reduction 


Mn + 
(Mn = 0) 


Oxidation 


Mn" 

(Mn = + 3) 


(OA) 

2Cu* — 
(Cu = +1) 
(RA) 


Cu -I- Cu 
(Cu = +2) (Cu = 0) 


-Oxidation 


Now since 


. “Cu'/Cu^ (= + 0.15 V), 

the above reaction is feasible, i.e. Cu* ion disproportionates to Cu** ions and 
Cu in solution. 

Example 5. Clj can undergo the following two reactions in an alkaline 
medium 

Cl, + 2Cr; £® = 1.36 V 

2Cia + 2Hp + 2e- Cl, + AOIT; E!‘ = +0.40 V 

Predict whether or not Cl, would disproportionate in alkaline medium. 

An$wer. Yes. Clj would disproportionate in alkaline medium. 
^.™,***'*“***®"* disproportionation of C1,(C1 = 0) will take place into 
CIO (Cl --H) and Cl (Cl=-1) as shown below: 
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Oxidation 


(RA) 

Clj(Cl = 0) 
(OA) 


Reduction 


-> C10(Cl = +l) + Cr(Cl = -l) 




Now since 


{This equations is not balanced) 

^cwcr (= + ‘ -36 V) > 4 a = (= + 0.40 V), 

above disproportionation reaction will occur spontaneously. Thus Cl, would 
disproportionate in alkaline medium. 

Example 6. Each of thefollowing redox reactions takes place spontane¬ 
ously as shown. Arrange Mg, Zn, Cu and Ag in the decreasing order of their 
standard electrode potentials. 

(0 Cm + 2Ag* —> Cu" + 2Ag 

(ii) Mg + Zn" -> Mg" + Zn 

{Hi) Zn + Cu" -> Zn" + Cu 

Solution. The given redox reactions can also be written as: 

(0 Cu + 2Ag*-> Cu^* + 2Ag 


RA OA 
{ii) Mg + Zn" ■ 

RA OA 
{Hi) Zn + Cu^* 

RA OA 

Reaction (/) is possible, only when: 

(4d)oA >(^rcd)RA 


• Mg’’ + Zn 
. Zn'’ + Cu 


or 


4 -/A ^-/r 

Ag /Ag Cu /Cu 


Reaction (/i) is possible only when; 

(^rcd)oA >(4d)RA 


or 


'red ^OA 

4 >4 


Zn-'/Zn Mg-’/Mg 

Reaction {Hi) is possible only when: 

(4d)0A >(4 ^)ra 


or 


■'Cu^'/Cu Ixf'iTja. 


...(«) 




...(C) 


From relations (a), {b) and (c) we get, 

rO rO ^ rO pO 

^Ag'/Ag ^Cu^’/Cu Zn**/Zn Mg’*/Mg 

This is the required order. 

Example 7. valuesfor Cr and Fe are Cr^'/CiZ* =-0.4V and Fe^*/Fe" 
= + 0.80 V. Comment on the result of treating a solution of Cr{lf) with a 
solution containing Fe{Iir) ions. {Delhi 1998C) 
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Solution. Suppose that when a solution of Cr(II) is treated with a solu¬ 
tion containing Fe(lil) ions, the following redox reaction takes place. 

C^\aq) + Fe^\aq) -> Fe^^aq) + Cx^\aq) 

RA OA 

This reaction will take place spontaneously only when or 

-.0 . r»0 vt . • . - rO 




* F^ 


Now since 


(- + 0.80V)> ^Cr^(aq)/Cr^'{aq) (= - 0.40 V), above redox reaction will take place 
as written. Thus when a solution of Cr(Il) is treated with a solution containing 
Fe(Ill) ions, redox reaction shown above takes place. 

Example 8. Explain why Sn^* and Fe^* ions cannot exist together in the 
same solution? 


Solution. When Sn^* and Fe’* ions are present in the same solution, Sn^* 
reduces Fe^* to Fe^* and is itself oxidised to Sn^’ because £p^3.^P^2., . 

(= 0.77 V) > E^^,. ^ 5 ^ 2 . (= + 0.75 V). Note that Fe’* ion acts as OA and Sn^* 
ion acts as RA. 

Sn^* + 2Fe^*-> Sn^* + 2Fe*’ {This is a redox reaction) 

RA OA 

Thus non-existence of Sn^* and Fe** ions together in the same solution is 
due to the occurrence of the above redox reaction. 

Example 9. Can we store (a) copper sulphate solution in a Zn-vessel {b) 

copper sulphate solution in a silver vessel. Given ~ 

^1-= -0-76 y and ^ 0.80 V. 

Solution, (a) Suppose CuSO^ solution reacts with Zn according to the 
following equation: 

Zn(j) + CuSO/a^) —► Zn SO/aq) + Cu(j) 

or Zn(s)-t-Cu**(aq)-> Zn^*(a 9 ) + Cu(j) ...(/) 

(RA) (OA) 

e.m.f. of reaction (/) 

_ E-O rO - £® , -£® , 

“^OA“^RA Cu’‘(iq)/Co($) ^Zn’*(«q)/Zn(s) 

= + 0.34 - (- 0.76) = + 1.10 V (Positive quantity) 

Since the value of e.m.f. is a positive quantity, reaction (/) occurs sponta¬ 
neously, i.e. CuSCj)^ .solution will react with Zn-vessel and hence CuSO^ solution 
should not be stored in Zn-vessel. 

{b) Suppose CuSO^ solution reacts with Ag according to the following 
equation 

2Ag(.s) + CuSO^(aq) —> Ag^OJfiq) + Cu(s) 
or 2Ag(i) + Cu’*(a 9 )—►2Ag^(a<?)+Cu(i) ...(//) 

(RA) (OA) 





cieciroae rotennais ana inetr Appiicauona 


c.m.f. of reaction (ii) 

_ r.0 cO - , -E° 

*OA ~*RA ~ ‘'Ctt’*(a9)/Cu(j) ^Ag'(ag)/Ag{s) 

= + 0.34 - 0.80=- 0.46 V (Negative quantity) 

Since the value of e.m.f. is a negative quantity, reaction (ii) wfll not occur 
spontaneously, i.e. CuSO^ solution will not react with Ag-vessel and hence 
CuSO^ solution can be stored in Ag-vessel. 

Example 10. If e.m.f. ofa cell represented by the cell reaction, 

A + B* -> A* + B 

is negative, what is the direction offlow of electrons in the external circuit? 

Solution. Negative value of e.m.f implies the given reaction proceeds in 
the opposite direction, i.e. the actual cell reaction is 

A' + B - > A + B^ 

OA RA 

(Accepts (Releases 

electrons) electrons) 

Being RA, B releases electrons and A* (which acts as OA) accepts elec¬ 
trons. Thus electrons flow from fi tOy4 in the external circuit. 


{b) Metal-metal displacement reactions in electrochemical series 

Note the following points: 

(i) We know that in electrochemical series the reduction half-reactions 
are written in such a way that their £® values are in the decreasing order. Thus 
an electrode having higher (upper) position in the series has higher value of Ef‘ 
than that having lower position in the series. 

(it) We know that: Higher metal oxidises lower metal 

or 


Lower metal does not oxidise higher metal 
On the basis of this rule, we can conclude that in electrochemical series, 
a given metal ion can oxidise only those metals which have lower £® values or 
which lie below it in the series but cannot oxidise those metals which have 
higher values or which lie above it in the series. Thus from half-reactions 
given as: 


OA 

RA 

AV +e' — 

^Ag'IAg~' 

Cu'*+2e- 

-♦Cu 

Ni^" + 2e' — 

-^Ni £».,.,^.=-0.25V 

Zn^* + 2e-- 

-^Zn = 

We can conclude that 



(a) Ag* ion an oxidise all the metals given below it to their respective 
cations, i.e. each of the following redox reaction is feasible: 

2 Ag* + Cu- > Cu** + 2 Ag 
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2Ag* + Ni->NP + 2Ag 

2Ag* + Zn->Zn*" + 2Ag 

(b) Cu^ ion can oxidise Ni and Zn both to their respective cations v/?. 
Ni^* and Zn’* but cannot oxidise Ag to Ag* ion. 

Cu’* + Ni-► Ni’* + Cu 

Cu’* + Zn-> Zn’* + Cu 

Cu’ + 2Ag-> 2Ag* + Cu (Notfeasible reaction) 

(c) Ni’* ion can oxidise only Zn to Zn’* but cannot oxidise Cu and Ag to 
Cu’* and Ag* ions. 

Ni’* + Zn-> Zn’* + Ni 

Ni’* + Cu-> Cu’* + Ni 1 , .. . 

. v. f {NotJeasihle reactions) 

Nr +2Ag- ►2Ag +Nij 

(d) Zn’* ion cannot oxidise any of the metals viz. Ni, Cu and Ag. 

Zn’* + Ni-> Ni’* + Zn | 

Zn* + Cu- > Cu’* + Zn | (Not feasible reactions) 

Zn’* + 2Ag-> 2Ag* + Zn J 

{Hi) We know that: Lower metal reduces (displaces) higher metal 


or 

Higher metal does not reduce lower metal. 

On the basis of this rule, we conclude that in electrochemical series, a 
given metal can reduce (displace) only those metal ions which have higher 
values or which lie above it in the series but cannot reduce those metal ions 
which have lower value of £” or which lie below it in the series. Thus from the 
half-reactibns given above we can conclude that: 

{d) Ag cannot reduce any of the three metallic ions to their correspond¬ 
ing metallic atom, i.e. none of the following redox reactions occurs. 

2Ag + Cu’*->Cu-i-2Ag* ) 

2Ag + Ni’ -► Ni + 2 Ag* i {Not feasible reactions) 

2Ag -t- Zn’*-► Zn -i- 2Ag*. J 

{b) Cu can reduce Ag* ions to Ag but cannot reduce Ni’* and Zn’* ions 
to the Ni and Zn respectively. _ 


{Not feasible reactions) 


Cu + 2Ag*->2Ag-i-Cu’* 

Cu + Ni’*-►Ni-hCu’* 1 

Cu + Zn’*-».Zn-t-Cu’*J 

(c) Ni can reduce Cu’ and Ag ions both to Cu and Ag respectively but 
cannot reduce Zn’* ion to Zn. 

Ni + Cu’*->Cu-HNi’* 

Ni + 2 Ag*-» 2 Ag -I- Ni’* 

Ni + Zn’* —> Zn + Ni’* {Not feasible reaction) 

{d) Zn can reduce all the three ions viz. Ni’*, Cu’* and Ag* to Ni, Cu and 
Ag respectively. Thus each of the following redox reaction is feasible. 
Zn+Ni’*—►Ni + Zn’* 

Zn + Cu’*—>Cu + Zn’* 

Zn + 2Ag*—>2Ag + Zn’* 
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Illustrative Example. We are given the following half-reactions along 
with their or values 

Ag^ + e-^Ag. £^ = + 0.«0K 

Zn - >Zn-* +2e-. El, = +0.76y 

Cu — >Cu'*+2e-. E^ = -0.34y 

Ni-'+2e- — >Ni.- E^ = -0.25y 

Answer the following: 

(i) Name the metals that can be oxidised by Cu. 

(») Name the metals that cannot be oxidised by Ni. 

(Hi) Name the metals that can be reduced by Ni. 

(jv) Name the metals that cannot be reduced by Ni. 

Solution. Write all the half-reactions as reduction half-reactions with 
their values in the decreasing order. Thus: 

QV R4 I 

Ag — Ag. £"*^,,* = + 0.80V 

Cu^ + 2e- —> Cu, =+0-34 V | | 

Ni^*+2c- —> Ni, E^-j. =- 0.25 V -S 

Zn'^ + 2c-—► Zn, =-0-76 V ’ i 

(/) We know that: “Higher oxidises lower" 

On the basis of this rule, since 0-34 V) is higher than both 

£® (= - 0.25 V) and £^:. (= - 0.76 V), Cu’* ion can oxidise Ni and Zn 

both to Ni’* and Zn’* ions respectively. 

(ii) We know that: “Lower does not oxidise higher" 

On the basis of this rule, N i’* ion cannot oxidise those metals which have 
higher value of £“. Thus since £^. 0.80 V) and £^i. (= 0.34 V) both are 

higher than £^( 2 . (= - 0-25 V), Ni’* ion cannot oxidise Ag and Cu to Ag* and 
Cu’* ions respectively. 

(Hi) We know that: “Loyver reduces higheP' 

On the basis of this rule, since ^Ni'*/Ni **. I®'*''®*’ 

£2uI*/cu(= 0.34 V) and J^Ag’/Ag(~ reduce (displace) Cu’* 

tmd Ag* ions both from the aqueous solution of their salts to Cu and Ag 
- respectively. 

‘ O'v) We know that “Higher does not reduce loweP' 

On die basis of this rule, Ni.cannot reduce die metal ions which have 

lower £* values. Thus since ^^ 2 »/za{= - 0.76 V) is lower than 
- 0.25 V)> Ni cannot reduce Zn’* ion to 2^ metal. 
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Ill.(a) To determine the conditions of the feasibility of halogen- 
halogen displacement reactions (Redox reactions) 

or 

I 

To determine the conditions of the feasibility of a redox reaction 
involving oxidation of a halide by another halogen 

Halogen-halogen displacement reaction is a redox reaction in which a 
halogen reacts with the aqueous solution of metallic halide (generally potas¬ 
sium halide) containing another halogen. This type of displacement reaction 
can be represented by the following redox reaction. 

Fj(g) + 2KCl(a^)-» 2KF(aq)+Clj(g) {Molecular equation) 

or Fj(g) + 20r{aq) - *2F'{aq)+ClJ[g) {Ionic equation) 

Displacing halogen Halogoi being 

or halogen being displaced or halogen 

reduced (OA) being oxidised (RA) 

In the above redox reaction; 

(0 FjCg) is a halogen and KCKaq) is the chloride of potassium containing 
another halogen. Cl. When Fj(g) reacts with the aqueous solution of KCl [i.e. 
KCl(aq)], Cl^Cg) is liberated and KF(aq) is formed in solution. 

00 fjig) displaces Cl from KCl(aq). Thus ¥j[g) is the displacing halogen 
and Cl is tte halogen being di^laced. 

(/«■) F^) is being reduced to F(aq) ions and Crfa?) io s are being 
oxidised to Clj(g). Thus Fj(g) acts as OA and CT{aq) ions act as RA. 

Thus the ionic equation given above can al$o be written as; 

-Oxidation- 

(- 1 ^ 0 ) 

v 

Fj(g) + 2Cr{aq) -> 2F' {aq) + CU (g) 

Displacing halogen Halogen being displaced ^ 

or halogen being reduced or halogen being oxidised 


(OA) 

(RA) 

D- -■ ■■ -- — - -- - 


(0^ -1) 

Oxidation and reduction half-reactions for the above redox reaction 

(a) 2Cl-(aq) 

> Clj(g) + 2e-, 

— JT® 

(Ci = -1) 

(C1 = 0) 


(6) F,(g) + 2e- _ 

> 2r{aq). eHi» 

\ (F = 0) , 

(F—1) 



■The given redox reaction is feasibte [i.e. dps reactun will take place 
spontaneously in the forward (&«ction(Gn^|pft to if dtp vidue ej&f 

of this redox reac^ as calculated an^^f tfeequa^ms givni at 

(uO and (tv) give^ltelowis a pdsitfi^.<piandlty. 
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(i) e.m.f. of the re^x reaction: 


^^iKing halogen ~ '^Halogen being displaced " A positive quantity 


(ij) e-ni.f. of the redox reaction 

s IT® 

~ ^ Halogen being reduced ^ Halogett being oxidised 

= A positive quantity 
(ill) e.m.f. of the redox reaction 

= = A positive quantity 

(iv) e.m.f of the redox reaction 

= £®, for oxidation half-reaction (fl) 

+ £^ for reduction half-reaction (6) 
= A positive quantity 

If the value of e.m.f. of the redox reaction as calculated from any of the 
equations given above comes out to be a negative quantity, the given redox 
reaction will not proceed in the forward direction, i.e. the reaction will not take 
place spontaneously as shown. Rather, it will proceed in the backward direction 
(from right to left direction) 

We have stated above that in order to make a halogen-halogen displace¬ 
ment reaction feasible, the value of e.m.f. of die reaction, as calculated from any 
of the equations (/) to (tv), should be a positive quantity. Obviously, in ordedr 
to get a positive value of e.m.f. or to make the reaction feasible, one of the 
following conditions must be satisfied. ' 

(^) ^Displacing halogen ^ ^Halogen being displaced 

OR 

displaces 


Higher halogen < - Lower halogen 

is displaced by 

OR 

(P) ^Halogen being reduced ^ ^Halogen being oxidised 


Higher halogen^ 


OR 

is reduced by 


is oxidised by 


^ Lower halogen 


(c)f, 


OA > 


OR 


Higher hal^gffl acts as OA and lower halogen acts as RA. 

OR _ 

oxidises ^ 

Higher halogeR Lower halogen, 

reduoes- 

Ittasfraflvc Enunjde. Predict whether the following redox reactions 
win iudce place sppn^iemi^ or not? \ 

(a)a/|^V2£-(«,)-_4 2Crtt^) + F/g) V 
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>'■ 4,,^ - + ^ 4„r ’ + » « >' 

■ Solution, (a) In redox reaction (a), since Clj(g) acts as OA and F~(aq) 
ions acts as RA, e.m.f. of redox reaction (a) 

= ^a,/2cr -^V2F- =+1-36-2.87 = ~1.51V 

Since the value of e.m.f is a negative quantity (= -1.51V), redox reaction 
(a) will not occur in the forward (right) direction. Rather it will proceed in 
backward (left) direction as shown below: 

F,(g) + 2Cr(aq)—>.2F-(aq) + Cl,(g) 

(OA) (RA) 


e.m.f of this reaction is a positive quantity as shown below: 

e.m.f = £q^ = ^fj/ 2 F- ~^ci,/ 2 a' 

= + 2.87-1.36 = + 1.51 = A positive quantity 
(b) In redox reaction (b), since Clj(g) acts as OA and I~(aq) ions act as 
RA, e.m.f of redox reaction (b) 


= 

^OA~^RA a,/2cr ^1 


0 

j/2J- 


= 1.36-0.54 = + 0.82 V = A positive quantity 
Since the value of e.m.f is a positive quantity (= + 0.82 V), redox reaction 
(6) will occur spontaneously. 


Solved Examples 

Example 1. and Br^ are added to a solution containing T and Br" ions. 
What reaction would occur, if the concentration of each species is IM. Given 
that: = + 0.54 Vand = + t 08 V. 

Solution. Any of the following two reactions can occur 


(a) I, + 

2Br' 

2r 

+ 


(1 = 0) 

(Br = -l) 

(I = - 

1) 

(Br = 0) 

OA 

f.A 




(b)Br, + 

2F — > 

2Br' 

+ 

1, 

(1 = 0) 

(I = -l) 

(Br = - 

1) 

. (1 = 0) 

OA 

RA 





Now we have to predict which of the above two reactions actually oc¬ 
curs. We know that for the feasibility of a redox reaction, should be 
higherthan . Now in reaction (a), since or -(= + 0.54 V) is not 
higher than £^ or ^grj/Br" (’^ 1-08 V), tSis reaction does not occur spontane¬ 
ously. In reaction (b), since £2^ or ^(= 1 -08 V) is higher titan £®^ or 

^1 j /r (= 0-54 V), this reactimi occurs spontaneously. In otiier words we can 
say r ions will be oxidised to I^ and Btj will be retkced to Br' ions, 

Example 2. Give an example of oxidation of one halide by another 
halogen. Explain the feasibility of the reaction. {LIT. 2000) 

Solution. The oxidation of T ion (1» -1) to I, (I=0) by Cl, as iqxesented 
by the following equation can (te cited as an example. 
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2 K1 .+ 

Cl, —. 

2Ka + 


(1 = -1) 

(C1 = 0) 

(Cl = -I) 

(1 = 0) 

21 ' + 

Cl, —> 

2cr + 


(RA) 

(OA) 




In this reaction I' ions acts as RA and Cl, molecule acts as an OA. This 
reaction is feasible, because 

or £“^^^,-(=+1.36V)>£®„-(=+0.53V). 

Example 3. Complete the following chemical equations: , 

ia)Kl + Cl, ->. 

(b) KCIO^ +7,-». (/./. T. 1996) 

Solution, (a) Suppose the complete equation in its ionic form is: 

21+0, —» I, + 2cr 

(I = -l) (C1 = 0) (1 = 0) (Cl = -1) 

RA OA 

It is a redox reaction in which Cl, acts as OA and T ions act as RA. This 
reaction is feasible, if 

^02/20' ^ ^lj/21' 

or + 1.36 V> 0.54 V 

Thus the complete equation is: 

2K1+CI,->2KC1 + I, 

(b) Suppose the complete equation in its ionic form is; 

CIOJ + Ij —> 10 J + Cl, 

(Cl = *5) (1=0) (l = +5) (C1 = 0) 

OA RA 

It is a redox reaction in which CIO 3 ion acts as OA and I, acts as RA. 
This redox reaction is feasible only when 

[£Sd)o.>I^SdlRA 

^ (-+1.I95 V) 

Thus the complete equation is 

2KC10, + 1,-» 2K10, + Cl, 

Example 4. Identify X in the following chemical reaction 

Cf + 2X' - *2a+x, 

Striutien. The given reaction shows that Cl, oxidises X' to X, and is 
itself reduced to GT. Thus Cl, acts as OA and X" acts as RA. 

C 1 , + 2 X'—> 2 Cr+X, 

OA RA 

We know that the given redox reaction is feasible, if 
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[ELIoa >[EL]ka 


than 


or E° > 

a,/2a- ^x,/2X' 

Obviously X may be Br or I, since these halogens have lower £ values 

0 (Vd 
" 02 / 20 ' • 


(6) Halogen-halogen displacement reactions in electrochemical series 

Note the following points; 

(/) We know that in electrochemical series £® values corresponding to 
the electrodes viz. Fj/2F', Clj^Cl’. Brj/2Br* and Ij/2r are in the decreasing 
order as shown below: 

OA . RA I 


F, + 2e- -> 2 F 

Clj + 2e- *2Cr 

Br, + 2e-->2Br' 

Ij+2e- —♦2r 


»0 

eo 

e 

=+2.87V 



•s 

V 9 

■^2/28,-=+>06 V 

13 

> 



£,“/2,-=+0.54V 

i 


(h) We know that: Higher halogen oxidises (displaces) lower halogen 

OT 

Lower halogen does not oxidise (displace) higher halogen 
On the basis of this rule, we can conclude that among halogens, a given 
halogen can oxidise only those halide ions (X*) to their respective Xj mol¬ 
ecules which have lower £* values w which lie below it but cannot oxidise 
those halide ions which have higher £* values or which lie above it. Thus: 

(a) Fj can oxidise all the three halide ions viz. CT, Br" mid 1' to their 
respective molecules viz. Q,, Br, and I, respectively. 

F,+2Cr-—♦C1,+2F 

F,+2Br’-»Br,+2F 

F,+2r-»I,+2F 

(A) ^ can oxidise only Br" and T ions to Br, and I, respectively but 
cannot oxidise F ion to F, 

Cl, + 2Br-—»Br, + 2Cr 
Cl, + 2r —>I, + 2Cr 

Cl, + 2F-» F, + 2Cr (Not feasible) 

(c) Br, can oxidise only V ion to I, but cannot oxidise F and Cl" ions to 
F, and Cl, molecules respectively 

Br,+2r—»^+2Br- 

Br,+2F —» F, + 2Br" (Notfeasible) 

Br,+2Cr— (Notfeasible) 
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(d) Ij cannot oxidise any of the halide ions to their respective halogen 
molecules. 

lj + 2F->Fj + 2r 1 

lj + 2Gr->Clj + 2r| (Notfeasible) I 

lj + 2Br--►Brj + 2r | 

(Hi) We know that: Lower halogen reduces higher halogen 

or 

Higher halogen does not reduce the lower halogen 

On the basis of this rule, we can conclude that among halide ions, a given 
halide ion (X') can reduce only those Xj molecules to X" ions which have 
higher values or lie above it but cannot reduce those X, molecules which 
have lower £* values or lie below it. Thus: 

(a) F ion cannot reduce any of the halogen molecules to its respective 
halide ion. 

2F + Clj—>Fj + 2Cr 

2F+Brj—^Fj + 2Br' (Not feasible) 

2 F+lj ->Fj + 2r 

(b) Cr ion can reduce only Fj molecule to F ion but cannot reduce Br^ 
and Ij molecules to Cl" and 1" ions respectively. 

2Cr + Fj-> Clj + 2F 

2C|- + Brj > Clj + 2Br-1 feasible) 

2CI +lj—>Cl, + 2r j 

(c) Br" idh can reduce €1^ and Fj both to CP and F ions respectively but 
cannot reduce Ij to T ion. 

Br' + Clj- > Brj + 2C! 

Br' + F,- > Br^ + 2F 

Br' + lj- >Bt^ +21' (Notfeasible) 

IV.(a) To determine conditions for the feasibility of metal- 
hydrogen displacement reactions (Redox reactions) 

Metal-hydrogen displacement reaction is a redox reaction in which a 
metal reacts with an acid and metal salt is formed and gas is evolved. 
This type of displacement reaction can be represented by the following redox 
reaction: 

Fe(s) + 2HCl(fl<?)- >FeC\j(aq)+Hj(g) (Molecular equation) 

or Fe(s) + lH\aq) -► Fe^*(a?) + Hj(g) (Ionic equation) 

Displacing Hydrogen being 

metal or metal displaced or 
being oxidised being reduced \ 

(R.A.) (O.A.) / 

In the above redox reaction, T 
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(0 Fe(5) is a metal which reacts with HCKa^) (an acid) to form FeCl (aa) 
(salt) and Hj gas is evolved. * , 

(//) Fe(j) displaces hydrogen from nC\{aq). Thus Fe( 5 ) acts as a displac¬ 
ing metal. 

(h 7) Fe(5) is being oxidised to Fe*"(a^) and H*(a 9 ) ions are being re¬ 
duced to Hj(g). Thus Fe(s) acts as an oxidising agent (OA) and H*(aq) ion 
acte as a reduing agent (RA). Thus the ionic equation given above can also be 
written as shown below; 

-Oxidation---- 

( 0 -> + 2 ) 

Fe (s) + 2H*(aq) ->. Fe\aq) + H,(g) 

Displacing metal Hydrogen being displaced ' ‘ 

or metal being oxidised or being reduced 
(RA) (OA) 


Reduction 
(+1 -> 0 ) 


Oxidation and reduction half-reactions for the above redox reaction are- 
Fe(^) - Oxidation » Fe^*(ag) + 2e. C = 

(Fe = 0) (Fe = +2) 

2H*(a^)+2e H3(g), 

(H = +l) (H = 0) 


fO _ cO 


The given redox reaction is feasible [t.e. this reaction will take place 
spontaneously in the forward direction (from left to right)], if the value of 
e.m.f. of this redox reaction is a positive quantity. In order to get a positive 
quantity of e.m.f. or to make the redox reaction to proceed in the forward 
direction, the following condition must be satisfied. 

Now smce ^"h'/h, = ^^ or should be less than 

zero, i.e. or should be a negative quantity. 

This discussion shows that only those metals can displace hydrogen 
from HCl or only those metals can be oxidised to metal cations which have 
negative value of their f °. 

Illustrative Example. Which of the following metals can liberate Hjgas 

from dilute mineral acids. Zn, Mg. Cu andAg. Given that Zn’*/Zn =-0.76 V, 
Mg*/Mg = - 2.37 V. Cu^*/Cu = + 0.34 V. AgVAg = + O.SO V. 

Solution, ffince Zn and Mg have negative values of their , these 
tiletals can libeftte H, gas. On the othw hand, C:u and Ag cannot liberate H gas 
because 

values for both these metals, are positive. 


/ 
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Alternative solution. Suppose that all the m^als can liberate Hj gas. 
Thus the reaction of these metals with acids can be represented by following 
redox reactions: 

RA . OA 

(a) Zn + 2H‘—>Zn'* + Hj 

(b) Mg + 2H"—>Mg** + Hj 

(c) eu + 2H"—>Cu^* + Hj 

(</)2Ag + 2H*—>2Ag* + Hj ^ ^ 

e.m.f. of reaction (a) = Eq/^ ~ ^7j?*izn 

= 0-(-0.76) = +0.76 V 

e.m.f. of reaction (6) = Eq^^-E^ = ^ 2 H*/Hj “^Mg^’/Mg 
= 0-(-2.37) = + 2J7V 

Since e.m.f. of reactions (a) and (6) both is a positive quantity, these 
reactions will occur spontaneously, i.e. Zn and Mg both react with aqueous 
solution of mineral acids and liberate H, gas 

0 0 IT® ^ 

e.m.f of reaction (c)= Eqj,^ - Era “ * 2 h‘/Hj ^Cu'*/Cu 
= 0-0.34V = -0J4V 

c.m.f of reaction (</) = £qa “ ^2H*/h, 

= 0 - 0.80=-0.80V 

Now since e.m.f of reactions (c) and (d) both is a negative quantity, 
these reactions will not occur spontaneously, i.e. Cu and Ag do not react with 
dilute mineral acids and hence do not liberate Hj gas. 

{b) Production of H, gas by the action of transition metals on 
HCI; Reducing property of transition metals 

When transition metols (M) of 1st transition series react with an acid 
(eg. HCI) in aqueous solution, H, gas is evolved and metallic chloride (MClj) is 
formed. 

M(j)+2HCl(aq) —► MCl,(aq)+Hj(g) 
or M(s)+2H*(oq)—>M’*(a?)+H,(g) 

In this leactiOT M(s) reduces HCl(fl 9 ) 
to Hj(g), I.e transition metal, M(s) acts as 
a reducing agdntTsince it [i.e. M(s)] can 
lose two electrons to get oxidised to 
M^*(a9). These electrons are accepted by 
H*(a9) ions which are reduced to H^)- 

Now when we look at 
values of transition metals of 1 st transition 
series as given in the margin, we find that, 
excepting Cu, all the remaining 


Metal {M) 

Sc.. — 

Ti.-1.60 V 

V.-1.20 V 

Cr.. ’.-0.91 V 

Mn.-1.81V 

Fe.-0.44 V 

Co.-0.28 V 

Ni.....-0.25 V 

Cu.-0.34 V 

Zn.-0.76 V 
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metals have negative values of and hence can react with HCl to 

liberate Hj gas. Since Cu has positive value of f (= + 0.34 V), Cu is not 

able to lib^te Hj gas from HCl. 

Solved Examples 

Examplel. Will Fe{s) be oxidised to Fe^* ipns by reacting with l.O M 
HCl? Given that = + 0.44. {UJ. I98g) 

Solution. Since = + 0.44 V, £p^ 2 ./P^= -0.44 V. Now since the 

value of £p|. 2 . yp^ (= - 0.44 V) is a negative quantity, Fe(s) is able to react with 
HCl to liberate Hj gas and to get itselfoxidised to Fe^* ion. Thus the following 
reaction is feasible 

Fe(s)+2HCI —► FeCl, + H, 

or Fe(s) + 2H*-» Fe^^ + H, 

Alterinative solution. Suppose Fc(s) reacts with HCl and gets oxi¬ 
dised to Fe^* ion. Thus:.. 

Fe(s) + 2HC1 —> FeClj + H^ 
or Fe(s) + 2H* —► Fe^" + H^ 

(RA) (OA) 

Now, e.m.f. of above redox reaction 

“^OA “^RA~ ^2H*/H2 ~ V) 

= +0.44 V 

Now since e.m.f. is a positive quantity, the above redox reaction is feasi¬ 
ble, i.e. Fe(5) reacts with HCl and is oxidised to Fe** ions. 

Example 2. Can Hj be prepared by the action of H^SO^on Cu and Fe? 
Explain on the basis ofthe following date = -0.34 V, = 0.44 V. 

Solution. Since (oxidation potential) = -0.34 V, ('^^ 

duction potential) = + 0.34 V. Similarly since (oxidation potential) = 

0.44 V, £^j 2 ./pj (reduction potential)=-0.44 V. Now since it is only Fe which 
has negative value of its standard reduction potential, this metal can displace 
hydrogen from H^SO^, i.e. Hj can be prepared by the action of HjSO^ only on 
Fe. Since Cu has positive value of its standard reduction potential, this metal 
is not able to displace hydrogen from HjSO,. Thus H^ cannot be prepared by 
the action of HjSO^ on Cu. 

Example 3. Give the reason for the following: Although Al is below 
(negative value) hydrogen in electrochemical series, it is stable in air and 
water. (1.1.7.1994) 

Solution. Since Al is below hydrogen in the electrochemical series, it 
has negative value of £ ®,j, (= -1.67 V) and hence shuold be able to displace 

Hj from water (steam) 

2A1 + 6HjO (steem) —^ Al(OH),+3Hj 
When Al is kept in air, it combines with O, ofthe air and forms a protective 
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layer of Al^Oj on its surface. This layer prevents A1 to react with air and HjO. 

^Example 4. Predict the reaction of IN HJSO^ with thefollowing metals: 
{a) Cu {b^PA-Civentbat Cu^VCu = OM VandPlpyPb = - 0.13 V. 

Solution. We know that only those metals which have negative ^ val¬ 

ues can produce Hj gas by reacting with H^SO^, Thus: 

(a) Since ^cu’*/Cu (= +0.34 V) is a positive quantity, Cu cannot evolve 
Hj gas from HjSO^ 

{b) Since J^pb^'/Pb (=- 0.13 V) is a negative quantity, Pb can liberate Hj 
gas from H^SO^ 

(c) Metal-hydrogen displacement reactions in electrochemical series 

The metals lying below hydrogen in the electrochemical series can dis¬ 
place hydrogen from acids, since these metals have negative values of ^. 
On the other hand the metals lying above lydrogen in the series are not able 
to displace hydrogen from acids, since these metals have positive vlues of 

^red ■ 

Solved Examlpes 

Example 1. Arrange H, A, B, C, D, and E in electrochemical series in 
the increasing order of their electrode potentials. Given that: 

(a) A + -> ASO^ + //, 

(b) C + ACl^ - >CCf + A 

(c) C + EClj -> No reaction 

(d) D + 2BCI - *DClj + 2B 

(e) D + - > No reaction 

Solution. In reaction (a), since A reacts with H^SO, and liberates Hj gas 
but in reaction (e) D does not react with H^SO^, A has negative value of and 


D has positive value of E°, i.e. 

£«<£» ...(0 

and £o > £h or E^ < Eq ...(0) 

In reaction (b), since C displaces A from ACl,, 

£^<£® ...(Hi) 

In reaction (c), since C is not able to displace E from EClj 

£^ > £| or Ei < El ...(/v) 

In reaction (</), since D displaces B from BCl, 


On combining all the relations given above, we can write the increas¬ 
ing order as: 

£i<£^<£»<£°<£S<£S 

or E<C<A<H<D<B 

-£® values increasing-► 
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Example 2. Study the following redox reactiosn and arrange H, A and 
B in the form of electrochemical series in the decreasing order 
(fl) 2A + 2HCI — >2ACl + H, 

{b)B + 2HCl — *BCl^ + H^ 

(c) 2A + BClj -► 2ACI + B 

Solution. In reactions (a) and (b), since A and B both replace hydro¬ 
gen from HCl, both these elements have negative values of £® i.e. 

...(0 

In reaction (c), since A replaces B from BClj, 

...{Hi) 

On combining (/).(») and (Hi), we gat: 

po ^ r»0 r»0 

or A<B<H 

or H > B > A 

-£” values decresing —> 

Example 3. Standard oxidation potential values for the compounds of 
nitrogen in acidic solution are given below: 
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(A) Predict whether Cl^ (f®, = + 1.36 10 can oxidise (/) to Np 

{ii)NOjto no; 

(B) Predict whether hydroxyl ammonium cations {NHpH*) have a 
tendency to give and hydrazinium cations {NyHj). Also write the 
balanced equation. 

(Q Predict whether the following disproportionation reactions take 
place as written 

{i)4N,Ht +2H* + 3Hp -> NH^ + NOJ 

{ii)7NHpH* - >3N,h; +4HP+ NO] + 5H* 

(Hi) 5Np + Hp -> 2NO] + 4N, + 2H* 

(iv) 2Np - >N^+ 2NO 

(v) 4NO + HP —> Np + 2HNO^ 

(vi) 8NO + np —» 2NO; + 2H* + 3Np 
ivii) 3HNO, —> 2NO + NO] +H* + Hp 
(viiC)2NOpHp — >HNOpNO] + H* 

Solution. (A) (/) Assume that Clj can oxidise Nj to NjO. In this reaction 
Clj is reduced to Cl’ ions and Nj is oxidised to NjO. Thus; 

I-Oxidation-1 

I (0-> + l) I 

Cl, + HjO + Nj- > 2cr + NjO + 2H" 

(N = 0) (Cl=-1) (N = +l) 

(RA) I 

I -Reduction-' 

(0-»-l) 

Now since Eqa = ^ ^NjCvn, 

(= + 1.77 V), the above redox reaction is not feasible, i.e. Clj cannot oxidise 
Nj to NjO. 

(ii) When Clj oxidises NOj to NO;, it is reduced to Cl’ ions. Thus; 

I Reduction ' I 

I (0^-1) I 

Cl, + 2H,0 + 2NOj- > 2Cr + 4H* + 2NO; 

(C1 = 0) (N = + 4) (Cl = -1) (N-+5) 

(OA) (RA) f 

I -Oxidation—-—' 

(+4-».+ 5) 
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Now since = ^a,/cr^ + * 36 V) is higher than = E\ 

NOj /NO2 

(= + 0.81 V), the above redox reaction is feasible, i.e. Cl^ can oxidise NO to 
NOJ , ' 

(B) The conversiov of hydroxyl ammonium cations (NH OH"^) into N 
and hydrazinium cations (N^H^’^is a disproportionation reaction which can 
be represented by the following unbalanced equation 

NH3OH*-> Nj + NjHJ {Unbalancedequation) 

(N = -l) (N = 0) (N = -2) 

Above equation can also be writtsn as: 



(RA) ^ 
NH 3 OH 
(N = -l) 
(OA) 


Oxidation 

H-> 0 ) 


»Nj + NjHj" 

(N = 0) (N = -2) 


- Reduction- 
(-!-»- 2 ) 



0 Now since '^^•'^6 V) in higher than = 

^Nj/NHjOH* (= - V), the above disproportionation reaction is feasible, 

i.e. NHjOH^ cations have a tendency to given N^ and N^HJ cations. 

In order to get a balanced equation, we should find out the balanced 
oxidation and reduction half-reactions and then should add them 

2 NH 3 OH* ) Nj+ 2H30+4H"-H2e- 

2 NH 3 OH * -I- H* + 2g~ Reduclion ^ N 2 HJ +2H O 

On Adding-. 4 NH 3 OH*-+ + 4 H 3 O + 3 H* 

This is the retired balanced equation. 

(Q (0 The raaction, 

4N3h; + 2H^ + 3H30—^.NH^+NOJ ,£«=? 

(N = -2) {N = -3) (N = + 5) 

IS a disproportionaton reaction, since Nj Hj ion (N = -2) is being oxidised 
to NOJ (N = +5) and in also being reduced to NHJ (N = - 3). This jtactiori 
/ can be broken into the following oxidation and reduction lml;^aefions (Un¬ 
balanced equations) 

NjHj > NOJ, eI^ - 0.84 V 

(N= -2) (N = + 5) 
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N,h; E^ =+1.24V 

(N = -2) (N = -3) ' ^ ■ - 

E® value of the given disproportionation reaction is given %: 

= - 0.84 + 1.24’’%+0.40 V 

-0^ , 

Since value is positive (= + 0.40 V), the given disproportionation 
'eaction proceeds as indicated by the equation. 

(ii) 7 NH 3 OH*-> 3N,H; + 4HjO + 5H*, £> = ? 

{N = -l) (N = -2) (N = + 5) 

NH30H"(N = -1) > 1^3 (N = + 5) =-0.73 V 

NH30H*(N=-1) > N 2 H 5 (N = -2), =+1.46 V 

£° = £0, +£°d =-0.73+1.46^ + 0.73v' 

Thus the given reaction is feasible 

(///) SNjO + H 3 O- >2 NOJ + 4N^+ 2H", £> =? 

(N=+l) (N= + 5) {N = 0) 

NjO(N=+l)_2i!^«j£!L-> no; (N= + 5),£®^ =-l.llV 
N30(N=+l)_R£i;ction_^ N^(N=0), £^=+1.77V 

.•.£° = £°, + ^^ =-1.11 + 1.77=+0.66 V 
Thus the given reaction proceeds as written. 

(/V) 2 N 3 O -> Nj + 2NO, £®=? 

(N = +l) (N=0) (N = +2) 

NO(N = + l) Oxidation ^ NO(N = +21. £°,=- 1.59 V 

N n(N =+ 1 ) 2 N 3 (N = 01. £^=+1.77 V 

£> = -1.59+1.77 = 0.J§y 
Thus the given reaction i^feasiStK. 

^ (v) 4NO +■ HjO -)- NjO + 2 HNO 3 , £=? 

** XN = +2) (N = +l) (N = +3) 

> HN03(N = +3), £°, =-0.99 V 
Nn(N = +2) Reduction ^ N^O(N =+lX £^=+1.59V 

.•.£ = -0.99+1.59 = + 0.60V 
Thus the given reaction is feasible. 
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(vi) 8N0 + HjO-> 2 N 03 +2H" + 3NjO, ? 

(N = + 2) (N = +5) (N = +l) 

NO(N = +2)_.0’»ida.ion ^ NOJ(N = + 5), £„o=-0.96V 
NO(N = +2) .. Rcduciion ^ NjO(N = +l), =+ 1.59V 

•. £0= £o° + £^ =-0.96+ 1.59= +0.63 V. 

Thus the given disproportionation reaction takes place in the forward 
direction 

(v/7)3HNOj->2NO + NOJ+H* + Hp,£' = ?. 


(N = + 3) 

(N = + 2) (N = + 5) 

HNOj _ 

> NOj, £“,=- 0.94 V 

(N = + 3) 

(N = + 5) 

HNOj _ 

Reduction ^ NQ, £^ = +0.99 V 

(N = + 3) 

(N = + 2) 

. r-0= 

■ ■ t. ^OX '■ 

£^ = -^4 + 0.99 V = + 0.05 V 

Thus the given reacuGrrtakes place as shown above. 

(yiii) 2NOj + H^O —+ HNO + NOT + H\ £> = ? 

(N = + 4) 

(N = + 3) (N = + 5) 

NOj _ 

) NOJ, £®^ =-0.81 V 

(N = + 4) 

(N = + 5) 

NOj _ 

» HNOj, £^ =+ 1.07 V 

(N = + 4) (N = +3) 

.-. £°= £'ox + =-0.81 + 1.07= +0.26 V 


The given reaction takes place as shown above. 

V, Electropositive and electronegative character of elements 

(a) The elements which have nagative value of £^ have a tendency to 
lose electrons readily to get oxidised to form cations. Such elments are called 
electropositive elements. Thus the elements having negative value of £^ 
show electropositive character. As the value of £^ becomes more and 
more negative, the tendency of the element to lose elctrons readily increases 
and hence electropositive character of the element also increases. Since in 
the electrochemical series, Li has the most negtative value of Li 

metal has the maximum electropositive character. ' 

Illustrative Example. Since all the elements of group IIA have neg^ve 
value of , all these elements show electropositive character. Since as 

we proceed from Be to Ba in group IIA, the value of b«conies more 

and more negative, the electropositive character of these metals increases from 
BetoBa. 
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^Bc-*/Be ^SrVSr 

■ ■ 

-1.85 V -2.37 V -2.87 V -2.89 V 

-Become more negative-— 

Electropositive character: Be < Mg < Ca < Sr < Ba 

-Increases-> 


-2.90 V 
- > 


{b) The elements which have positive value of £° ^ have a tendency to 
gain electrons readily to get reduced to form anions. Such elements are called 
electronegative elements. Thus the elements having positive value of E^ 
show electronegative character. As the value of becomes more and more 
positive, the tendency of the element to gain elctrons increases and hence the 
electronegative character of the element also increases. 

Illustrative Example. Since all the halogens have positive value of 
^Xj/ 2 X' > halogens show elecronegative character. Since as we move 
from Fj to 1^ in group VllA, the value of ^X 2 / 2 X' becomes less and less 
positive, the electronegative character debases fronr^to Ij. 

f £0 E-o " E^ ~ £° 

0 I ^Kj/2F- •^aj/2Cr "^Brj/2Br ^lj/2r 

Ered 1 i 

'•+2.87V +1.35V +1.06V +0.53V 

-Become more positive-► 

Electronegative character: > Clj > Brj > Ij 

-Decreases- > 


(c) If we are given two metals out of which one has positive value of £“ 
and the other has negative value of £®, the metal having - ive value of EP is 
more electropositive than the metal having +ive volue of EP. 

Illustrative Example. Since the value fo ~ 0.763 V) is 

negative and that of /Ag ( ■'■0 .779 V) is postive, Zn is more electropositve 
than Ag. It is due to greater electropositive character of Zn that this metal 
can displace Ag from Na [Ag (CN)j] solution 

2Na[Ag (CN),](a 9 ) + Zn(j) —► Na, [Zn(CN)J(a 9 ) + 2Ag(s) 
or 2[Ag(CN)2r {aq)+Zn\s )—> [Zn(CN) 4 l''(fl 9 ) + 2Ag'>(s) 

The discussion made at (a), (6) and (c) above shows that: 

Lower is the value of EP of a metal, greater is the electropositive 
charracter of that metal. Thus the electropositive character of metals 
increases with the decrease of their EP values. 

Illustrative Example. The electrode potential of four metallic elements 
A, B, C, and D are + 0.80 V, — 0.76 V, -t- 0.12 V and + 0.34 V respectively. 



Electrode Potentials and Their Applications 


721 


Arrange these elements in the increasing order of their metallic or 
electropositive character. 

Solution. We know that lower is the value of of a metallic element, 
greater is its tendency to lose electrons and hence greater is its electropositive 
character. Thus since E‘ values decrease as 0.80 V(A) >0.34 V(D) >0.12 V(C) 
and - 0.76 V (B), the electropositive charecter of A, B, C, and D increases as: 

A<D<C<B(Anwcr) 

VI. Reactivity of metals 

We have already said that in a metal-metal displacement reaction (redox 
reaction), a metal having lower value of can displace (i.e. reduce) the 
metal having higher value of from the solution of its salt. Thus a metal 
having lower (i.e. less positive or more negative) value of is more reactive 
than the metal having higher value of £^ (more positive or less negative) in 
displacing it from the solution if its salt. 

Since the value of £^ of metals decreases down the electrochemical 
series, the reactivity of metals increases downwards. 

Illustrative Example. Arrange the following metals in the decreasing 
order of their reactivity: Al. Zn. Sn. and Cu. Given that =-J.60 V, 

^Zn-'/Zn ~ -0.74 K == + 0.15 V, ^Cu-vci. -*0.34 V. 

Solution. £^ values can be arranged as: 


£^ values : 


( 

I Al’*/AI 

1 -1.6V 


irO rO pO 

‘^Zsf'ITj, ^Sn**/Sn'* *Cu’*<Cu 

-0.74 V +0.15 V 4 +0J4V 


--— Increase---> 

Reactivity of metals: --- Decreases_ > 

Thus the reactivity of the given metals can be arranged as: Al > Zn > 
Sn > Cu (Decreasing order) 


VIll%eactivity of halogens 

We have already said that in a halogen-halogen displacement reaction 
(redox reaction), a halogen having higher value (more positive) of £^ can 
displace (i.e. oxidise) other halogen having lower va|ue of £^. Thus a halo¬ 
gen having higher value of £^ is more reactive than the lulogen having 
lower value of £^ in displacing it from the aqueous solution of potassium 
halide. Since the value of £^ decreases from to , the 

reactivity of halogens decreases as Fj > Clj > Btj > Ij. 


VIII, To predict the relative stability of different oxidatio* «^es 
of an element in aqueous solution 

If an element exists in more than one oxidation stete in aqueous solution, 
the relative stability of these oxidation states can be known with the he^p of £• 
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values. This point can well be understood by considering the following 
exomples; 

Solved Examples 

Example 1. Explain why Cu* is less stable than CiP* in aqueous solu¬ 
tion. Given that - + 0.34 V and 

Solution. The reduction of Cu* and Cu’* ions in aqueous solution to 
Cu can be shown by the following reduction half-reactions 

R.A 

Cu(s). = +0.52 V 

Cu(^), = +0.34 V 

In these equations Cu*(a< 7 ) and Cu’*(a 9 ) both act as O.A. and Cu (j) 
acts as R.A. 

Now since ^Cu'/Cu 0-52 V) > £cu’*/Cu 0-34 V), Cu*(fl 9 ) is 
stronger O.A. than Cu^'iaq) and hence Cu*(ai 7 ) gets reduced to Cu(s) more 
readily than Cu’*(fl^) is reduced to Cu(j). Thus Cu*(fl 9 ) is less stable than 
Cu’*(fl 9 ), i.e. Cu’iaq) < Cu’*(a^). 

Example 2. (a) Comment on the relative stablity of+2 and +3 oxidiation 
states of Fe and Mn in IM aqueous solution. 

(b) Which of the above two metals (Fe and Mn) may be easily oxidised to 
+2 state. 

Given: Fe^VFe = -0.40 V. Fe’*/Fe’* = + 0.80 V, Mn^'/Mn = - 1.2 V, and 
Mn^yMn^* = + l.SV. 

Solution, (a) (i) The reduction of Fe’*(a 9 ) to Fe(5) and that of Fe’*(a 9 ) to 
Fe’*(fl 9 ) can be represented by the reduction half-reactions given below: 

RA 

Fe(5). £°^:.,,,=-0.40V 

Fe’*(a9). Ffe^/Fe’* =+0.80V 

Now since (= + 0.80 V)> (=-0.40V),Fe’*(a9)ionis 

stronger OA than Fe’* (aq) and hence Fe’*(fl^) ion will be reduced to Fe’*(a 9 ) 
ion more readily than Fe^*(aq) can be reduced to Fe(s). Thus Fe’*(a^) ion is 
less stable than Fe’*(ag’), i.e. Fe in aqueous solution is less stable in +3 oxidation 
state than it is in +2 oxidation state [Fe’*(a 9 ) < Fe’*(a 9 )] 

(ii) The reduction of Mn’*(a^) to Mn(s) and that of Mn’*(a 9 ) to Mn’*(aqf) 
can be represented by the following reduction half-reactions. 

OA RA 

Mn’*(flg)+e-^—►Mn(s). ^L’*/Mn 

We^QA 


OA 

Fe’*(a9) + 2e‘ 

Weaker OA 
Fe’*(a9) + e" 

Stronger O A 


O.A. 

Cu*(a9) + e" - * 

Stronger O.A. 

Cv3*(aq) + 2e' -> 

Weaker O.A 
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Mn^*(a9) + «--=+ 1-5V 

Stronger OA 

Now since (=V) (=-1.2V),Mn»>9) 

ion is stronger OA than Mn^(a^) ion and hence Mn’*((i9)|j^ll get reduced to 
Mn^^(a9) more easily than Mn^*(a^) gets reduced to Mn(s). Thus Mn’*(a9) 
is less stable than Mn^*(^9) i e- Mn in aqueous solution is less stable in +3 
oxidation state than it is in +2 oxidation state [Mn^*(a9) < Mn^*(a9)]. 

(b) The oxidation of Fe(s) to Fe^^fa^) and that of Mn(s) to Mn^*(a9) can 
be represented by the following oxidation half-reactions. 


RA 

OA 

Fe(^) -> 

Fe^T^^) +2e-, =-0.40V 

Weaker RA 

Stronger OA 

Mn(j) w--» 

Mn^^iaq) +2e^, 1.20V 

Stronger RA 

Weaker OA 

Now since £^2,^, 

'VMn (=->!80V)< (= +0.40V),Mn(j)isstTongen, 


RA than Fe(s), i.e. Mn(j) will be oxidised to Mn^*(a 9 ) more easily than Fe(s) 
gets oxidised to Fe^T^^) 


Nernst Equation 

To calculate electrode potential of a given electrode with the 
help of Nernst equation 

If the concentration of the electrolyle solution is 1 mol L"' or 1 M and the 
temperature is 298K (25°C), the electrode potential of the given electrode is 
called standard electrode potential (£”). However, if the concentration of the 
electrolyte solution is different from IM, the electrode potential of the elec¬ 
trode has different value from that of standard electrode potential, £®. This 
value can be calculated with the help of Nernst equation. For diis purpose the 
electrode reaction is always written as reduction reaction. Suppose we have 
to determine the electrode potential of M''*(a 9 )/M(j) electrode. 

The reduction reaction corresponding to this electrode is: 

M"Ta9) + «c'^— ♦MCs) ...(/) 

The value of electrode reduction potential, for the elec¬ 

trode, M"*(n^)/M(s) is given by Nernst equation viz. 

E -po RT,_ [Mis)] . 

^M"’(«,)/MU) ~ ^M«(o,)/M(») nF \M''{aq) 




2.303RT . [M(5)] 

•og ., (.-.ln=2.3031og) 


nF 


[M"^(a 9 )]' 


In this equation: 

~ Standard electrode potential for the electrode. 


:..(i 0 
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R = Gas constant = 8.314 JK*' mol ■' 

T= temperature in Kelvin = 298K 
n = No. of electrons involved in the electrode reduction 
reaction (0- 

F = Faraday of electricity (1F = 96500 C. mol*') 

V, , . . 2303 RT 

Now let us calculate th^^ue of-. 

F 

2.303 RT 2.303 x(8.314J. K.~' mol"') x (298K) 

F “ %500 Cmol"' 

2.303x8.314x2981 0.059 IJ 0.059 IC.V 


96500C 


On putting 
E 


=0.0.591 V 
2303RT 


C 

{.■.J=C.V) 


F 

-■E° 


■ = 0.059 I V in equation (//) we get; 

V 


0.0591, [M(s)] 

-log- 


Since molar concentration of pure solids, liquids and gases at atmos¬ 
pheric pressure is taken as unity, [M(j)] = 1. Thus equation (///) should be 
written as; 


E = F® 


0.0591 


log- 




I or ^ ^ 

' M"*(<i9)/M(i) M‘"{a?)/M(5) 


0.0591 


n 


log[M'’-^(a9)] y 


These equations represent Nerast equation which gives the electrode 
potential of )/M(s) electrode or for the half-cell reduction reaction, 
M"''(a^) + 4e^ —>M(s) 

taking place at the above electrode at 298 K (or 25‘’C) and the electrolyte 
solution may have any molar concentration other than 1 M. 


Relation between and 

Let us consider a silver electrode, AgVAg dipped in a solution of AgNO,. 
If to this half-cell, excess of Nal (more than to precipitate whole of AgNOj) is 
added, the following equilibrium is established. 

Agl + e- ^ Ag +1- (n = 1) ...(a) 

(Ag = +1) (Ag = 0) 

This reduction half-reaction conespond to I7AgI/Ag electrode (it is a 
metal-insoluble salt-anion electrode). Tims we have two electrodes viz. AgV 
Ag (it is a metai-Hietal ion electrode) and I7AgI/Ag. The equilibrium estahlishftH 
for Ag'/.^g^electi odcscan be written as; 
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Ag* + e ,=iAg(«=l) (*) 

(Ag = +1) (Ag = 0) 

It may be seen that in both the reduction half-reactions, Ag* ion is reduced 
to Ag. We can, therefore, assume that: 

E — P 

^|-/Agl/Ag ~ ^Ag*/Ag ...(0 

Nemst equation for reduction half-reactions (a) and (6) which takeplace 
on I7AgI/Ag and AgVAg electrodes respectively can be written as- 

^0 0.0592, 


E = f" 

I'/Agl/Ag r/Agl/Ag 


1 


'Ag*/Ag Ag'/Ag 


Now since E^. 


0.0592 

1 


log 


1 


'r/Agi/Ag - ^Ag-/Ag 3S indicated by equation (/), RHS of 
equations (//) and (Hi) must be equal to each other, i.e. 

1 


[Ag"] 


...(I/O 


^riAgi/Ag- 0.05921og[r]= 0.05921og 


[Ag"] 


or E^ = E^ 

r/Agl/Ag Ag*/Ag 

or E?.,. =£° 


+ 0.0592 log[l - ] -I- 0.0592 log[Ag* ] 
+ 0.0592 logtAg"][I-] 


^r/Agl/Ag Ag*/Ag 
Since the dissociation of Agl takes place as: 

Agl 5=4 Ag* + r, 

solubility product of Agl, is given by: 

(K^A,. = [Ag‘][I-] 

With the help of equation (v), equation (iv) becomes: 


^1 ■ /Agi/Ag ^Ag* /Ag 00592 iog(/L,,, )^g, 


...(/V) 


...(V) 

...(w) 

, if the 


This equation can be used to calculate the value of £® 

I /Agl/Ag 

values of £^^. in a saturated solution of Agl and are given 

Now since the solution of Agl is saturated, [Ag*] = [Cl ] and hence 
equation (v) can be written as: 

(K^)A„ = [Ag*][Ag*] = [Ag*]^ 

...(vii) 


or 


With the help of equation (vii), equation (Hi) reduces to: 


=£;.,^-a0592 


logl-log^(K^)Ag, 
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or 




...(Vlll) 


This equation can be used to calculate the value of inasititurated 

solution of Agl, if the values of and are given. 

Solved Examples 

Example 1. At what pH of HCl solution will hydrogen gas electi‘t^ 
show electrode potential of-0.118 V? H^gas is bubbled at 298 K and I atm. 
pressure.^ 

Solution. Reduction half-reaction taking place at hydrogen electrode, 
2HXaq) \ Hfg) is: 

2W{aq) + 2e‘ — Reduction ^ H^(g) (/I = 2), ^2H*(ofl)/H2(«) ~ “ 0.118 V 

(Cone. = ?) (Phj = 1) 

On writing the Nemst equation for the above reduction half-reaction 


F = E 


or 


0.118 = 0.0- 


0.0592 


0.0591, Ph 
—-—log 


+ l2 




log 




or 

or 


. 0.118x2 

0.0591 

0.118x2 

0.0591 


- = log 1 - 2 log [H T 
= 0+2pH [pH=-log[H*]] 


^ 0 . 118^2 ^ ^2.0 (Answer) 

0.0591x2 ' ' 


Example 2. How can the electrode potential ofM{s) | Af’*{aq) electrode 
be increased? 

Solution. The reduction half-reaction for the given electrode can be 
written as: 

M"*(a^) + nc —^ M(j) 

From Nerst equation, electrode potential corresponding to the above 
reduction half-reaction is given by 


F = 


_ rO 


0.0591 

n 

0.0591 


log 


log 


ms)] 
mHaq)] 
1 


It is evident from the above Nemst equation that since [M"*(a 9 )] ap¬ 
pears in the denominator, the value of electrode potential viz. ^M"(<ig)/M(s) 's 
directly proportional to IM"*(aq^)]. Thus if a small amount of the electrolyte in 
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which the electrode is dipped is added, the concentration of ion, /.e. 

[M”*(a 9 )] increases and hence the value of ^M**(a,)/M(i) also increases. 

Example 3. The standard reduction potential for the half-reaction, 

NOJ(aq) + 2H*(aq) + ^ -► NO 2 (g) + H 2 O is 0.78 V 

(/) Calculate the reduction potential at 8M H *. 

(ii) What will be the reduction potential of the half-cell is a neutral 
solution. Assume all other species to be at unit concentration. (/./. T. 1993) 

Solution. (0 ® 


(a) NO;(a9)+2H^(a9)+e-->N02(g) + HjO, £°=0.78V 

(C = 1 M) (C = 1 M) (C=Pno, =1) (C = IM) 

This equation shows that all the species involved in this reduction half¬ 
reaction are at unit concentration and the value of is equal to 0.78 V. 

We have to find out the value of £^ for the above half-reaction 
in which the concentration of W{aq) is 8 M (not 1 M) and that of other species 
is unity (C = 1 M). Thus the reduction half-reaction (a) should be written as; 


ib) NOJ(a9) + 2H^(fl9) + e--^NO^Cg)-)-H20 (/j = 1), £, = ? 

(C=1M) (C = 8M) (C = £no, =0 (C=1M) 

£^ has to be calculated. From Nerst equation is given by: 



0.0591, PNO,>‘tH20] 

-r-log- 


0.0591, 1x1 

= 0.78-j—iog—^ =0.78 + 0.0591 x2xlog8 

11x8 

= 0.78 + 0.0591 X 2 X 0.903 = 0.887 V (Answer) 

(h) When we say that the solution is neutral, [H*] = 10*’ M. Thus equa¬ 
tion (a) can be written as: 

(c) N 03 (a?) + 2HV<?) + e’-►N 02 (g) + H 20 (n = 1), £,, = ? 

(C=1M) (C=10-’M) (C = Pno, =1) (C=1M) 

£^ has to be calculated. From Nerst equation, £^ is given by 

„ ,,0 0.0591, £no, >'[H20] 

£. =£„-log- - 


n 

___ 0.0591, 

= 0.78-log 


[NOjltHn^ 

1x1 

lx(10‘’)^ 


=0.78+0.0591 x2 X log 10-’ 

= 0.78 + 0.0591 x2x(- 7)=0.78 - 0.0591 x2x7 
= -0.046 V (Answer) 

Example 4. A zinc rod is dropped in 0.1Msolution ofZnSO^ The salt is 
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95% dissociated at this dilution at 298 K. Calculate the electrode potential. 
Given that =-0.76 V. {P.S.B. 1994) 

Solution. The electrode can be represented as Zn(s) | ZT?*{aq) and the 
reduction reaction taking place at this electrode can be written as: 

Zn^\aq) + 2e~ —> Zn(s) (Here n = 2) 

On using Nerst equation, we get the value of /z„ given by: 


c* = 

"Zn^'IZn Zn^VZn 


0.0591, [Zn(s)] 

-log 


[Zn^*(aq)] 


or 


0.0591, 


1 


[Zn^* (aq)] 


...01 


Now since ZnSO^ solution is 95% dissociated, the value of [Zv^^laq)) 

95 93 

will not be equal to 0.1 M, but it is equal to 95% of 0.1 “ “Too 

M. On putting [Zn^*(a^)] = 0.095 M in equation (/), we get: 


E 


Zn^*/Zn 


= -0.76- 


0.0591 

2 


log 


1 

0.095 


= -0.76-0.02955 {log 1 -logO.095} 

= 0.76-0.02955 {0-(-1.022)} =-0.76 - 0.0302 

=-0.7902 V (Answer) 

Example 5. A zinc electrode is placed in 0.1M solution ofZnSO^ at 25°. 
Assuming that the salt is dissociated to the extent of 20% at this dilution, 
calculate the potential of this electrode at this temperature. Given 
- -0.76 V {Indian School of Mines, Dhanbad 1986) 

Solution. The reduction reaction taking place at the electrode is: 

Zn^* + 2e' —> Zn (Here n = 2) 


^zn’*/zn is given by: 

0 0.0591 [Zn] 

^Zn^'/Zn ^Tja^'tZn ^ 

Now since ZnSO^ solution is dissociated to the extent of 20%, the con- 

20 

centrationofZm^ ions is not equal to 0.1 M, but is equal to TTr x 0.1 =0.02 M. 

100 

On putting [Zn^*] = 0.02 M in equation (i), we get: 


^ 0.0591, 1 

^2.-,z. — 

Example 6. The standard reduction potential of Ag*/Ag electrode at 
298 K is 0.799 V. Given that for Agl, = 5.7 x IC'^. (i) Evaluate the 
potential of Ag*/Ag electrode in a saturate solution of Agl (ii) Calculate the 
standard reduction potential of t/AgUAg electrode. * {LI. T. 1994) 

Solution. (/) We have already shown that£^.^^^ is given .by the 
euqaiton: 
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Now put El^. - 0.799 V (given) and (K^) - 8.7 x lo-" (given) in the 

above equation to get: 

^A«-/Ag =0'799 + 0.0592IogV8.7x 10 -'^ 

= 0.799 + 0.0592 log 9.33 x l ()-'« 

=0.799 + 0.0592 X (-8.030) 

=0.799-0.0592 x 8.030 = 0.799 -0.474 
= 0.325 V (Answer) 

(//) We have already shown that is given by: 

^■'Ag/A, = <e-,Ag + 00592 Io 8 (K,.)a,j 

Onpuning£^^,,^^ -0.799and(KX-8,7x lO-’intheaboveeguMion, 


we get: 


E° 


r/Agi/Ag =0-799 + 0.0592log(8.7x 10-'^) 


=0.799 + 0.0592 x (-16.0605) 

=0.799 - 0.0592 X 16.0605 
=,0.799 - 0.949=- 0.150 V (Answer) 

Example 7. The standard reduction potential for Cu^VCu is + 0 34 V. 

Solution. The electrode reduction reaction is: 

C\i^\aq) + 2 e-- > Cu(s) {n = 2 ) 

The reduction potential of the above electrode reaction is given by: 
r _ po 60591 [Cu] 

/Cu - /Cu--— 'og 


■'Cu^'/Cu 


n 

c^xA 0.0591, 

= 034 -log 


[Cu'n 


[Cu^^] -(A) 

The value of [Cu^*] which is required in the above equation can be 
calculated by using the following relations: 

We know that- 


pH+;70H= 14 

NowsincepH= 14,/70H= 14-14=0 

[OH-] = 10^»= 1(^=1 
Since Cu(OH)j ionises as: 

Cu(OH)j^Cu'^ + 20 H-, 
v^v'cu(OH)j is given by: 

(^jp)cu(OH)j =[Cu^*](OH"p 
l.Ox io-'''=[Cu**]xi 
[Ctf*] = ia^ 
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Put [Cu^*J = lO"” in equation (A) to get the value of ^cu^’/Cu 


^^Cu-/Cu = 0-34- 


-log 


,-19 


time? 


10 

= 0.34 - X [log 1 +19 log 10] 

= 0.34-^^^xl9=-0.22V 
/2 

Example 8. Why does an electrochemical cell stop working after some 

OR 

Why does a galvanic cell become dead after some time? 

Solution. Let us consider the Daniel cell: 

Zn(5) I ZnSO^(a?) 1| CuSO^Cfl^) 1 Cu(s) 
or Zn(5) I Zn'*(a^) |1 Cu^^aq) \ Cu(s) 

Anode Cathode 

Here the two half-reactions taking place in the cell are: 

Zn(s) Oxidation ^ Zv?*{Tiq) + 2e- (At anode) 


-> Zn(5) 

Reduction j Cu(5) (At COthodc) 


■■■(a) 

...(b) 


or Zn^*(aq) + 2e' ■ 

Cu-‘(aq) + 2e' 

Cell reaction is: 

Zn( 5 ) + Cv?\aq) - > Zn^*(aq) + Cu(5) 

As the ceir reaction proceeds, the concentration of Zv}*(aq) ions (i.e. 
\Zr^*(aq)\) in the solution goes on increasing and that of Cu^*(aq) ions (i.e. 
[Cu^a?)]) goes on decreasing. Now write Nemst equation for the reduction- 
half reeactions (a) and (b). 


. ^ 0- - - 00S91, [Zn(5)3 

^Zn^*(a9)/Zn(j) (aqVTris) 2 ^[Zn^''(a?)] 


...(C) 




2 ""[Qi^'Cag)] 

Since the concentration of Zn^*(ag) ions increases, the value-of 
^zn’*(a 9 )/zn(i) will also increase as is evident from equation (c). Similarly, 
since the concentration of C\s?*(aq) ions decreases, the value of ^cu’* ( 09 )/Cu(i) 
will also decrease as is evident from equation (d). Ultimately a stage is 
reached when the two electrode potentials becomes equal {i.e. 

= '^Cu’*(u,)/Cu(x)] and hence e.m.f. of the cell (£„,,) or E of the 
redox reaction also becomes equal, i.e. : 

^Cdl = ^Oi^*(aq)IOds) ~ ^Za‘*(aq)/Za(s) =zero 
Since £^„ is zero, the current stops flowing in the circuit. The point at 
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which *e two electiwle potenrials become equal is called equilibrium point 
(see rig. 22.6) 



Fig. 22.6. At the equilibrium point in the redox reaction, Zn(s) + Cu^*(aq) _> 

T-n^Xaq) + Cu(5) the two electrode potentials become equal and hence 
becomes equal to zero. 

To calculate the value of electrode potential of hydrogen 
electrode: To calculate the value of pH of an acid solution 

We know that hydrogen electrode is represented as: 

HCI(aq)|Hj(g'),Pt or H"(aq) | Hj(g), Pt 

This electrode is obtained by bubbling H,(g) into HCl(g) solution at 298 
K. and 1 atm. pressure. ' 

Reduction half-reaction taking place on hydrogen electrode is: 

2HTaq) + 2e- -> Hj(g) (n 2) 

On aBBlying Nemst equation to this reaction, we get: 


'H’/H. 


= £■ 


H*/H 


. 0.0591 , pH, 
- -^r- log ^ 


-n 0.0591 , 
-0--—log 


1 




[H^f 

^ 0.0591 

—[logl-21og[H^]] 


0.0591,„ 

[0-2(-pH)] 


[vlog[H-^] = -pH] 


H*/H. 


= - 0.0591 pH at 298 K 


, if pH of the 


This equation can be useiUo calculate the value of £ 
acid solution is given. In other words, this equation can bemused to cakulate 
pH ofan acid solution, ifthe value of is given: 

H / H 2 ® 

lUustrative Example. Calculate pH of the following half-cell. 
Pt.H,{g)\HjSOjiaq) 

The oxidation potential of this electrode is + 0.3V. (MLNR 1995) 
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Solutfon. We know that electrode potential of hydrogen electrode, U*{aq)/ 
Hj(g) and pH of acid solution are related as; 

£hvh, =-0.0591 pH 


or 


-0.3 = -0.0591 pH 


pH = 


03 

0.0591 


= 5.076 (Answer) 


To calculate e.m.f. of an electrochemical cell with the help of 
Nernst equation 

, If the concentration of each of the electrolyte solutions in an electro¬ 
chemical cell is 1 M or 1 mol L"' and the temperature is 298 K (25°C), the e.m.f 
of the cell is called standard e.m.f-Of the cell which is represented as £°jii. 
However, if the concentration of thc^p lutions is different from 1 M, the e.m.f. 
q^the celi is represented as^^, which has different value from £°^||. The 
value of £_^, for a given electrochemical cell working at 298 K can be calculated 
with the help of Nemst equation. 

Let us calcutate the value of the electrochamical cell represented 
as: 

Tl(s) I TlXa< 7 ) II Cu^^(aq) | Cu(s) at 298 K. 

(C,) (C,) 

Anode Cathie 

Obviously half-reaction taking place on anode and cathode are. 

2X1(5) > 2Tr(C,) + 2r, £° = 

Cu>(C,) + 2e- Cu(5), £^ = 


Cell reaction: 2Tl(j) + Cu’*(Cj)-» 2Tr(C,) + Cu(j) (n = 2) 


£"„ of cell reaction = £^ + £^= ""cu'Vcu 

The value of £ ,, for the cell reaction (i) (redox reaction) taking place in 




...(0 

...(//) 


the cell is given by Nemst equation. Thus: 


0.0591 , [r/"]^[Cu (5)] 


fell = Cl- 


log 


n [TK5)]'[Cu^n 

Now, since Cu(s) and Tl(s) are solids, [Cu(j)] = 1, lTl(s)] = 1, above equation 
can be written as: 


+ l2 


-cell 


, 4,,- 0:2521 logPn 


Cl ~ Cii - 


cell ' 


n 

0.0591 

n 


[Cu^*] 


Jogpr 

'-2 


...m 


Equation (Hi) can be used to calculate the value of £^ by putting the 
values of £^| from equation (ii), C, and Cj 
In general 
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E = fO 00591 (Concentration of electrolyte in anode)^ 
n Concentration of electrolyte in cathode 


This equation shows that the value of is inversely proportional to 
the magnitude of the concentration of electrolyte in anode (C,) and directly 
proportional to the magnitude of the concentration of electrolyte in cathode 
(Cj). Thus the value of £ can be increased by decreasing the value of C and 
by increasing the value oTCj. ' ' ' 

To calculate e.iii.f. of a given redox reaction taking place at 298 
K in electrochemical cell 

Suppose we have to calculate e.m.f. of the redox reaction 
a A + bB s=t cC + dD 

^curing in an electrochemical cell at 298 K. e.m.f. of this redox reaction is given 
by Nemst*equatiion viz. 

e.m.f. of redox reaction or £ 


= £ 


redox reaction 


. 00391 logSfD]" 


298 K 


n - [A]* [B]** 

In this equation: 

^redox reaction ~ Standard e.m.f. of the given redox reaction 

/i = No of electrons involved in the redox reaction 

Solved Examples 

Example 1. The e.m.f. of the following cell is found to be 0.20 V at 


that: 


Cd I Cd^* {.?) II NP* {2. OM) | Ni 

What is the molar concentration of CtP* ions in the solution? Given 

C<P' I Cd = - 0.40 V. NP* /Ni = - 0.25 V 
Solution. The redox reaction taking place in the cell is 

Cd + Ni^ —♦ Cd**+Ni (#i» 2 ), £^=0.20 V at 298 K 
(2.0 M) (Cone » ?) 
is given by Nemst equation viz. 

- ^ 0 0.0591 [Cd**] [Ni] 

*«*=*ccu-r—logi— ^ 


[Cd][Ni**] 


or 


n-v,_r0 0.0591 , [Cd**]xl 

0-20= £„,,-— log — * 

2 1x2 


..(/) 


Now is given by: 

^«ll = fwgher - ftoarer --0.25-(-0.40)» + 0.15 V 
Put = +0.15 V in equation (i) to get: 

0.20-0.15-log 


2 


2 
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. [^_ (0.20-0.15)x2 _,^q 

■ ' ^ 2 0.0591 

or log [Cd^] - log 2=-1.6920' 
or log[C<F*]-0.3021=-1.6920 
or log[Cd^^]=-1.6920+03021=-1.3899 

[Cd^*] = Antilog (-13899)=0.0409 M (Aaswer) 

Example 2. Iron and nickel are used to make an electro-chemical cell 
by using a salt bridge to join a half-cell containing I.OM solution ofFe‘*{qq) 
in which a strip of Fe has been immersed to a second half cell which contains 
1 . 0 MNi-\aq) solution in which a strip of Ni has been inmersed. A voltmeter 
is connected between the two metal strips. T. 

(i) In which half-cell does reduction occur? 

(ii) Write the half-cell reactions. 

(ill) Which metal is anode? 

(iv) In which direction are the electrons passing through the voltme¬ 
ter? » 

(v) What would be the effect on the voltm'eter reading, if Fe^* concentra 

tion is increased. \ 

(vi) What will be the voltmeter reading when the ecll reaches 
equilibirium? 

Given that F'*/Fe = - 0.44 Vand'NP^ifli — - 0.25 V. 

Solution. Since NP*/Ni (=-035 V)> I!c**/Fe(=-0.44 V),Ni^/Ni electtode 
acts as cathode and Fe^/Fe electrode acts as anode. Thus the cell can be 
represented as: 

j- >- Electroid — 

Fe|Fe"^ ft Ni"’|Ni 
Anode Cathode 

(0 Obviously reduction takes place at cathode which is NP/Ni electrode 
ornikel half-cell. 

(ii) Half-cell reactions are: 

Fe ^ Pc** + 2e' {On anode) 


NP + 2e- . 
Cell reaction: Fe+NP - 


Rcductian 


Ni {On cathode) 


► Fc**+Ni 
( 1.0 M) 


(I.OM) 

(ill) Fe metal is anode. 

(i v) Electrons are passing from iron (andde) to nikel (cathode) 
(v) We know from Nemst equation 

Q^591 

-*edl 


'odi 


log 


[Fe^n 


[Ni"n 


This equation shows that the value of is mvasdy propcntUMial to 
the concentration of Fe**, [Fe**]. Thus When the conceilation of F** ions is 
increased, the value of decreases, Le. voltmctw reading decreases 
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(v/) When the cell reaches equilibrium, the electrode potentials of both 
the electrodes become equal and hence £ becomes zero. 

Example 3. Calculate the standard electrode potential ofNi^*/Ni elec¬ 
trode, if the cell potential of the cell: 

Ni INi^* (0.01 M)\\Cu^* (O.J M)\ Cu 

IS 0.58 y. Given ^ + 0.34 y (D.S.B. 1993) 

Solution. Cell reaction is: 

Ni + Cu^^- 

(O.I M) (0.01 M) 


NP’ + Cu (« = 2) 


°^^ccN fo'" ‘he cell involving the above cell reactiion is given 
by Nemst equation viz. 

P _ 0 0.0592 , [Ni^"] [Cu] 

^cell = £^«ll-log — ^ J 


or 


- 0.0592 

0.58-£^i,-— log 


or 0.58 

Now we know that: 


£°i, +0.0296 


[Cu^"] [Ni] 
0.01x1 
0.1x1 


or 


^cell ~ ^cathode 


- *0.34 - 


- £® - 

»node - ■^Cu^VCu 


- £ 


Ni'VNi 


...(/) 


...(ii) 


Put the volue of from equation (ii) in equation (/) to get: 


0.58 = + 0.34-£j.3.,^.+0.0296 
^Ni’VNi ” -0-2104 V(Ans>ver) 

Example 4. Zinc granules are added in excess to a 500 ml ofl.O Mnikel 
ntirate solution at 25°C until equilibirium is reached. If the standard 
reduction potential of Zn^VZn and NP'/Ni elctrades are - 0 75 y and 

- 0.24 y respectively, find out the concetration ofNi^* ions in the solution at 
equitibirium. j j 

Solution. The redox reaction occurring in the cell at equilibirium can be 

written as: 

Zn + NF* —> Zn^* + Ni (n = 2) 

Nemst equatioin for this reaction is: 

, [Zn'n 


P — IT® 
^ritll ~ £-ccll 


,0 0.0591 


log 


[Ni'"] 


...(0 


At equilibirum, since E„„ = 0,[Zn^*]=[Zn'"]^ and [Ni^"] = [Ni^*] 
equation (/) should be written as: ’ 

0.0591 . [Zn'"L 


^cell - 


log 


Jeq 


Now. 


[Ni'"] 

f ® _ C-O c-o c-0 

^cell ^higher 


...(ii) 


leq 


Ni'*/Ni 

=-0.24-(-0.75)=0.5 IV 


- £ 


'Zn’*/Zn 
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putting = 0.51 V in eqation (ii) we get: 


0.0591 , 


leq 


or 


or 


> 5 :;;^ = Anmog 

. 2 + 


' 2x0.51 ' 
. 0.0591 . 


[Ni'^e, 


= 1.815 10'’ 


V I 

Initial number of moles of Ni’* ions = 0.50 mol 
If.* mo'ies ofNi’* ions react at equilibirum then: 

Zn +. NP 


No. of moles of Ni’VZn’* 
ions in the begining 
No. of moles of Ni’VZn’* 
ions at equilibirium 
Concentration of Ni’*/Zn’* | 
ions at equilibirium j 

.2+1 


0.50 mol 
(0.50-x) mol 
2 (0.50-x) mol L' 


»Zn’" 

0.0 . 


...(Hi) 


Ni 


xmol 


2xmolL‘' 


Put [Zn^* ]«, = 2jr and [Ni^'' = 2(0.50 - x) in equation (Hi) to get 

2(0.50-x) "1-*15’' 10” 

.•.x = 0.5 

Concentration of Ni’* ions at equilibirium 

= 2(0.50-x) = 2(0.50-0.50)= Zero (Answer) 

Example 5. A cell. Ag \Ag* |1 CtP* \ Cu initially contains IM Ag* and IM 
Cu^* ions. Calculate the change in the cell potential after the^passage of 
9.65A of current for 1 h. ^ f 999) 

Solution. Amount of electrons passed through the cell 
Q At (9.65^) X (60x605) 

"J~ F ~ 96500 C.mor' “0.36mol. 

In the initial stage (i.e. befroe passing the current) number of moles of 
Cu’* and Ag* ions is 1 but in the final stage (i.e. after passing the current) the 
number of moles of Cu’* and Ag* ions changes. Thus: 

Cell reaction'. 2Ag + Cu’* ?=»Cu + 2Ag (n-2) 

No.ofmolesofCu‘*/Ag* 1 l.OM l.OM 

ions in the initial stage J 

f, 0-36 "1 

No.ofmolesofCu^*/Ag* l (1-0.36)M 

ions in the final stage J =1.18M =0.64M 

Now let us calculate (£ceii)initiii (-^ceiOfinal with the help of Nemst 
equation 


Electrode Potentials and Their Applications 


737 


('^ccll)miti«l ^cell 


(^cell)fiiBl = “ 


,0 0.0591 


log 


[Ag^]^ n 0.0591 

r/^.2+1 ~ ^cell T 


[Cu^^l 


'cell 


^ log Mi 

2 ^ 


2 

0.059 

2 


log 


(1)‘ 


x0 = £ 


'cell 


= r0 0.0591 . (0.64)^ „0 

* *«ll-r— log ^- — = ^cell ~ 

2 U8 

= £^, -0.01355 

Change in cell po.ential, A£ is given by: 


0.0591 


log 0.3471 


^ C'fcell )final " (^^cell)initial = ^ccll " 0.01355 - £0„ 

=-0.01355 V (Answer) 

Example 6. Consider the following cell reaction 

o/rte/o/towing changes on the e.mf of the cell, 
odded to the cathodic compartment 
/ \ ^ added to the cathodic compartment t 

(c) More water is added to cathodic compartment. 

(d) The size of Zn electrode is doubled. 

anode^Md?^w!electrode acts as 
anoae ana co /Co^ electrode acts as cathode. 

Zn(5) I Zn^\aq) || Co^\aq) | Co^*(aq) 

Anode Cathode 

From Nemst equation, £^„ for the given cell reaction can be written as: 

£„,, = £»„ - .2:2^ log 

the al^”**reaction, the numbL of eSns^ ^ ^lolved = 2 
the above equation can be written as: mvoivea i. 


= ££ 


[Co^Had)f\Zn^Uaa)^ 

® r.^ ti. - . 


...(0 


. 2 - [Co^*{aq)f [Zn(s)] 
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added to the anodic compartment, the concentration of Zn^\aq) ions i.e. 
[Zn^*(a^)] decreases and hence the value of increases. 

(d) The doubling of the size of Zn electrode does not affect the magni¬ 
tude of since the concentration of Zn(s) viz. [Zn(5)] is always taken as 
unity [[Zn( 5 )l = 1 ] irrespective of the mass of Zn electrode. 

Example 7. The standard reduction potentials of Cu-*/Cu and AgVAg 
electrodes are 0.337 and 0.799 volt respectively. 

(/) Construct the galvanic cell using these electrodes so that the standard 
e. m.f of the cell is positive. 

(;■/) For what concentration of Ag* ions, the e.m.f. of the cell at 25 C is 
zero, if the concentration Of Cu-* ions is 0.01 M. 

Solution. (/) Since AgVAg elecrode has higher value of its standard 
reduction potential, it will work as cathode and Cu-’/Cu electrode will act as 
anode. Thus the galvanic cell can be represented as: 

Cu(5) I Cu^Tfl?) II AgXflfl) I Ag(5) 


Anode Cothode 

(ii) The cell reaction as: 

Cu(i) + 2 Ag '(.aq) -> Cu^'laq) + 2 Ag(s) (n = 2) 

C. = +^Ag*/Ag =-0.337 + 0.799 = + 0.462V 

On using Nemst equation to the cell reaction, we get: 

_ _o 0£591 [Cu^nxjM 

£ccll = *ccll “ - 


or 


0.0 = 0.462- 


2 

0.0591 


log 


lCu]x[Ag"]' 

0.01 X1 


IxlAg*] 




or 


or 


or 


0.462 X 2 


= log 


0.01 

[Ag*]' 


0.0591 

15.6345 = log 0.01 - 2 log [Ag*] 
15.6345 = -2-2 log [Ag*] 

2 log [Ag*] = - 2 - 15.6345 
-2-15.6345 

log [Ag*] =- - - - 8.8173 


[Ag*] = Antilog (-8.8173) = 1.523 x 10-*M (Answer) 
Example 8. The standard electrode potentials are given as 


^ i 0.34V and E° = 0.80 V. Calculate the cell potential {E^J 

for the cell containing 0.1 M Ag* and 4.0 M Cu^* at 2S°C. {A.I.S.B. 1997) 

Solution. 3V?mw that the electrode having higher value of £* acts as 
cathode and that having lower value of £® acts as anode. Thus the cell can be 
1 epresented as: 

CulCu**||Ag*lAg 
Anode Cathode 

Oxidation hnd, reduction half-reactions can be written as; 



Electrode Potentials and Their Ap plic ations 


739 


Cu_ g»id«i«. , cu^+2e-, =-0.34V 

> 2A8; £^,,^=0.80V 
Cell reaction ;Cu + 2Ag*-»Cu**+2Ag(« = 2); 


=-0.34+0.80=0.46 V 

n ^ [Cu][Ag*]2 

0.0591 ,4x1^ 4 

.0.«- —log^^.0.46-0^5log — 

-0.<«-0.0295log 

® 001x100 

=0.46-0.0295 [log400-log 1]=0.46-0.0295 * 2.6020 
=0.46-0.0767= 03833 V(Auwer) 

■>op (^) the potential of the following cell reaction at 

29S K. 

Sn** U-50M) + Zn(s) - *Sn^ (0.50M)+Zn^* (2.0M) 

The standard potential ( ) of the cell is 0.89 K 

(6) Whether the potential of the cell will increase or decrease, if the 
concentration of Sn** is increased in the cell ? iA.l.S.B. 19^7) 

Solution (fl) According to Nernst equation £^Is given by: 

^ n '^[Sh^][ZhX5)l 


=0.89- 


0.0591 , 030x2.0 


log 


0.1 


=0.89 - 0.02955 


=0.89-0.02955 Ipg0.0666=0.89-0.02955 x 1.176 
=0.89-0.0347=03553 V CAnswer) 

(6) Suppose the concentration of Sn** is increased to 2.0 M, dien 

£^=0.89-0.02955 log ^ =0.89-0.02955 x Iog0.05 
=0.89-0.02955 x (_ i30)=0.89+0.0384=03284V 

Thisvalueof£^isliiglierdientbatobtainedat(a).niusiffliec<mcen- 
tratKm of Sn** is increased, the value of £^ increases. 

10. Calculate e.mf. ofthefollowing cell. 

Fe\Fe^\\Sn^*\Sn 
O’-0.6 a=‘0.2 ,, 

£?, = - 0.44 F. £^ = + 0.14 V {MNLR1995) 

Solution. The cell reaction can be written as; 

Fe+Sn**—»Fe^+Sn(ii=2) 


Fin = El^ = a44+flLl4 =+ 0 .M 


...£^=£i._^l^££l 


ISn^l 


-038- 


00531 


<1^ 


2 
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0.0591 , , \ 

= 0.58- —^— logB =f 0.58 - 0.014= + 0.566 V (Answer) 

Example 11. Calculate thestandard electrode potential ofNP*/Ni elec¬ 
trode. if the cell potential of the cell: 

Niis) 1 Ni-\0J)I M) II CtP'iO. 1M) \ Cuis) 
is 0.59 V. Given that Cu'VCu = 0.34 V {DSBE1993) 

Solution. The ceil reaction of the given cell can be written as: 

Ni(s) + Cu^*(o^) —»NPT'*?) Cu(5) (n = 2) 

' C = 0.1 M C = 0.01 M 
Nemst equation for this reaction is: 


£cell “ “ 


cell 


0.0591 INi^^(fli?)][Cu(s)] 

^ [Ni(s)][Cu'*(fl 9 )] 


0.59= £ceii - 


n 

0.0591 


. 0.01 

log- 

® 0.1 


0.0591 , 1 

0.59= £ee« - —log- 

0.59= £®„ +0.0295 
.-. = 0.59 - 0.0295 = 0.5605 

Now we konw that: 

-'cathode ' 


or 

or 


'cell 

-0 

'cell 


— F® 

'^anode 


£ 0 — ft' C 

»ii — e. — c, 


Cu**/Cm “ ^Ni'*/Ni 
0 

Ni'*/Ni 


. =0.34-0.5605 =r-0.22(»V (Answer) 


Eximpie 12. For the cell reaction 

Hgflfs) - *2HgHf)+Cl^(0.8atm) 

Write the half-cell reactions. Calculate E^i and for the above cal 
reaction. 


Given that: £' 


® =+0.27 V and fr. = + 1.36 V 


"a'/Hg,a,(j)/Hg(/) ■ ” ■ a,/2ci' 

SohitiDli. The given cell reaction shows that HgjClj is reduced to Hg and 
CT'ion is oxidised to Cl,. 

Reduction 


Hg,Cl,(s) + 2e- 
{Hg = +1) 


2Hg (/) + 2Cl-(qq), 
(Hg = 0) 


a‘/Hg,aj(a)/Hg(/) +0.27y 

2C^ a,(g)+2«-. ^zV/ci, =-1-36 V 

i (Cl = -1) _ (C1 = 0) __ 

On adding: Hg,C!,(j)—»2Hg(^+d,(g)(0.8atm.)(ii = 2) 

£^ =+0.27 -1.36=-^1.09 V (Answer) 
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E^„ is given by the Nemst reqution 


p _ ^0 0.0591 . [Hg(/)]^x/>(.,, 

^ccll *cell-log- 


=-1.09- 


n 

0.0S91< 


[HgjClzCi)] 

, 1x0.8 . 0.0591x0.097 

log—— =_i.09__ 


2 1 2 
= -1.09 V (Answer) 

Example 13. An excess of liquid Hg is added to an acidified solution of 
1.0 ^ 10'^ M Fe^*. It is found that 5% of F^* ion remains at equilibirium at 
25°C. Calculate E?{Hgl*/Hg), assuming that only the reaction that occurs is: 
2Hg + 2F^* -» Hgl* + 2Fe‘* 

Given that £* {Fe^*/F^*) = 0.77 V (/./. T. 1995) 

Solution. For the reaction: 

(a) 2Hg + 2Fe»*-» Hg|*+2Fe^(n = 2) 

C'O C=1 C=1 C-1 

EP is given by; 

\+El 




•'ox ' ‘'red 


= - +E 


' 2 Hg/Hg|’ 

0 

Fe’^/Fe’* 




or 




40 


Now we konw that the value of £® for the above reaction at equilibirium 
at 25‘’C is given by : 

0.0591 , 

[Hg]^x[Fe'*]J, 

In order to get the value of E^ iipm equation (u) equation (a) shtmld be 
written as: 


E° = 


( 6 ) ; 

Concentration 
of ions in the 
beginning 




Concentraticm ) 
of ions at 
equilibirium J 


)0 


2Fe^* «—• 

Hg^ . + 

l.b X 10-3M 

0 

5 

10xl0"^-50xl0"^ 

— <(1.0xl(h«M) 

--M 

2 

-5.0X10-3M 

-4.7Sxl0-Ti« 


2Fe**(B=2) 


( 1.0 X io -»- 
5.0 X 10 M) 
- 9.5 X 10-*. M 


^0 ^0£591^j^ mVU 


2 

0.0591 
“ 2 
(0591 V) 
2 


IHg^x[Fe^li, 


xl (4.75x10^ M)x(95x 10^ M)^ 
1x(5j0x1O"^M)^ 


logO.I71SM 
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or £» =-0.023 V ...(Uf) 

Put £®= =-0.023 V in equation (i) to get the value of '^Hg§*/ 2 Hg 

- 0.023 V=-£®,,.„Hg+0-77 V 

=0.77 + 0.023 = 0.793 V (Answer) 

Hg2 /2Hg 

Example 14. For the galvanic cell: 

Ag I AgCKs) 1 KCl{0.2 hd) II KBr{0.001 M) \ AgBr(s) \ Ag. 
calculate the e.m.f. generated and assign correctly the polarity to each 
electrode for a spontaneous process after taking into account the cell at 
25°C. Givai:(KJ^ =2.8 x lO^'oand3.3 x (/./r. 1992) 
Solation. The given cell can also be represented as: 

Ag I AgCI(s) I C|-(0.2 M) II Br(0.001 M ) | AgBi(x)| Ag 
Anode Cathode 

Oxidiation half-reaction taking place on anode and reduction half- 
reaction occuring on cathode are: 

Ag (i) + Cl" (aq) —OxKUtioit ^ d + gr ^Qn anode) 


Ag Br (s) + er —> Ag (s) + Br (ag)-(On cathode) 
Ceil reaction is obtained by adding above two half-reactions; Thus : 
Cell reaction: AgBr(s) + Cl'ffl?)- > AgCI(s)+ Br{aq) (u = I) ...(a) 


(0.2 M) 

« (Cl ] 

„ 0.001 
^c.«= £^ 11-0 0592 log 

Now we know Oiat is given by: 

£ 0 r-O 

oeU - /^ciliiode ~ *■ 


(0.001 M) 


or £ia=EL...^..-£! 


Br~/AgBl/Ag 

Now we know that 


a'lAgO/Ag 


C/Agm/Ag = ^^^/Ag +0.05921og(Ji:^^ 
»™*^-/Agp,A,= ^;:,VAg-^ 005921 og(A^^ 


-(0 


...(h) 

...(Hi) 

-(tv), 


Pm the vines of ^Br'/Agm/Ag ^a'/AgcvAg fro™ equatiions (Hi) and 


(iv) respectively in equation (li) to get the value of . 




+0.0592 log(£J^ 

‘ (^^>)Atfr 33x10“'^ 

00592iogJJ^=0.0592log 

■ ...(V) 


£^=-0.1732V 
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Now put £°^|| =-0.1732 V in equation (0 to get the value of 


£^,=-0.1732-0.0592 log 


0.001 

0.2 


= -0.0371 V (Answer) 


Since the value of £^^„ comes out to be a negative quantity, thb cell 
reaction shown above at (a) is non -spontaneous. The spontaneous reaction 
is the following reaction which is the reverse of reaction (a) 

AgCl(j) + Br(nq)-» AgBr(s) + Cl (aq) 

According to this reaction the cell should be represented as: 

Ag I AgBr(i) I Br (0.001 M) |l Cl (0.2 M) | Ag Cl(j) | Ag 
Anode (Negative terminal) Cathode (Positive terminal) 
Example 15. The e.m.f of a cell corresponding to the reaction. 

Zn(s) + 2H*{aq) -» ZrP' (0.1 M) + Hj^g. I atm) 

is 0.28 V at 25°C. Write the half-cell reactions and calculate the pH of the 
solution at the hydrogen electrode. 

Given that E" •.0.76 V and E\ , ^ 0.0 V (I.J.T. 1986) 

H /—H-> 


2 


Solution. The two half-reactions are: 

Zn(s) Oxidation ^ Zn-^flq) + 2^-; £° 

2H* (ag) + 2e- > Hj(g), 


= +0.76 V 


£^ = 0.0V 


FL = Ei + £i. -+0.76 + 0.0=+0.76 V 


‘'ceU ^ox“^red 

Now, according to Nersnt equation, we have: 

„ „o 0.0591, [Zn^^]x 

Ectn = ‘^cell--log 


^cell 


0.28 = 0.76- 


2 

0.0591 


log 


[Zn]x [H^]^ 
0.1x1 


(Here n = 2) 


lx[H*]^ 


0.0591 

0.28-0.76=-^;— {log(0.1)-21og[H’]} 


-0.48x2 

-0.0591 ==-1-2’'(-pH) 
=-l+2pH 
0.48x2 


[v log[H^]=-pH] 


0.48x2 1 

pH = -+1 X—=8.62 (Answer) 

. 0.0591 J 2 


Concentration Cells 

Cocentration cells are galvanic cells in which both the electrodes are of 
the same material but the concentration of the electrolyte ions in them are 
different. The electrode having smaller concentration of Ae electrolyte ions in 
it acts as anode (negative tenninai) while that havii^ larger concentration of 
the electrolyte ions acts as caAode (positive termianal). Some examples of 
concentration cells are: 

(0 Cu(5) I Cu»*{C,)|l Cu*»(q) jCu(s)(C,>C,) 

Anode Codiode 
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00 Pt, H,(g) I H*(C,) i| H*(C,) I H,(g), Pt (C,> C.) 

Anode Cathode 

. (»0 Hg I Mercurous nitrate solution || Mercurous nitrate solution | Hg 

Anode Cathode 

In all the concentration cells Cj > C,, since Cj is the concentratioin of 
electrolyte in cathode and C, is the concentration of electrolyte in anode. 

To calculate e.m.f. of a given concentration ceil at 298 K 

As an example let as calculate e.m.f. of the following concentration 

cell. 

Cu|Cu^*(C,) ||Cu^^(C,)|Cu 
Anode* Cathode 

Obviously half-reactions taking place on anode and cathode are- 

(C,) 


'ftnode 


(Cu>-) 

(C,) 


2^“ Reduction 
cathode cathode 


(^)e«hode* “ (^Cu^VCu) 


Cell reaction: 


(C,) 


cathode 


K*) 

(C.) 


anode 


cathode 

+ (Cu) 


cathode 


^ ^^’ove cell reaction is given by Nemst equation viz. 


■'cell 


PO 0.0591 , 
*cell -log 


or 


5S C-O _ 

1 . ^oell 


n . 
0.0591 
n 


log 


[(Cu"*)„.hod.] 


anodeJ 


A ^ 

The value of E°^ required in equation (/) is given by: 

^^1 = eL +.eL = (^cu’vcu = zero. 


...(0 


Thus for a concentration cell £®„ =0. On putting £®„ =0 in equation 
(0, we get: 

„ - 0Ji91 , C, 

^cell =0-•o8~ 

n C 2 


-OO 


It is evidoitfiom equation (//) diat to get positive value of £_„, C shnuM 
be greater flianC,. * 

SdvedExainples 

^ Example 1. The'e.m.f. of the cell Hg ] Mercurous nitrate {0.OIM) || 
M^curousnitratei0.1M) \Hgisfoundtobe0.059J Va298K. Whatisthe 

valency qf the murcurous ion in mercurous nitrate ? 
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Sotution. Since the given cell is A concentration cell, its e.m.f. is given by 
the Nemst equation given below. (For a concentration cell = 0) 



0.0591 

n 


log 


Concentration of solution i n anode 
Concentration of solution in cathode 


or 0.0591=0- 


0.0591 

n 


log 


0.01 

0.10 


or 0.0591=- 
or 0.0591=- 


n = l 


0.0591 , 

-log 

n 


10 - = -^ 
n 


0.0591 , „ . 0.0591 

-x(-l)x 1 =- 

n n 


(-1) X loglO 


Thus the valency of mercurous ion in mercurous nitrate = 1 (Answer) 
Example 2. A cell contains two hydrogen electrodes. The negative 
electrode is in contact with a solution of I (T*M W ions. The e.m.f of the 
cell is 0.118 V at 25°C. Calculate the concentration of H* ions at the positive 
electrode. (LIT. 1988) 

Solution. Let the concentration of H* ions in the positive electrode be C. 
Thus the cell can be represented as: 


Pt. H,(g) IH* (lO^M) II H‘ (C=?) I Hj (g), Pt 
Negative Electrode Postive Electrode 
(Anode) (Cathode) 

Obviously the above cell is a concentration cell, since the electrodes of 
the cell are of the same material. Since the £® „ of the above cell in,equal to 
zero, ^c. of this cell is given by Nemst equation viz. 


E" _ rO 0.0591 Concentration of ions in anode 

-log 


= 0 - 


n 

0.0591 


Concentration of ions in cathode 


or 


or 


*^ccll 


0. 0591 
1 


1 

log 


, 10 '* 
log-^ 

10 ~® 

c* 


0,i8 = -^logi^ 

1 ® C 


-0.118 , 10-* 

or-- log —— 

0.0591 ® C 


or - 1.9966 = log 1 O’*- log C 
or-1.9966 = -6-logC 

log C=- 6 +1.9966=-4.0034 
.'. C = Antilog (- 4.0034) = lO’* M (Answer) 

Alternative solution. Oxidation and reduction half-reactions mWing p i ac f 
in the cell are: 
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Onidition ^ (2H*)„^ + 2e"(AtModc) 


Reduction 


♦ (" 2 )c.*ode (At cathode) 


(H,), 

(2//")c.ftode+2e 

Thus cell reaction is: 

^ (H2)«node +(2H*)cMhode' 

(C=?) 

of the above cell reaction is given by Nemst equation 
^ _ 0 0.0591 

• ~ *cell *®8 


(2H")^+(Hj)e^(n = 2) 

(C= lO*) 


n. 


[(H")choder 


0.0591 , (lO"^)^ 

0.118=0-—;:—log — 


0.118 = - 


2 

0.0591 


(O^ 


X 2 X tog 


10" 


0.118=-0.0591 log 

-0.118 , 10" 

■ = log 


10 ' 


0.0591 ° C 

C =10-^ M (Answer) 

Exniuple 3. Find the solubility product ofa saturated solution ofAg^CrO^ 
in water as 298 K, if the e.mf. of the cell 

Ag 1 Ag* {saturated solution ofAgjCrO^) || Ag* (0.7 A/) I Ag 
is 0.164 Vat 298K. {U T. 1998) 

Solution. Let the concentration of Ag* ions in anode be C. Thus the 
given cell can be represented as; 

. ^ Ag|Ag*(C=?)llAg*(0.1M)|Ag 

* Anode Cathode 

i Obviously the given cell is a concentation cell, since both the electrodes 
of th4 cell are of the same material. Since the value of of such cells is 

equal to zero, the value of is given by; 

0.0591. Concentration of Ag'^ions in anode 
£_.=-log - 


or 0.164=-- 
0.164 


n Concentration of Ag^ions in cathode 

0.0591, C 

-log— 

1 ^0.1 


or 


= log C- log 10"' 


- 0.0591 
or -2.7749 = log C + 1 
or -3.7749 =log C 
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hence: 


C=AntiIog(-3.7749)= 1.6791 X IQ-'M . - . 

We know that AgjCiO^ ionises as:' V , 

AgjCi0^i*=»2Ag'^CK)i- 
•- [^vlAg,CK>, =(Ag*l'x[CrOj-] 

Now since the solution of AgjCrOJs saturated, [CrOj- and 


(1.6791x10^)^ 4.7340 xlO"*^ 


=2J67xio-« (Answer) 


2 2 
Example 4. For the ceil: 

Ag(s) \ AgNO^iO.OlM) i| AgNO^a.OM)\ Ag(s) 

(0 C alculate e.m.f. at 25°C (ii) Write net ceil reaction {Hi) Will the cell 
generate e.m.f.. if two concentrations become equal? {A./. 1994) 

Solution (i) Since the given cell is a concentration cell, its e.m.f. is given 
by: 

0.0591 Concentration of the solution in anode 
-log 


n 

0.0591 


Concentration of the solution in cathode 


, 0.01 

~r:r(Heren= 1) 


1 “ 1.0 
=-0.0591 X log 10^* 

= -0.0591 x(-2)xi 

or £^, = + 0.0591 x2 = 0.1I82V(Answer) 

{ii) Cell reaction is obtained by adding oxidation and reduction half¬ 


reactions as shown below 
(Ag), 


OxMtaiian 


> (Ar). 

(C=0.001 M) 


+ e" 


(Ar)c,^ 

(C=1.0M) 


Reduction 


(Ag), 


(Ag)A»* + (AgOo*.* —> (Ag')^ + (Ag)^^ (« = 1) 
(C=1.0M) (C=0.0IM) 

(hi) If the concentration of Ag* ions in both the electrodes becomes 
equal, then 

„ 0.0591, C 

—j-iogj 

or £^=-0.0591 x log 1 =-0.0591 x0.0=0.0 
Thus the cell will not generate e.m.f., since die value of e.m.f. becomes 
equaltozero. 



748 


Electrode Potentials and Their Applications 


Equilibirium Constant of Redox Reaction s(K^ 

To calculate the equilibirium constant (JT^) of a given redox 
reaction at equiiibrium by Nernst equation 

Let us calculate the equilibirium constant (K^ for the following redox 
reaction at equilibirium 

Zn(s) +C\i^*(dq) »=-» Za^*{aq) + Cu(s) (n = 2) . ..(A) 

(RA, (OA) 

Since the given redox reaction is at equilibirium, the electrode potentials 
of the two electrodes viz. Zn^*(aq) | Zn(s) and Cu’*(aq) | Cu(j) involved in the 
reaction are equal/.e. ^cu'*(<.,)/cu(,) “d henceor 

£^, is equal to zero as shown below: 


^redo, rtKlion ^cell “ ^Cu'*{fl«)/ClKj) ^Zn’‘(<l,)/ZlKl) “ “TO 

From Nemst equation of equilibrium (A) is given by: 

0.0591, [Zn^'^(fl9)][Cu(5)] 




[Zn(5)][Cu'^(flg)] 


or 


■"cell 


^ 0.0591 ._[Zn^^(fl9)] 

-4.-— 


..(0 


Now since, =0, [Zn^*(aq)] = [Zn^Co?)]^ and [Cu’*(flq)] = [Cu^*{aq)]^, 
equation (/) can also be written as: 

_o 0.0591, tZn^^(fl9))e, 

0= ^cdi —7“ »08- ir?v;-,, 

2 [Cu^ (oq)] 


or 


^0 0.0591, IZn^*(a9)] 

^ceii = —7—‘ 08 ;-^ 

L li >■' I nr» 11 

leq 


[Zn'"{a9)l 


2 

ieq 


'[Cu^"(a9)], 


...(«■) 


Now since [(;;u^*(aq)] is called equilibrium constant of redox 

tion (A) 

tZn^*(aq)]^ 


reac- 




[Cu^"(aq)]^ 


...(/lO 


With the help of equation (iit), equation (ii) can also be written as: 



In general, the value of for the redox reaction, 
aA + bB cC+dD 

which invoLves the transfer of n electrons, is given by: 


...(rv) 


..(B) 
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0.0591 


redox reaction 




...(v) 


In equation (v) 

^ceii ^^x reaction = Standard cell potential for the given redox 
reaction 


= 


cathode 


^ r*0 ^ P'0 pO 

^anodc ^OA ^RA 


= Equilibrium constant for redox reaction (B) 

[cnoY 

[Anaf 


Solved Examples 

Example 1. The standard reduction potential at 25°C of the reaction 
2Hp + 2e- - > + 20H- 

is equal to - 0.8277 V. Calculate the equilibrium constant for the reaction, 
2Hp —> Hp* + OH- at 2S°C. (/./. T. 1989) 

Solution. The reaction, 

2HjO—).H,0* + 0H- .„(/) 

for which the value of is to be calculated is a redox reaction. This reaction 
can be broken into the following oxidation and reduction half-reactions 

(a) 2HjO + Hj .-Oxi^tion ^ 2H,0*-i-2r, £„„ = ? 

(H = 0) (H = +l) 

(b) 2HjO + 2e-_J<£dl!£li2!L^Hj-H20H-, =-0.8277 V (given) 

(H = +l) (H = 0) 

Obviously the given redox reaction (i) can be obtained by adding reac¬ 
tions (a) and {b) as shown below; 

4HjO —► 2H,0* + 20H- (n = 2) 
or 2 Hj(5 —> H 3 O" + OH- (« = 1) 

Obviously redox reaction (i) involves the transfer of one electron 
(n = 1) only. In order to find out the value of E°^, write the oxidation half¬ 
reaction (a) as: 

2HjO + H3— >2Hp^ + 2r 
or 2 HjO + Hj—> 2 HjO + 2 H*-K 2 e- 

or H,—► 2 H*+ 2 e' 

Obviously this reaction represents hydrogen electrode and hence 
E°j^ = 0. Thus the value of £* for the redox reaction (i) is given by: 
^■LoxnrKtion = = 0H-(-0.8277 V)=-0.8277 V 

The value of for the redox reaction (/) viz. 

2Hp —>2H,0*+OH- 

which involves the transfer of only one electron (« = 1 ) and whose 
^redoxreKtion ~ ~ 0.8277 V is given by; 
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0 _ 0.0591 [H30^]^[0H-] 

0.0591, ^ 

or -0.8277=—j—log/Teq 

log/:„ =-= -14.0 

0.0591 

= Antilog (-14.0) = 10"“ (Answer) 

Example 2. Calculate equilibrium constant for the redox reaction. 2Fe^* 
+ 2P* + 13 . The standard reduction potentials in acidic medium are 

0. 77 V and 0.54 V respectively for F^*/Fe‘* and IJ /1" couples. (J.I. T. 1998) 
Solution. The given redox reaction is 

2Fe’* + 31- 5==s + I 3 (/i = 2) ...(0 

(Fc = +3) (I = -l) {Fe = +2) (I = -1/3) 

The value of for the above redox reaction is given by: 

0.0591^JFe^)'[li] 


redox reaction 
0 


„„ 0.0591, ^ 

or ^ redox reaction ^ ^OgA.^^ '"OO 

Obviously, in order to find out the value of K from equation (//), the 


[Fe'^]'[r]' 


.value of £'redoxi 


and n must be known. 


It is evident from equation (/) that« = 2. ^r^ox ie»ciion is given by: 

frVx reaction = ^higher ” ^lower =0.77-0.54 = 0.23 V 

On putting n = 2 and reaction = 0.23 V in equation {it), we get: 


0.0591, ^ 

0.23 = —r—log A, 


or 


log/^c, = 


2 

2 X 0.23 


eq 


7.7834179 


0.0591 

K = Antilog (7.7834179) = 6.26 x 10’ (Answer) 


Example 3. Calculate the equilibrium constant for the reaction Fe^* + 
Ce"*i==*Fe^* + Ce^\ Given that = 1.44 V. = 0.68 V 

(I.I.T. 1997) 

Solution. The given cell reaction is; 

Fe’" + Ce"* a==i Fe’-' + Ce’* (n = 1) ...(0 

The value oiK^ for the above cell reaction is given by: 

0 0.0591 [Fe^^LC e^n 

^cell reaction — *®8, 


n 

0.0591 


[Fe^niCe^"] 




...(«•) 


^ccll reaction 

n 

Now £°j,| = £higher ~ Eumer ~ 1 -44 - 0.68 = 0.76 V, and « = 1. Put these 
values in equation (ii) go get: 
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0.0591, „ 

0.76 = —j—log^e, 

log =^^^ = 12.8552 
^ 0.0591 

^^“Afitilog (12.8552)=7.6 x 10'’(Answer) 
Example 4. Calculate the equilibrium constant far the redox reaction, 
Zn{s) + Cu^{aq)^=* Zn‘*{aq) + Cm(j). Given that CiP*/Cu = 0.337 V and 
Zn^*/Zn = - 0.763 V. Predict whether the given redox reaction will go to 
completion. 

Solution. The value of for die given redox reaction for which n = 2 is 

given by; 


or 


redox reaction 


rO _ rO 

^higher ^lovrer 


0.0591 [Zn^*(flg)] 

« [Cu^*(a9)] 

0.0591, ^ 

-log/:„ 


or 


or 


^ 0.0591 

0.337-(-0.763)=^7-logA: 


1.1 = 


2 

0.059 1 

2 

2x1.1 


-iogA:„ 


0391 


= 37 


Thus 


Antilog (37)= 10^’ 
_ [Zn^^aq)] ^^37 




[Cu2*(at7)] 


Since the value of is quite high, the reaction between Cu^* ions and 
metallic Zn (/.e. the given redox reaction) will go to conqtletion. 

Example 5. Calculate the equilibrium constant for the redox reaction 
between Sn(s) and Pb^*(aq) iohs. Will this reaction go to completion (Plf^/Pb 
= -0.126 y and Sn^*/Sn =-0.136 V)? 

Solution. Redox reaction is: ** 

Sn(s)+Pb**(aq)*=i Pb(s)+ Sr3*(aq) (n = 2) 

(RA) (OA) 


for this reaction is given by: 


'redox reaction ~ 


0.0591 [Sn^"(ag)] 

n {aq)] 


or 


or 


JT® 

^OA 


Pb’*/Pb ^Sn*‘/So“ 


„0 0-0591, ^ 

.£«a= -log/:- 


n 

0 .0591 
n 


logK^ 



752 


Electrode Potentials and Their Applications 


0.0591 . „ 

or -0.126-(-0.136)-^ log/:^ 


2 x0.01 
0.0591 ~ 


2 (Answer) 

Since the value of is very small, the reaction between Sn(s) and 
Pb^*(a^) will not go to completion, i.e. reactants and products both will be 
found in significant amount at equilibrium. 

Example 6. Determine the equilibrium constant for the following redox 
reaction at 298 K. 

2Fe>* + Sn^* -> 2Fe‘* + Sn*' 

From the calculated value of equilibrium constant, predict whether 
Sn^* ions can reduce Fe^* ions to Fe^* ions quantitatively or not. Given 

= 0.15 V. 

Solution. Redox reaction is: 

2Fe5’ + Sn^* —► 2Fe^* + Sn^* (« = 2) 


(OA) (RA) 


K for this reaction is given by: 

0.0591, [Fe^*f[Sn^*] 


^ redkix reaction 

0.0591 


or 


-OA 




logK^ 


or 

or 


0.771-0.150 = 


0.0591 


log^„ 


log^,= 


2 X (0.771-0.150) 
0.0591 


= 21.0 


=Antilog(21.0) = 1.0 X 10*‘(Answer) 

Since the value of is quite high, the given redox reaction will go to 
completion, i.e. Sn** ions will reduce Fe^ ions to Fe** ions quantititatively. 

Standard Free Energy Change (AG*) 

To calculate free energy change (AG) of a redox reaction occuring 
in an electrochemical ceil 

When a redox reaction takes place in an electrochemical cell, electrical 
work is done by the cell on the surroundings, i.e. electrical work is obtained 
from the cell. This work (IF) is equal to the free energy change (AC) of the redox 
reaction (cell reaction), i.e. 

W=EG ...(0 

Change in free energy (AG) is equal to the product of the quantity of 
electricity flowing in the circuit and e.m.f. of the cell reaction, or 

^rediM icacliaii’ 
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AG=Quantity of electricity flowing in the circuit x 
or ^G^nF^E^^ “..(if) 

Here nF= Quantity of electricity 

n = No. of moles of electrons transferred in the redox reaction 
F=Faraday = %500 CmoH 
From equations (/) and (ii), we can write 

lF=AG = nF£„„ ...{Hi) 

Now since work is done by the cell on the surroundings, AG is a negative 
quantity, i.e. 

AG = - «££„,, (;v) 

On combining equations {tii) and (iv), we get; 

W=lsG = -nFE^ ...(v) 

As a matter of fact, fV is the maximum work that can be obtained 
from the cell or from the redox reaction occurring in the cell. Thus equation (v) 
should be written as: 

»'^. = AG = -/i££^„ ...(vO 

If we put £j® „ in place of £^„ in equation (vO, AG is written as AG® 

which is called standard free energy change. Thus for standard conditions, 
equation (vi) becomes 

»'n« = AG® = -n££°„ ..(wO 

Since n, F and £^|| are expressed by the units viz. mol, C r-o! ' (£ = 
96500 C mol'') and volts ( V) respectively, equation (v/j) can be written as: 

^G° = irn mol) x (%500 C mol ') x („ V) 

AG® = (-n X 96500x £°„ )CV 

AG® = (- 96500 n £® u ) J mol 'f v C.V. = J.mol*') ...[yiii) 


as: 


Now since 96490 J.mol"'= 1 eV.atom ', equation (viii) can also be-written 

. -96500xnx£°„ „ . , 

AG®=--—--^eV.atom-' 

96490 


AG® = - /j X £^1 eV.atom'' 


...(«) 


Whenever AG® as to be calculated in J.mol'', equation (vri7) must be 
used. If AG® is to be calculated in eV.atom'', equation (ix) should be used. 

If a redox reaction occurs spontaneously, its AG® would be negative. 
Thus if AG® is positive, the redox reaction would not occur spontuieously. 

To calculate standard free energy change (AG") for a given 
electrode or for its half-cell reaction (electrode reaction) 

Let us consider M'^Ca^) | M(j) electrode. The half-cell reaction corre¬ 
sponding to this electrode is: 

W^{aq) + ne' — >M(s) 
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Obviously this half reaction involves the transfer of n electrons. The 
value of AC?® for this half-reaction or for M*^(a 9 )/M(s) electrode is given by: 

In general, above equation can also be written as; 

(Af^)EieciiDde = (-965b0x/i XJ.mor' 

(AC?°),^=(-nx£g^)eV.atom- 

Solved Examples 

> Example 1. Calculate the standard free energy change for the following 
cell {redox) reaction 

Fe^*{ag) + Ag*{aq)-^Pe>*(aq) + Ag{s) 

GivenFe^*/Fe^* = + 0.77 V. Ag*/Ag = + 0.80 V.F = 96500C.mol-' 
Solution. We know that standard free energy change (AC?®) for the given 
ceil reaction (br which /i = 1 is given by: 

AC?® = (-fi££^„,aion) Joules 

= [-lx96500x(£«^,.,^^„Joules 
= [-1 X 96500 X (-0.77 + 0.80)) Joules 
# 4 =-0.03 X %500 Joules=-2859 Joules (Answer) 

Alternative solution. Since the given redox reaction is sum of oxidation 
and reduction half-reactions given below, ACT® for the given redox reaction is 
equal to the sum of AC?® values of the two half-reactions. Thus: 

(а) ?f?\aq) > F^(aq)+(AC7®),== - /f,*» Joules 

=-1 X F X (-0.77) Joules=+0.77F Joules 

(б) hg\aq) + r _ Mucikm ^ Ag(s), (ACT®), = /Ag 

=— 1 X £ X 0.80 Joules=—0.80F Joules 
On adding oxidation [reaction (a)] and reduction [reaction (b)] half¬ 
reactions, we get the redox reaction; 

Fe^(flq) + Ag"(aq)-> Fe^(aq) + Ag(j), AG=(AG®). + (AC?°), 

=(+ 0.77£- 0.80£) Joules=- 0.03F Joules 
=-0.03 x%500Joules 

- =-2895Joules (Answo*) 

Exnmfhtl. Calculate the nuocinnim possible electricalworkdtat can be 
obtained front the following cell under standard conditions at 25°C 
Zn(s)\Z,P*{aq)iNF*{aq)\Ni{s) 

Gived2n^*{aq)/Zn{s) = -0.76 V.NP*{aq)/Ni(s) — 0.25 V,F = 96500 
C.mot'. V 

SiMution^Maxunum possible electrical work (IT..) that can be curtained 
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from the given cell is equal to the standard free energy change (AG°) for the 
cell reaction,/.e 

W =AG^. 

flMX 

Now AC® for the cell reaction, 

Zn(j) + Ni^*(ag) -» Zn^*(aq) + Ni(j) (n = 2) 

is given by; 

AC® = - Joules 

= -2x96500x(£»^^„,,+£°^,,^^^) Joules 

=- 2 X 96500 X [+ 0.76 + (- 0.25)] Joules 
=-2 X 96500 X 0.51 Joules=- 98430 J 
=- 98430 kJ (Answer) 

Example 3. On the basis of the concept offree energy predict whether 
the following reaction would occur spontaneously at 298 K. 

Co{s) + Fe^*(aq) -> Co^*(aq) + Fe{s) 

Given Co'^/Co = - 0.28 VandFe-'*/Fe = - 0.44 V. 

Solution. AC® for the given reaction is given by: 

AC®=-nF£L,„„ = -«/=’x[£°^^,=. +£pV;Pel 
=- «£ X [0.28 + (-0.44)] - «£ X (_ 0. 16) 
or AC®=+0.16/i£ / 

Since the value of AC® comes out to be positive, the given reaction 
would not occur spontaneously. 

Example 4. For the Daniell cell involving the cell reaction: 

Zn(s) + Cu^*(aq) »=* Zn^*(aq) + Cu(s), 
the standard free energies of formation ofZn{s), Cu{s), Cu^*{aq) and Zn-'*(aq) 
are 0, 0, 15.66 and - 35.14 K cal.mot' respectively. Calculate the value of 

^cetl ■ 

Solution. We know that; 

AC®=-«££»„ 

or AG°(products)-AG®(reactants) = -/i££^ii 

or [(-35.14+0)-(0+i5.66)]Kcal=-n££°„ 

or -50.80Kcal=-(2mol)x(96500C.mol-')x£^, 

_ 50.80 Real 

^ (2mol)x(96500C.mor')' 

5080x4.184 kJ 

” (2rool)x(96500C.mo|-‘) ‘ = 

5080x4184x10001 5080x4.184xl0!0e C.F. 

(2 inol)x(96500 G-snor'li (2mol)x(9650p^^^^^^ 

(v/=CF) 




0 
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50.80 X 4.184 X 1000 2125472 

2x96500 "2x96500 

= 1.101 volts (Answer) 

Example 5. Calculate standardfree energy for thefollowing reeduction 
half-reaction in kJ.mot' and eV.atom''. 

MnO; + 8H* + 5e~ - > Mn^* 

Given that MnO^ / Mn^* = 1.51 V 

Solution. In the units of kJ.mol*', AG® for the given half-reaction which 
involves the transfer of 5 electrons (n = 5) is given by 

^MnO;/Mn^* “ ^ ^ kJ.mol ' 

=-5 X 96500 X 1.51 X 10-’kJ.mol-' 
=-728.575 kJ.mo^' (Answer) 

In units of eV.atom"', AG° is given by:. 

AG®= -nfceii eV.atom-'=-5 X 1.51 eV.atom-' 

=-7.55 eV.atom-'(Answer) 

Example 6. Calculate standard free energy change for the half-reac¬ 
tion: 

Sn** + Ic —Sn 

Given that Sn^*/Sn^^ = +0.150 V. Sn^VSn =-0.136 V. 

Solution. The given half-reaction represents Sn^VSn electrode. All the 
three electrodes can be represented as: 



Obviously (AG )sn«*/Sii ~ +(AG )sn2*/Sn 

= -nFE^^,. - nFE^i, 

=-2Fx0.150-2Fx(-0.136) 
=-2Fx0.150+2Fx0.136=-0.300F+0.272F 

=-0.028F Joules (Answer) 

Example 7. Calculate standard free energy change for FeO^~ / Fe^* 
electrode, if £* values for FeO^~ / F^ and Fe’VFe^* electrodes are 2.20 V 
and 0.77 V respectively. 

Solution. The given electrodes can be slmwn as given in Fig. 22.7 



Fig. 22.7. Representation of efectrodes of iron, 
n shown in Fig. 22.7 indicates the number of electrons involved in the 
reduction half-rehctions corre^ondhtg to the electrodes as shown below: 
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FeO^+8H*+3e'—>Fe^+4H20 (« = 3, £° = 220 V) 

Fe^%e'-►Fe^* (n = IE°= 0.77 V) 

Fig. 22.7 shows that; 


(AC°)fcoJ-/Fc- 


=-3x2.20+(-I x0.77)=-6.60 - 0.77 
=- 7.37 electron volts (Answer) 

Relation between AG° and K 

eq 

Under the study of ''Equilibirium Constanr we have shown that, ac- 
cording to Nemst equation, E^^^ of a redox reaction in equilibirium is related 
to its equilibirium constant {K ) by the equation: 

_o 0.0591, ^ 

^ceii = — loS ^eq volts at 298 K ...(/) 

Under the study of “Free Energy" we have shown that of a redox 

reaction is related to its standard free energy change (AG°) by the following 
equation: 

AG°=-/jF£°„ C.mor'.V ...(/i) 


In order to find out a relation between AG° and we must eliminate 
£^„ from the above two equations. Thus the relationship between AG° and 
can be shown by the equation: 


or 


AG” 

nf 


0.0591 

n 


•Og^eq 


-AG° = 0.0591Flog/:, 


or AG” = -0.0591 *F* log 


...(»0 


. Solved Examples 

Exampk 1. Calculate the standard free energy change (AG^) for the 
cell reaction {redox reaction} 

Fe^*{aq)+Ag*{aq)w^Fe>*{ag)+Ag{s) 

Use the calculated value of AG'* in calculating equilibirium constant of 
the reaction. Given Fe^*/Fe^* = +0.77 V, Ag*/Ag = + 0.80 V and 
F ’^ 96500 C.moT‘. 

Solution. AG” for the given redox reaction is given by: (For this redox 
reaction «=1) 

AG”=[-/iFx£^,^jp„] Joules 

= [-1x96500x(£°^,.^^^ 3. +£“g.Joules 
= [-1 * 96500 X (-0.77 + 0.80)1Joules 
■= - 0.03 X 96500 Joules=- 2859 Joules (Answen) 
Now we know diat: 

^AG”.--0.0591xFxlog/: - 

-2859=-0.0591 X 96500 X Iog£^ 
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, 2859 

0.0591x96500 


= 03013019 

5703.15 


K =Antilog(0.5013019)=0J51 (Answer) 

Example 2. cSqulate tsG^for the following cell: 

Fe(s) I Fe^*(aq)(l M) || CiF\aq)kl M) \ Cu{s) 

Use the calculated value of £d3°for calculating the value of equilibiriunt 
constant for the cell reaction. Given Cv?*/Cu = + 0.34 V, F^*/Fe = -0.44 V 
and F = 96500 C-moP'. 

Solution. The redox reaction is; 

Fe(s) + Cu’*(a 9 )- * F€3*{aq) + Cu(s) (n = 2) 

AG‘ = -nF^ ^^xrtKtion 

= -2x96500x[£«^P^,.+£“^..^^J 
=-2 X 96500 X (+0.44 + 0.34] 

= - 2 X 96500 X 0.78 Joules=150540 Joules (Answer) 
Now we know that: 

AG° = -0.0591 xFxlog/T^ 

-150540 = -0.0591 x 96500 x log/C^ 


log/r«, 


150540 

0.0591x96500 


15054 

570315 


=263959 


= Antilog(26.3959) *4.135 x 10-*’ (Answer) 


EM F Diagram 

What is EMF diagram of an element? 

EMF diagram of an element is a short form in which standard reduction 
(or oxidation) potential values of the element in its free state or in its compounds 
in different oxidation states are presented in a condoised manner. In an EMF 
diagram of an element the species of die element having different oxidation 
^atesare arranged from left to right or from top to bottom in the decreasing or 
increasing order ofoxidation number ofelement and die values of or 

are inserted between die oxidised and reduced species. In EMF diagram the 
acidic or alkaline medium {i.«. H* or OH" ions] stid molecules of die medium 
(eg. HjSO,, KOH, H,0) are omitted. 

Illustrative Example. The standard reduction potential values of 
vanadium in +5, +4, +3, +2 and 0 (z^) oxidation states can be arranged in a 
shmt form ^ven below. This short form is called EMF diagram of vanadium. 



(V-+5) '(V*+4) (V=+3) N (V-+2) (V=0) 


- • 'Owdutiow number of V iaci c ai ei i > 

The reductkm half-reactions pven in die abovi'BMF cfopam can be 
written as follows: 
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[V(OH),r +2W + e-—^ [VOr+3H,0(« = I), = 1.0 V 

(V = +5) (V = 44) 

[VOr + 2H*+e-->V>* + Hp(n=l), £^=+0.359V 

(V = +4) (V = +3) 

~ V’* + e--£^^=_ 0.256 V 

(V = +3) (V = +2) 

+ ler -»V®(/i = 2), £^=-1.186V 

(V=+2) (V = 0) 

[V(OH)J^ + 4H* + 5^-> V + 4Hp (« = 5), £^=- 0.254 V 

(V = +5) (V = 0) 

To calculate the value of £* of a given half-cell reaction from the 
values of £* of other given half-cell reactions. 

When we are required to calculate the value of £® for a given half-cell 
reaction from the given values of £* of other half-cell reactions, we should 
remember the following points: 

(/■) Free energy change (AG°) for a half-cell reaction which may be oxida¬ 
tion half-reaction or reduction half-reaction is given by: 

{^G °) = (-n X £^,r ) cV.atom-' 

Here n = No. of electrons involved in the half-reaction 

reaction = Standard reduction (iotential for the reduction half-reac¬ 
tion or standard oxidation potential for the oxidation half¬ 
reaction. 

(/() Suppose we have three half-reactions, say 1,2 and 3 whose £” values 

are £°, £“ and £3 (£3 is to be calculated) and the number of electrons 
involved in these reactions is /tj, n^ and hj respectively. Suppse we have to 
determine the value of £3 .Now: 

(a) if half-reaction 3 Is the sum of half-reactions 1 and 2, then AG** for 
reaction 3 will be equal to the sum of AG® values for reactions 1 and 2, i.e. 
(AG®),=(AG°),+(AG®), 

or -« 3 £?=-/i,£®-r(-n 2 £ 2 “) 

or ~n-iEl =-n^Ex -h^EI 

or « 3£3 = «,£°-rn 2£2 

or £0 = " 1 ^ 1 ° . 

^ Now, iBsaid above, since half-reaction 3 is the Sum of half-reactions I 
mid 2, flj • /I, + Rj and hence above 6^tion becmnes 
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^0 n,£,°+n 2 £| 

- ; 

«1 + «2 


volts 


(b) if half-reaction 3 is obtained by subtracting half-reaction 2 from half¬ 
reaction 1 , then 


(AG°)3 = (AG«),-(ACr»), 
or "(“"2^2 ) 

or -n^E^ =-n^E^ +n 2 E 2 

or +” 3^3 = +'* 1 ^? ~«2^2 

f o ^0 

I -n2E2 

or Cl =- 

_ !h _ 

^0 n,E°-n2E2 

or £3 = ^ volts 

"i-"2 


Solved Examples ■ 

Example 1. Calculate the value of E^ for the reaction: 

Au^* + 3e' —► Au 

Given that: Au* + c —> Au, E‘ = 1.7 V 

Atd* + 2e- — ^Au^.ET'^ 1.4 V 
Solution. Write the given half-reaction as: 

(1) Au* + e-—> Au(b, = 1), £,° = 1.7 V 

(2) Au’* H- 2e- —► Au* («, = 2), £® = 1.4 V 

{A) Au’* + 3e'- > Au (n^ = 3% <fE^ = ? (to be calculated) 

Since, Rwctidri (y4) = Reaction (1) + Reaction (2), 
(AC?‘),=(AG°),-^(AG'), 

n^EUn^El4-n2El 


3x£® = 1 x 1 . 7 - 1 - 2 x 1.4 = 43 


‘A 

,0 43 


£.4 = ^ = 13 V (Answer) 

Alternative solution. Tire given reduction half-reactions can be shown 
in the form of EMF diagram given in Fig. 22.8. 


1.4 V 

Au -—Au 


fi"- 1.7 V 


Au 


n = 2 ' ” B= 1 

(Au + 3) (Au = +1) (Au = 0) 

I__t 

n = 3 

Fig. 22.8. Reduction potential for different electrodes of gold. 
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Fig. 22.8 show that; 


+(AG“)a„vau 

” ^Au’*/Au “ " ^ ^Au’^/Au* ^L*/Au 
3^<-/au=2>‘1.4+1x1.7=4.5 


^au’Vau -‘ 3 '= 1-5 V (Answer) 

Example 2. Calculate the value of EP for the half-reaction. 

(A) MnO; + 4H* + Se' -> MnO^ +2H20(n^= 3). E° = ? 

(to be calculated) 

Given that: 


(1) MnO; + 8H* + Se~ -> Mn^* + 4 H 2 O (n, = 5), E° = 1.51 V 

(2) Mn02 + 4H* + 2e~ - * Mn^* + 2 H 2 O («^ = 2), Ej = 1.23 V 

Solution. Since, Reaction (A)= Reaction (1) - Reaction (2), 

(AG»)^=(AG»),-(AG»), 

-»aEa =-ntE^-(-n2El) 

~"aEa - +n2E2 

3£2 =5x1.51-2x1.23 

3£2 =5.09 
5.09 

£^ = E696 V (Answer) 

Alternative solution. The given reduction half-reactions can be shown 
in the form of EMF diagram given in Fig. 22.9. 


• Reduction- 


MnO/ 
(Mn = +7) 


£*= 1.23V 

r> MnO, -=—> 


(Mn = +4) 
£*=1.51 V 


n-2 


Mn 

(Mn = +2) 


Fig. 22.9. Reduction potentials of different electrodes of Mn. 
It is obvious from Fig. 22.9 that: 

(^^°^Mn01/Mn0, ^MnOj/Mn>* “ 

_3x£® j./_Os..C'0 <„ rO 


3x£: 


MnOJ/MnOj ^X 

+ 2x123 = 5x131 


MnO^/MnO, 

5x131-2x123 


'MnOJ/MnOj 


■ V=1.696 V (Answer) 
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Example 3. Calculate the value ofEPfor the reduction half-reaction: 


(A) Tl^* + 3e- -> 77 = i), ^ calculated) 

Given that: 

(1) 7V*+e-- *Tlin^ = 1), eP,^-0.336 V 

(2) TP^ + 2e- -> Tl* (n, = 2), £" = + 1.2S0 V 

Solution. Since, Reaction (A )=Reaction (1) + Reaction (2), 


(AG°), = (AC?»),+(ACr), 
-n,E°=-n,E°+(-n2E^) 
~^2^2 

3x £° = 1 X (-0.336)+2 x 1.250 


£“ = 


2x 1.250-1x0.336 


V=7.21 V (Ansewer) 


Alternative solution. The given reduction half-reactions can be shown 
in the form of EMF diagram given in Fig. 22.9. 


■ Reduction- 


Ti 

(Tl = +3) 


£ = 1.250 V 


n = 2 


» Ti 
(Tl = +I) 

£” = ? 


£ = -0.336 V 
-;- > 


Tl 

(Tl = 0) 

i 


n = 3 


Fig.*22.10. Reduction potentials for different electrodes of thallium. 
Fig. 22.10 shows that: 

(AG°)t,j./ti* 

-n X £°|3. + (-n X £.j^, ) = -n X £.^|j. ^.j., 


nx £“|j,^.j.|, +nx£. 


Tr/Ti 


= nxE. 


Ti’*m 


2 X 1.250 + 1 X (-0.336)=3 x £",.,.„ 




2x1.250-1x0.336 


V = 7.21 V (Answser) 


Example 4. Calculate the value of £* for the half-reaction: 
-*ClOJ +6H* +5e- 


(A)-Cl2+3H20- 
Given that: 

( 1 ) CI-+3H2O- 

(2) 2Cr- *Cl2+2e-. E°2^-1.36V, n2=2 

Solution. Equation {A) can also be^written as: 

(£) Clj + 6HjO-> 2 CI 0 ; + 12H* + lOe-, E% = ?,«,= 10 


■^ClOJ+6H*+6e~. Ef=-i.45V. n,=6 
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Equation (1) can ai^ be written as: 

(3)2Cr+6H20^2C10J+I2H"+12e-, £«=-1.45V. 7 ,, = 12 
Now subtract equation (2) from (3). This gives et^ation {B), 

(3)2Cr+6HjO- >2C16j+12H*+12c-, £® =-1.45 V, nj = 12 

(2) 2C1~->Cl2 + 2g~. £® = -136 V, nj = 2 


(B) CI2 + 6H2O->2aOJ+12H" + 10 e-.£®=?, = 10 

Now since, Equation (£) = Equation (3) - Riuation (2) 

-ng X £® = -„3 X £3® -(-Mj X £2°) 

-10x£® =-12 x(-1.45)-[-2x(-136)] 

-10£2 = 12 X 1.45-2 X 1.36 
-0 


- 

Cq - 


2 X 1.36-12X 1.45 ^ _ 2.72-17.40 ^ 


10 10 
—1.46 V (Answer) 

Anternative solution. In order to make the number of Cl-atoms equal in 
all the species containing this atom in the given oxidation half-reactions these 
half-reactions should be written as: 

CI2 + 6H2O->2C10J+12H%10e-(n = 10), E^ = 7 

2CI- + 6H2O->2C10j+12H*+12e- (/i = 12), £® = -1.45 V 

2Cr->Cl2 + 2e'(n = 2), £®=-136 

These oxidation half-reactions can also be shown in the form of EMF 
diagram given in Fig. 22.11. 


■ Oxidalion- 


2CI 
(Cl = -1) 


£ =-1.36 V 


Cl, 

(Cl = 0) 

£* = - 1.45 V 


£" = ? 


10 


12 


CIO,' 

. (CI = +5) 


Fig. 22.11. EMF diagram showing the oxidation half-reactions given above 
Fig. 22.11 shows that: 

^a-/a, ■*■(""** /cioj J ^ ^a-/CIO; 

-2 x(-U6)+(-10/< ) = -12 x(-1.45) 

+2.72-10x£j,_^. =17.40 


£® 

^CI,/CIOJ 


+2.72-17.40 

10 


V=-1.46 V (Answer) 
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Example 5. From the reduction potentials of the following two half- 
reactiosn: 

Fe-'* + 2e- —» Fe: £" = - 0.44 V 

+ 3 e^ —) Fe: = - 0.036 V 

Determine the reduction potential of Fe^* + e > Fe- . 

Solution. l.Fe’* + 3e-—»Fe; £°=-0.036V,«, = 3 

2.Fe^" + 2r-»Fe; £°=-0.44 V,«, = 2 

When we subtract equation 2 from equation 1, we get; 

^.Fe’’ + c-—>Fe^ £« = ?,«,= ! 


in 


Now since 

Equation A = Equation 1 - Equation 2 
(AG°), = (AG»),-(AG‘>), 

-m^£° =-n^E^ -(-n2E2) 


_£0 = -3 X (-0.036)- 2 X (- 0.44)] 

_ £® =+0.108 -0.880=- 0.772 
E°=+ 0.772 V (Answer) 

Alternative solution. The given reduction half-reactions 
the form of EMF diagram given in Fig. 22.12. 


can be shown 


Fe * • 
(Fe = +3) 


ill 

n * 1 


Reduction-'' 

2* £f»-0.44V 


♦ Fe 

(Fe = +2) 

0.036 V 


Fe 

(Fe = 0) 


Fig. 22.12. Reduction potentials for different electrodes of iron. 

Fig. 22.12 shows that; 

+(AG°)Fe»VFe 

-lx +[-2x(-0.44)] = -3X (- 0.036) 

. _ £0 + 0.880 = 0 . 108 =( 0.880 - 0.108)V=0.772V(Answer) 

Example 6*. Standard reduction electrode potential values of 
MnCr, / Mn(t arid MnO} / MnOj couples are 0.56 Vand 1.70 Vrespec¬ 
tively. Find out the standard reduction electrode potential for 

MnOi~ / MnOi couple. 

Solution. Write the half-reactions for the given electrodes so that the 
number of electrons (n) involved in these half-reactions may be known. 
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MnO; + e ->Mn04 = 0.056 V 

(Mn = +7) (Mn = +6) 

Mn04+4H‘*^ + 3e"-»Mn02 + 2H20(« = 3), = 1.70 V 

(Mn = +7) (Mn = +4) 

Mn 04 ‘ + 4H* + 2e'->Mn02 + 2H20(//= 2), £® =? 

(Mn = +6) (Mn = +4) 

Now the given couples can be shown in the form of an EMF diagram 
given in Fig. 22.13. 


' Reduction 


x<i £' = 0.56V.. ^ 2 - £” = ■> 

Mn 04 -——> MnOj 

(Mn = +7) (Mn = +6) " (Mn = +4) 


1.70 V 




n = 3 

Fig- 22.13. EMF diagram showing the reduction of manganese. 

Fig. 22.13 shows that; 

^ <„0;/MnOr ^ -^MnOj /MnO, > = ^ ^nOi^MnO, 

-•x0-56 + (-2x£«_^,.^^^^) = -3x1.70 
=3x1.70 


£® 

MnOi" /MnOj 


3xl.70-0J6 


^ = 2.27 V (Answer) 


Example 7. The standard reduction potentials ofCu^'/Cu and CuVCu 
couples are 0.337 V and 0.52 V respectively. Calculate the standard potential 
for the half-reaction. Cid*+ c - > Cu*. 

Solution. The given couples can be represented by the following reduc¬ 
tion half-reactions 

Cu^*/Cu couple-. Cu'* + 2er —> Cu (/i = 2, £®=0.337 V) 

CuVCu couple: Cu* -i- e- - > Cu (n = 1, £® = 0.52 V) 

Cu'* + e--FCu*(n=l,£® = ?) 

EMF diagram corresponding to the above reduction half reactions is 
given in Fig. 22.14. 

--Reduction—-> 


Cu 


£* = ? 


Cu 


£* = 0.52 V 


(Cu = -i-2) (Cu = +1) 

I £* = 0.337 V 


n= 1 


Cu 


(Cu = 0) 


Fig. 22.14. EMF diagram for copper. 
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Fig. 22.14 shows that: 

^Cu^*ICu 

^ ^Cu^VCu’ -^CuVCu) = ^Cu^VCu) 

+(-1x032) = -2x0.337 


^^.24 / 


‘-cu^VOi’ 0.337-0.52 = 0.154 V (Answer) 

Example 8. The standard reduction potentials for the half-reactions: 

Sn^* + 2e- -> Sn and Sn^* + 2e"-» Sn^* are - 0.136 V and 0.15 V 

respectively. Calculate the reduction potential of the reduction half-reaction, 

Sn''* + 4e- -> Sn. Also comment on the ease of the reduction of Sn^' to Sn 

and of Sid" to Sn 

Solution. EMF diagram c.orresponding to the given reduction half¬ 
reactions is given in Fig. 22.15. 


■ Reduction ■ 


Sn 


= 0.15 V ^ 24 £“ = -0.136 y 

-> Sn -7 —> 


(Sn = +4) 


n = 2 


(Sn = +2) 
£" = ? 


Sn 

(Sn = 0) 


n = 4 

Fig. 22.15. EMF diagram for the half-reactions involving tin. 
From EMF diagram it is obvious that: 

■" ^ /Sn’’ ^ ^Sn” /Sn ) = -^ ^ Sn 

-2 X 0.15 + [-2 X (- 0 . 136 )] = - 4 X 
-2x0.15+2x0.136 = -4x£°_^..^g^ 


0.300-0.272 


V = 0.007 V (Answer) 


•• Sn*’/Sn 4 

The reduction of Sn” to Sn and of Sn*’ to Sn can be shown as: 

(/)Sn” + 2e-->Sn,£^=-0.136 V 

(//) Sn*’ + 4e"-> Sn, £” = + 0.007 V 

Now since £® value for reduction half-reaction (i7) is higher than that for 
reduction half-reaction (i), Sn*’ is a stronger oxidising agent than Sn”. In other 
words we say that it is easier to reduce Sn*’ to Sn than Sn^’ to Sn. 

Example 9. From the following EMF diagram for Mn, determine the 

value of E" for MnO^ - Mn^* couple. 

■ » Mn02 


MnO: 




Mn^* 


Solution. On incorporating MnO^ -Mn^^ couple in the EMF diagram, 
we get the diagram given in Fig. 22.16. 
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■ Reduction- 


MnO. 


£“ = 0 . 56 ;v , , ^ 2 - £“ = + 2.26 V £" = + 0 95 V 

i-> MnO, -—^ MnO, -Mn' 

(Mn-+7) (Mn = +6) (Mn =+4) " (Mn = +3) 


£" = ? 




H = 4 

Fig. 22.16. EMF diagram for maganese. 
n shown in the diagram indicates the number of electrons involved in 
reduction half-reactions as shown below: 

MnO; + e- —> MnO^ (n = \),E° = -t-0.56 V 

Mn04 -i-4H'^-t-2c“->Mn02-i-2H20(7; = 2), E° = -I-2.26V 

Mn02+4Fr+e-->Mn^V2H20(/2 = l), =40.95V 

Mn04 -(-8H^-t-4e"-^Mn^'"-t-4H20(;; = 4),£'° = ? 

EMF diagram shows that: 

^MnO.-yMnOj- ^MnO^/MnOj 






+(-n X E 


^ ^Mno; /Mn'* = -1 0-56 + (-2 X 2.26) + (-1 x 0.95) 

A . . 1-0 __- - - _ 


MnOj/Mn’ 


.) 


4x£ - . =1x036 + 2x2.26+1x0.95 


“*Mn04 /Mn^ 


_ 1x036+2 X 2.26 +1 x 0.95 


= 1.74 V (Answer) 


MnO^ /Mn* ^ __, 

Example 10. From the following EMF diagram for iron, calculate the 
value of EPfor (/) FeO]' , and {ii) Fe^^-Fe couples. 

heO, -> Fe - ^Fe - >Fe 

I _ + 1.08 V _ . I 

Solution. If Fe 04 "-Fe^* couple is incorporated in the given EMF 
diagram, we get the diagram showin in Fig. 22.17. 

1 


n = 4 


FeO/ ' 
(Fe = +6) 


120V Fe^‘ 


^ (Fe = +3) " ' (Fe = +2j 

__ £■" = + 1.08 V 


7=0 


Fe 

(Fe = 0) 


n = i> 

Fig. 22.17. EMF diagram for iron. 
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n shown in the EMF diagram indicates the number of electrons involved 
in the reduction half-reactions corresponding to the electrode couples as shown 
below: 

Fe 04 ' -i- 8 H V 3e'-> Fe^" + 4 H ^O, (n = 3,E°= +2.20 V) 


Fe^'' + e‘ 
Fe^" + 2e' 


FeO^ + 8H^ + 4e- 


-+Fe-\ (/. = !, £“=+0.77 V) 
-+Fe, (n = 2,£“=?) 

-^Fe^'" + 4H20, (« = 4, £“ = ?) 


Fe 04 ' + 8H'' + 6e’->Fe+4H20 (« = 6, £“ = +1.08V) 

From EMF diagram, we see that: 

(0 (^C°)FcO:-/Fe- = (^<^°)FcOr/Fe'* + 

■■"^^Lo;-/Fc‘’ = ^ ^FcOJ-/Fc^* +(-"X£^Fe’*/Fe=*^ 


- 4 X £“^,.= -3 X 2.20 + (-1 X 0.77) 


3x2.20+1x0.77 


+1.84 V (Answer) 


FcOr.'Fc-* 4 

(//) = (^'^°)FoO--/Fe>- +(^^°)fc^*.'Fc-* + ^ Fe=‘/Fe 

-nx£“^:-,p^ = -«x£p^Q:-,P^j, +(-«x£“^,.,p^2.) + (-nx£p^2.,P^) 

-6 X 1.08 = -3 X 2.20 + (-1X 0.77) + (-2 x £p^:. ,p^) 


£ 


6x1.08-3x2.20-1x0.77 


= - 0.445 V (Answer) 


Fe’’/Fe 2 

Example 11. From the reduction potential of the following sequence of 
" reactions predict whether MnO; or MnO^' ion is the belter oxident.Af the 
reduction product is Mm". 


-2.26 V' 




Mn02 

Solution. In order to answer this question we will have to determine EF 
alues for MnO^ / Mn'^ and MnO^ / Mn'" couples oi'for their correspond¬ 
ing half-reactions given below: 

MnCf; + 8HV5e'-)Mn^'^+4H20 (n = 5, £“=?) 

Mn 04 ' + 8H'' + 4e'->Mn^'' + 4H20 (n = 4, £“ =?) 

Write the sequenceof reactions as shown in Fig. 22.17. 

£“ = ?, n = 4 _ 


Mno, MnO/ MnO, Mn’^ ^ 

(Mn=‘7) (Mn = .6) (Mo = .4) (Mn =-3) (Mn 

I E° n = 5 _ T 


Fig. 22.17. Sequence of reactions involving manganese. 




Electrode Potentials and Their Applications 


769 


In Fig. 22. 17 M indicates the number of electrons involved in the reduction- 
half reactions corresponding to the electrodes shown in the figure. 

MnO;+e‘-^MnO^'(«=!,£"=0.564 V) 

Mn04' -i-4H^ +2e-’-—^Mn0j+2H20(n = 2,£«= 2.26 V) 

MnO, + 4H‘ + e-- > Mn'" +2H,0 (« = 1, P = 0.95 V) 

Mn’*+e-->Mn^’(M = 'l,£«= 1.51 V) 

MnO; +8H'+5e-->Mm- + 4Hp(«= 5,£“ = ?) 

MnO^" +8H*+4e-^ Mn^* + 4H,0 (« = 4, £« = ?) 

From Fig. 22.17 it is evident that : 

^ ^ -^Mno, Mn-'- = 1 0 564 + 2 X 2.26 + 1 x 0.95 + 1 ' x i , 5 1 

. c- 0 lx 05(4 X 2 X 2.26 -h 1 X 0.95 1 x 151 

• M,,----^--V= 1.508V 

Thus tor Mn OT Mn-‘ couple or for the reduction half-reaction, 

Mh O; - 8H- - 5c> —> Mn-- ^ 4H,0, E’ = 1.508 V ...(a) 
(O.Al 

v.„oi Mn-• ^ - 26 -- 1 X 0.95 - 1 X 1 .51 


E''' . 

MnO' \1n* 


: X 2.26 1 x0.95+ 1 X 151 


V= 1.745 V 


Thus tor Mn O: Mn-’ couple or for the reduction half-reaction, 


MnO-- -8H--4C->■ Mir'-4H.O.T = 1.745V ...(6t 

tO.\) 

Now since E' \ alue for reaction (*) is higher than E value for reaction 
(a), Mn 04 ‘ is a better oxidant than MnO ; . (Answer) 

Example 12. // the standard electrode potential (E) for OCE/Ch and 

Ct_ /- tv. electrodes are » F and -l.So V respectively. Determine E 

, I 

value Jor OCt /~~ Cl, electrode. 

Solution. Write the reduction half-reactions for the given electrodes 

(a)OCl + 2H'+2c-->• Cl - H^O, £' = + 0.88 V, « = 2 

(Cl = -^1) (C! = -l) 

1 

(ft) - Cl.-r e —> CT, £» =-I-1.36 V, « = 1 
(CI-0) (Cl = -l) 

(c) OCT + 2H^ -r 2e->^ Clj -h HjO, £“ = ?,« - 1 

(Cl = +1) (C1 = 0) 

These reactions give the value of n for each reaction. 
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Above reactions can be shown in the form of an EMF diagram given 
below; 


ocr - 

(Cl = +1) 


£ =? 


(C1 = 0) 
£“= 0.88 V 


£ = 1.36 V 


n= 1 


cr 


(Cl = -1) 


m = 2 


This diagram shows that 
(^^)ocr.a 

0.88x2 = £'’x 1 + 1.36X 1 

£"=1.76- 1.36 = +0.40V 


j/cij/cr 


or 


Electrolysis 

To predict the nature of products obtained by the electrolysis of 
aqueous solution of electrolytes. 

The nature of products obtained by the eleetrolysis of the aqueous 
solution of a given electrolyte depends on the follwing factors; 

(/) The state of electrolyte being electrolysed, e.g. the products obtained 
by the elctrolysis of molten NaCl are difterent from those which are obtained 
by the electrolysis of aqueous solution of NaCl. 

(ii) Concentration of the electrolyte solution. 

(ill) Material used for making electrodes. 

(iv) Relative values of the species being oxidised at anode and 
relative £°^ values of the species being reduced at cathode, e.g. 

(a) The species having larger value of £°d is preferentially reduced at 
cathode than the species having lower value of £^ value. 

(£) The species having higher £®^ value is preferentially oxidised at 
anode than the species having lower value of £°^ value. 

General discussion of the electrolysis of the aqueous solution of 
MX salt. 

We know that the aqueous solution of MX salt undergoes dissociation 
(ionisation) and gives M*(a^) (cation) and X^i^aq) (anion) ions. 

MX(5) M*{aq) + X-{aq) 

When aqueous solution of MX is electrolysed, M*(a9) and X-(a^) ions 
obtained as above move towards their respective electrodes on which they 
undergo reduction (on cathode) and oxidistion (on anode). 

While considering the reduction and oxidation of M*{aq) and X-{aq) 
ions on their respective electrodes, we should also remember HjO(/) also 
undergoes reduction on cathode and oxidation on anode. 

Reduction on cathode. There are two possible reduction reactions that 
may take place on cathode. We have either reduction of M"(a9) to M(s) or 
reduction of HjO(/) to Hj(g) 

M\aq) + e ->• M(5) 

2HjO(/) + 2e-->Hj(g) + 20H-(a9) 



Electrode Potentials and Their Applications 


771 


Two cases arise: 

(/) If the standard reduction electrode potential of M*(u<7) ion is higher 
than that of HjO(/) {i.e. ]. ion gets reduced to M(a') 

more easily than HjO(/) gets reduced to Hj(g). Thus in this case metal M (not 
Hjgas) is obtained on cathode, i.e. the actual reduction reaction taking place 
on cathode is: 

M*(a<7) + e'-M(s) 

Examples. (/) Since the ions viz Ag‘(AgVAg = +0.80.V), Cu’*(Cu^VCu 
= + 0.34 V) etc. have higher E°j values than H^O (HjO/H, = - 0.83 V), these 
ions are more easily reduced to their respective metals than H jO(/) gets reduced 
*0 Thus metal (and not gas) is obtained on cathode i.e. the actual 
reduction reaction taking place on cathode is: 

M’(a^) + e~-> M(s) 

(ii) If the standard reduction electrode potential of M’(fl<7) ion is lower 
than that of HjO(/)[/.e. < ^HjO/iij ]. HjO(/) gets reduced to H,(g) more 

easily than M'(j^) ion gets reducced to M(s). Thus in this case H,(g) (not 
metal, M) is obtained on cathode, i.e. the actual reduction reaction taking place 
on cathode is : 

2HjO(/) + 2e--»Hj(g) + 20H-(a<7) 

Example. Since the ions v/z. Na*(Na*/Na= -2.71 V), Ca'* (Ca^VCa - ^ 
2.87 V), K*(K*/K = - 2.93 V), Mg*(Mg**/Mg = - 2.37 V), AF* (Al’VAI - - 1 .66 
V) etc., have lower ^ values than HjO (f S jO/Hj = - 0.83V), HjO. i) is more 
easily reduced to given Hj(g) than these metal ions get reduced to give metal 
on cathode. Thus Hj(g) (not metal) is obtained on cathode. 

Oxidation on anode. There arc two possible oxidation reactions that may 
take place on anode. We have either the oxidation of X'(aq) ion to X,(g) or of 
Hp(l)toO^(g). 

2X-(aq) - ^X,(g) + 2e- 

2HjO(/) -—^ 20j(g) + 2H*+2c- 

Two cases arise: 

(0 If the standard oxidation electrode potential of X~(aq) ion is higher 
than that of HjO(/) [i.e. ^ ^h,o/Oj ], 2i.'{aq) ion is more easily oxidised 

to ^2^^) than HjO(0 gets oxidised to Oj(g). Thus is this case Xj(g) [and imt 
02^^)3 ts obtained on anode, i.e. the actual oxidation reaction taking place on 
anode is : 

2X-{aq) -»X,(g) + 2e- 

Examples. Since the ions like Br(Br/Brj=- l.08y)andl‘(l‘/lj= -0.77 V) 
havebigher values than HjO(HjO/Oj= - 1.23 V), X^{aq) ions (X' = Br,^ 
f) are more easily oxidised to Xj(g) than HjO(/) gets oxidised to Oj(g). Thus 
Xj(g) (and not O, gas) is obtained on anode. 

(«■) If the standard oxidation potential of X (a^) ion is lower dum diat of 
HjCKO [*e. < ^HjCvOj KHjOODgrts oxidised to Oj(g) more easily than 

X~(aq) ion gets oxidised to Xj(g). Thus in this case O-^ig) (not X, gas) is 
obtained on anode, i.e. the actual oxidation reaction taking place on anode Is: 
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2H,0(/)->Oj(g)+ 2H-{aq) + 2e^ 

Example. Since F (a 9 ) ion (F /Fj=-2.87 V) has lower value of than 
HjO (HjO/Oj= -1.23 V), this ion is not oxidised to Fj(g) in aqueous solution. 
Instead HjO(/) is oxidised to give Oj(g). 

Electrolysis of Some Electrolytes 

1. Electrolysis of molten NaCI. 

When NaCl(s) is melted, it gets dissociated into Na'(/) and Cl~(/) ions. 


NaCl(s) y Na'(/) + €1(1) 

Na‘(0 and Cl (/) ions formed as above move towards cathode and anode 
respectively. Na^(/) ions get reduced to Na(/) on cathode and C\~{f) ion get 
oxidised to Clj(g) on onode 


NaX/) + e 


Reduction 
on cathode 


4Na(/) 


2C1(/) 


Oxidation 


^ Cl,(g) + 2e- 


on anode 

Thus we see that the electrolysis of molten NaCl gives Na-metal on 
cathode and Clj(g) on anode. 


2. Electrolysis of concentrated solution of NaCI using Pt 
electrodes. 

Aqueous soltion of NaCI dissociates to give Na*(flij) and C\~(ag) ions. 
NaCKct^) Na’(oqr) + Cl'(aqr) 

Na*(of) and Cl‘(a 9 ) ions move towards cathode and anode respectively. 
Na'(t?) ions get reduced to Na(j) on cathode and Cl'(fl^) ions get oxidised to 
Cl (g) on anode. Thus the expected products obtained on cathode and anode 
should be Na(A) and Cl,(g) respectively. But, in fact, it has been observed that 
the electrolysis of aqueous solution of NaCI produces Hj(g) [instead of Na(s)] 
on cathode and Clj(g) on anode [Clj(g) is the expected product]. 

Why Na metal in not formed on cathode can be explained as follows: 
When the electrolysis of NaCI solution is carried out between Pt- 
electrodes,HjO(/) also undergoes reduction on cathode and oxidation on an¬ 
ode. Thus probable reactions taking place on electrodes are: 

, Probable reduction reactions on cathode. Na;'(aq) and HjO(0 both 
undergo reduction and give Na(5) and Hj(g) respectively. 

^ar(,aq) + e- - >Na(j), £^= £®,.,j^, = -2.71 V 

(Na= +1) (Na = 0) 

2H,O(0 + 2e-—>H,(g)+20H (uv). =-0.83 V 

(H=+I) (H=0) 

Now since of HjCKO ( = - 0.83 V) is higher than that of Na"{fl^) ion 

(= - 2.71 V). reduction ofHjO(/) to H,(g) takes place more easily than that of 

Na*(a 9 ) irnis to Na(s). Thus the* actual reduction reaction taking place on 
cathode is; 
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2H,0(/) + 2e 


H,(^) 


20H(a9) 


...(0 


This reduction reaction shows that on cathode H,(g) and not Na metal is 
obtained. 

Probable oxidation reactions on anode. Cl (a^) and H 0(0 both undergo 
oxidation and give Cl,(g) and Oj(g) respectively. 


IQWaq) - Clj(g) +2e-, £« = = - 1.36 V 

(Cl=-1) (C1 = 0) 

2Hp(0- 0^{g) + 2H'(aq)+2e-, = £°,.o/o, =- 1.23 V 

• (0 = - 2 ) (0 = 0 ) 

Since £” of H,O(0 is higher (= - 1.23V) than that of Cl-(a^) ions 
(= -1.36 V), oxidation of HjO(0 to 0,(g) should take place more easily than the 
oxidation of Cl (aq) ions to Clj(g). Thus Oj(g) and not Cl,(g) should be obtained 
on anode. As a matter of fact Cl'(aq) ions get oxidised in preference to H 0(1). 
1 his unexpected oxidation of CT(a^) ions in preference to that of is 
because of the fact that since oxygen voltage on Pt electrode is about 6.25 V, 
on Pt electrode gets lowered by 0.25 V and hence E°^ of H 0(/) 
becomes equal to (- l.23-0.25)V =-1.48 V. Now since £°^ofcT(a 9 ) ions ( 
= - 1.36 V) becomes higher than £®,ofH,0(/) (= -1.48 V), oxidation of CTfa^) 
ions to Clj(g) becomes easier. Thus the actual oxidation reaction taking place 
on anode is: 


2C|-(a</)- - |CI,(g) 


+ 2e- 


...00 


This reaction shows that on anode Cl,(g) and not Oj(g) is obtained. 
Above discussion shows that the actual products obtained by the elec¬ 
trolysis of concentrated solution of NaCl between Pt-elcctrodes are Cl (g) on 
anode (expected product) and Hj(g) on cathode (not Na-metal). ^ 

3. Electrolysis of aqueous solution of CuClj or CuBrj using Pt- 
eiectrodes. 

As an example let us consider the electrolysis of the aqueous solution of 
CuBr, 

CuBrj(a^)«=»Cu^’(a^) + 2Br(a9) 

Probable reduction reactions on cathode. Cu^'(aq) and H 0(1) both 
undergo reduction on cathode to give Cu(j) and Hj(g) respectively! 


Cu^*(fl^) + 2e~ 
2HjO(/)+2e 


Cu(j), £^ = = +0.34 V 


Cu^/Cu 


► H,(g)+20H-(a9), ■E'h.cvh, =-0.83 V 


Now since (= + 0.34 V) > £« (= -0.83 V), the reduction of 

Cu^*(aq) ions to Cu(s) takes place more easily than that of HjO(/) to H (g). 
Thus the actual reduction reaction taking place on cathode is: ^ 

Cu^’(a^) + 2e 


Cu(5) 


This reduction reaction shows that on cathode Cu-metal and not 11,( ,f)ib 
produced. 
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Probable oxidation reactions on anode. Briaq) and H jO{/) both undergo 
oxidation and give Br,(g) and Oj(g) respectively. 

Br(«fl)-^Br,te) + 2e-, £»,= =-1.08V 

lUpil) - >0^(g) + 2W(,aq) + 2e-, £^,0/0, =-1-2^V 

Now since E^^or ^Br" Br, ^ V), Br 

{aq) ions get oxidised to Br,(^) more easily than H,G(/) does to 0^{g). Tlius the 
actual oxidation reaction taking place on anode is: 

2Br(fl9)—> Br,(g) +2e- 

This reaction shows that on anode Br,(g) is obtained. < 

Above discussion shows that the actual products obtained bjj the elec¬ 
trolysis of aqueous solution of CuBr^are Cu metal on cathode (expected prod¬ 
uct) and Brj(^) on anode (expected product). Similarly in case of CuClj(a^) we 
get Cu-metal on cathode and Cl^fg) on anode. 

In the above discussion, we have shown that £h jO/Oj (standard oxidation 
potential) = -1.23 V. But when we consider the electrolysis of CuCl^foi?), the 
value of ^H.o o, decreases and ibecomes equal to (- 1.23 - 0.25) V = 

- 1.48 V. The decrese in the value is due to oxygen voltage on Pt-electrode 
whch is equal to 0.25 V. Thus the value of £^h- 0/0 j 'o used in writting 
oxidation reactions taking place on anode during the electrolysis of CuClj(a^) 
should be -1.48 V and not - 1.23 V. Thus again since ^ci’/cij ~ 

> £hjO/Oj (= -1-48 V), Cl-(a^) ions are oxidised to Clj(g) more easily than 
HjO(0 to OjCg). Thus Cljfg) gas is obtained on anode in the electrolysis of 
aqueous solution of CuClj. 

4. Electrolysis of dil. aqueous solution of H^SO^. 

Aqueous solution of H^SO^ dissociates to give H^a^) and S04'(a9) 

ions. 

HpOSaq) ^2H\aq) -^ SO^ (aq) 

HTfl?) and S04'(a<7) ions move towards cathode and anode respec¬ 
tively. H\aq) ions get reduced to Hj(g) on cathode while SO 4 " (aq) ions get ^ 
oxidised to S208"(a9) ions on anode. Thus the expected products obtained 
on cathode and anode should be Hj(g) and S20g (aq) ions respectively. But 
in fact, it has been observed that the electrolysis of aqueous solution of HjSO^ 
produces Hj(g) (expected product) on cathode and Ojig) (instead of SjOg’ (aq) 
ions] on anode. Why S20g'(a^) ions are not formed on anode can be 
explained as follows: 

When electrolysis of aqueous solution of H^SO^ is carried out, HjO(/) 
also undergoes reduction on cathode and oxidation on anode. Thus the possi¬ 
ble reactions taking place on electrodes are: 

Probable reduction reactions on cathode: 2H*(a9)and HjO(0 both un¬ 
dergo reduction on cathode to give Hj(g). Thus on cathode Hj(g) is produced 
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2W{aq) + 2e- 
2HjO(/) + 2r 






► H,(g) + 20H-(fl9), E°= E\ 


Q - -■ "red -0.83 V 

Since is higher (=0.0 V) than that of H 20 (/)(=-0.83 V), 

reduction of ions to Hj(g) takes place more easily than that of H 0(1) to 
Thus Hj(^) produced on cathode is due to the reduction of HTao) ions 
and not due to the reduction of HjO(/). 

Probable oxidation reactions on anode. SO^(a,y) and HjO(/) both 
undergo oxidation on anode and give SjOg’Ca^) and O/g) respectively. 


2 SO 4 («<?)■ 


(a^) + 2e' 


2H20{/)- 


pO _ r-O 

^O* ^SOj-/SjOj- 


= -2.01 V 


02(«) 


+ 2H*(ag) + 2e' 


^Dx “^HjO/Oj —1.23 V 


Now since of Hp(/) is higher than that of SO^(a^) ions,HO(/) 

gets oxidised to more easily than SO^(n 9 ) get oxidised to give 

SjOg (aq ). Thus the product formed on anode is O (g) instead of S,0»“(ao) 
ions. 2 s y VJ 


Above discussion shows that main products obtained by the electrolysis 
of aqueous solution of H^SO^are Oj(g) on anode and.Hj(g) on cathode. 

5. Electrolysis of aqueous solution of CuSO^ using Pt-electrodes 
(inert electrodes). 

CuSO, in solution ionises to give Cu^'Ca^) and SO^'(a 9 ) ions 

CuSO,(a9)^Cu^*(a9)+ SO^'Co^) 

Probable reduction reactions on cathode 


Cu^Xa^) + 2e- 
2Hp(l) + 2e- 


Cu(j) 




>H^(g) + 20H-(a9), E^^ = £S,o/h; = - 0.83 

Since ^cu^'/Cu 0-34 V) > ~ 0.83 V), Cu^^a^) ions get 

reduced to Cu(s) more easily than Hp(l) to H,(g). Thus the product obtained 
on cathode is Cu-metal and not Hj(g). 

Probable oxidation reactions on anode 


2SO^(ag)- 

2H2b(/) — 


^S208^-(a<7) + 2e-, £“ = £, 


SO;/SjOj 
0 _ jnO 


= -2.01 V 


+ 2H*(aq) + 26“, = £“ = -1.23 V 


Since £„>r £“, 0 / 0 , (=-1.23 V)> £„>r £ 3 ^, 5 ,or (=- 2.01 V),the 

oxidation of Hp(/) to Oj(g) takes place more easily than that of S 04 '(a 9 ) to 
SjOg (aq). Thus the product obtained on anode is Oj(g) and not 
S20g" (a9)ions. 

Above discussion shows the electrolysis of aqueous solution of CuSO 
gives Cu meufon cathode and Oj(g) on anode. * 
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6 . Electrolysis of aqueous solution of CuSO^ using Cu-electrodes 
(active electrodes). 

Aqueous solution of CuSO^ undergoes dissociation and gives Cu^*(a^) 
and SOj' (aq) ions. These ions move towards their respective electrodes 
CuSO<iaq)^Cvi‘*iaq)+ SOj"(o^) 

- Probable reduction reactions on cathode. Cu-'{aq) and H,0(/) both 
undergo reduction on cathode 

Cu^^(aq) + 2e- -> Cu(s) , +0.34 V 

2Hp{f) + 2e- ->H,(g) + 20H (a 9 ). ^HjO/Hj =-0.83 V, 

Now since /Cu ^ (“ ~ C\i^^{aq) gets 

reduced to Cu( 5 ) more easily than Ufi{l) gets reduced to Hj(g). Thus the 
product obtained on cathode is Cu-metal and not Vf(g). 

Probable oxidation reactions on anode. SO^" (aq) ions do not undergo 
oxidation. H,0(/) and Cu( 5 ) (from anode) both undergo oxidation and give 
0,(g) and C\y"(aq) respectively. 

Hp(l) ->Oj(g) + 2H (a<?) + 2e-, =- 1-23 V 

Cu(s) (fromanode)- >C\i''(aq) + 2e\ £°^= 

Now since (=-0.34V)> £S,o, 0 :(=-' 23 V).Cu from anode is 

more easily oxidised to Cu^'(aq) ions. Thus the actual oxidation reaction taking 
place on anode is: 

Cu(s) (from anode)—> Cu’T't?) 2c' ^ -(i) 

C\i'\aq) ions formed as above combine with the available SOj" (u?) ions 
and form CuSO^( 5 ) around anode. 

Cu-'(aq) + S 04 ‘ (aq) -> CuSO,( 5 ) (around the anode) ...(i7) 

On adding equations (/) and (ii) we geU _ 

Cu(j) (from anode) + SO 4 "(at/)—^ CuSOj( 5 ) (around anode) +2e 

Above equation shows that it isCuSO^ which is formed on anode. This 
CuSO^ gets dispersed in solution. 

Above discussion shows that the electrolysis of aqueous solution ol 
CuSO with Cu electrodes, produces Cu-metal on cathode and CuSO^ around 
the anode 

7. Electrolysis of aqueous solution of AgNO, using inert 
electrodes. ^ 

AgNO,(u</), on being dissociated, gives Ag'(aq) and NOj(a^) ions. 
These 10 ns rnove towards their respective electrodes. 

AghiO,(aq) ^ Ag\aq) + NO,(a^) 

Since El^: ^^(= + 0.80 V) > £S^a,i, - « 83 V). \g'(^<^) >ons get 

reduced to Ag(s) more easily than HpU) geu reduced to H 2 (g). Thus on 
cathode Ag metal is obtained. 




Electrode Potentials and Their Applications 


ni 


Ag^aq) + -) Ugl.v) 1, = E'l ., = 0.80 V 

2H,0(/) + 2t'-—^HX?) + 20 H-Uk/), ff, =-0.83V 

Since the oxidation of N 03 («< 7 ) ion.s is not possible, HjO(/) gets oxi¬ 
dised to 0,(g) on anode. Thus on anode 0,(,e) is produced. 

2H,0(/)-> |0,(.e)| -h2H-(w/) + 2e- 

Above discussion shows that the prt)ducis obtained by the electrolysis 
of aqueous solution ol AgNO, with inert electrodes are Ag metal on cathode 
and 0 ,(g) on anode. 

8. Electrolysis of aqueous solution of AgNO, with Ag electrodes 
(active electrodes). 

Aqueous solution of AgNO^ undergoes dissociation and gives Ag*(aq) 
and N 03 (nr/) ions. These ions move towards their respective electrodes. 

AgNO,(r/r/) ?==i Ag*{aq) + NO 3 (aq) 

Probable reduction reactions on cathode. Ag*(qq) and H,0(/) both 
undergo reduction on cathode 

Ag'(aq) + e- -> Ag(.v) . = + 0.80 V 

2Hp(/) + 2e-->H,( 4 <) + 20H-(«^). £'h,o/ii, =-0.83 V, 

Now since (= 0.80 V) > (= -0.83 V), the reduction of 

Ag'(aq) iorS to Ag( 5 ) takes place more easily than that of HjO(/) to Hj(g). 
Thus in the electrolysis of aqueous solution of AgNO, Ag metal is deposited 
on cathode. 

Probable oxidation reactions on anode. NO^(ar/) ions do not undergo 
oxidation. Ufi{l) and Ag(i) (from anode) both undergo oxidation and give 
0 ,(g) and Ag*(aq) respectively. 

UpH) -> 0 ,(g) + 2 H‘(ag) + 2 e'-. f" = £," 0 / 0 , =-l-23V 

Ag(s) (from anode)-> Ag*iaq) + e". £'' = = - 0.80 V 

0 fi Ag/Ag* 

Now since ^Ag/Ag‘ (=-0.80V)> fujO/o, (=-1 23 V), silver from anode 
is more easily oxidi.sed to Ag*{aq) ions. Thus the actual oxidation reaction 
taking place on anode is: 

Ag( 5 ) (from anode)-» Ag‘(aq) + e' ...(/) 

Ag*(aq) ions formed as above combine with available NO^fa^) ions 
and form AgNOj(.v) around anode. 

AgTa<?) + NO^ffl^) -> AgNO,(s) (around the anode) ...(/7) 

On adding equations (/) and (ii) we get_ 

Ag( 5 ) (from anode)+ NO^fa^)-> AgNO,(.r) (around anode) + c 

Above equation shows that it is AgNOj which is formed on anode. This 
AgNOj gets dispersed in solution. 

Above discussion shows that the electrolysis of aqueous solution of 
AgNOj with Ag electrodes produces Ag metal on cathode artd AgNOj around 
the anode. 
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Summary 

The electrolysis of the electrolytes has been summarised in Table 22.3. 


Table 22.3. 

Electrolytes Products Products 

obtained on obtained bn 
cathode anode 

1. NaCl(molten) Na(/) Clj(^) 

2. NaCl(a^) (Pt-electrodes) H,(^) CC(^) 

3. CuClj(a9),CuBrj(a^)(Pt-electrodes) Cu(5) Cl^Cg), Br,(g) 

4. H,SO,(ag) HXt;) 

5. CuSO/a^)(Pt-electrodes) Cu(a) O^ig) 

6. CuSO^Cag) (Cu-electrodes) Cu(5) CuSO^ 

(around anode) 

7. AgNOj(a^) (Inert electrodes) Ag(i) Oj(g) 

8. AgN 03 (ag) (Ag-electrodes) Ag(5) AgNO^ 

(around anode) 


Sonfe Commercial Cells/Batteries 

A battery is an arrangement consisting ol two or more galvanic cells 
connected with one another in series. The battery is used as a source of direct 
electric current at a constant voltage. 

Characteristics of a battery. 

(i) It should be light in weight and compact in size. 

(li) The voltage ,of the battery- should not change much during its 
use. 

(lit) It should provide power for a longer period. 

(iv) It should be rechargeable. 

Types of batteries. 

Batteries/cells may be classified into three categories: (A) Primary cells 
(B) Secondary cells (C) Fuel cells. 

Primary Cells 

These are the cells in which the redox reaction is not reversible, i.e. redox 
reaction takes place only in one direction and hence cannot be reversed. As a 
result, after some time the cell reaction .stops and the cell becomes dead. For 
this reason, primary cells cannot be recharged or reused. Some common 
examples of primary cells are Daniell cell, dry cell and mercury cell. 

1. Daniell cell. 

This cell consists of a Cu-vessel containing a concentrated solution of 
CuSO^. A porous pot containing dil. HjSO„ is placed in the Cu-vessel which 
contains CuSO^ solution. A Zn-rod is dipped into dil. H^SO^. Zn-rod acts as 
anode and Cu-vessel acts as cathode. Electrode reactions and cell reactions 
are: 

Oxidation at anode: Zn(s)_OxiJanon 7.n'*{aq) -r 2e‘, ^ 2 .n/zn^^ ~ ^ 

Reduction on cathode: Cu^*{aq) + 2e~ — B^auctmn Cu(i), 


Cell reaction : Zn(.r) + Cu^*(aq) - > Cu(j) + Zn^*U'q) 
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Daniel! cell can be represented as; 

Zn( 5 ) I Zn^*^aq) || Cii^*(aq) | Cu(s) 

Anode Cathode 

e.m.f. of this cell = + ^Cu^VCu = O + 0-34 V = 1.11 V 

2. Dry cell. 

Dry cell is a compact form of Leclanche cell which consists of a cylindrical 
Zn-container. This container acts as anode. A graphite rod is placed in the 
centre but does not touch the base. This graphite rod acts as cathode. The 
space between the anode and cathode is so packed that Zn-container is filled 
with the paste of NH^Cl and ZnCl^ and graphite rod is surrounded by MnO^ 
powder and carbon. The graphite rod is fitted with a metal cap and the cylinder 
is sealed at the top with pitch. Zn container is covered with cardboard so that 
the container may be protected from the atmosphere. Reactions taking placed 
in the cell are: 

Oxidation ofZn(s) to Zn^*(aq) ions on anode. 

Zn(s)- ) Zn^*<aq) t le" ...(/) 

Reduction of MnOfs) to MnjOfs) on cathode. MnOj(s) (Mn = +4) is 
reduced to MnjOj( 5 ) (Mn = +3) 

2MnO/s) + HjO(/) + le' -» Mn,Oj( 5 ) + lOHfaq) ..{a) 

(Mn = +4) (Mn = +3) 

OHTa^) ions formed in reaction (a) combine with NH 4 ( 017 ) ions de¬ 
rived from NH^Cl to give NH,(g) 

2 X [OH-(a^) + NH; (a^)-» NH,(.?) + H,0(/)] ...(b) 

NHjfg) formed as above combines with ZnCl,(.r) to form the complex salt, 
[Zn(NH 3 ),Cy. 

2 NH 3 (g) + ZnCMi)-> IZn(NH 3 ),a] ...(c) 

If NH 3 (g) is not consumed by forming [Zn(NH 3 )jCy, it will develop 
pressure which cracks the seal of the cell. Net reduction reaction occuring on 
cathode is obtained by adding reactions (a), (b) and (c). Thus net reduction 
reaction is: 

2 Mn 03 + 2 NH; ( 09 ) + ZnCl^fs) + 2c--> Mn 303 ( 5 ) + H^Of/) 

(Mn = +4) (M'n = +3) 

+ (Zn(NH 3 )pj ...(ii) 

The formation of [Zn(NH 3 )jClj] lowers the concentration of free Zn^*(a< 7 ) 
ions and hence the voltage of the cell is increased. A dry cell has a voltage of 
about 1.5 V. 

Cell reaction is obtained by adding half-reaction (i) (oxidation half¬ 
reaction) and half-reacton (ii) (reduction half-reaction). Thus cell reaction 
is: 

Zn(5) + 2 NH; (a< 7 ) + 2 Mn 03 ( 4 ) + ZnClfs) -> Mn 303 ( 5 ) + Kpd) 

+ Ztf"(a 9 )-t-[Zn(NH 3 )Cl,] 

Dry cells are not really dry, since these contain wet paste of NH^Cl and 
ZnClj. In fact, a dry cell works as long as the paste in it is moist. Dry cells 
cannot be recharged. These cells donot have an indefinite life, since NH^Cl 
paste is acidic in nature and hence Zn-container dissolves in it slowly even 
when the cell is not being used. 
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3. Mercury cell. 

It is a tiny cell. It is encased in a stainless steel case with amalgamated Zn 
(a solution of Zn in liq. NHj) which acts as anode and a paste containing Hg 
and HgO which acts as cathode. A paste of KOH saturated with Zn(OH), acts 
as electrolyte. 

The reactions taking place on the two electrodes during disl^arge of the 
cell are: 

At anode: Zn(s) + 20H (aq) —^ Zn0(.v) + H,0(/) + 2e‘ 
(Amalgamated) 

At cathode: HgO(s) + HjO(/) + 2e' —^ Hg(/) + 20H (aq) 

Cell reaction: Zn(5) + HgO(5)-> ZnO(.v) + Hg(/) 

(Amalgamated) 

The cell reaction shows that since there is no change in the concentration 
of the electrolyte viz. KOH and the substances invok ed in the cell reaction are 
solids, the voltage of mercury cell remains constant equal to 1.34 V for 95% of 
its life time. This cell gives excellent perfonnance in heart pacemakers, heaming 
aids, light meters, digital watches etc. 

Secondary Cells 

These are the cells which can be recharged by passing electric current 
through them after every use. As a result, secondary cells can be used again 
and again for longer periods. In these cells, electrical energy is stored in the 
form of chemical energy. For this reason these cells are also called storage 
cells or accumulators. Lead-acid storage battery and nickel-cadmium cell 
are the examples of such cells. 

1. Lead-acid storage battery. 

This battery is frequently used in automobiles like cars, buses, trucks 
etc. A commercial form of a lead-acid storage battery consists of six or twelve 
lead-acid voltaic cells. Each cell gives an e.m.f. of 2 volts. Thus a lead-acid 
storage battery containing six cells will produce 2 x 6 = 12 V and having 12 cells 
will produce 2 x 12 = 24 V. 

In each voltaic cell, agrid (plate) of lead coated with finely-divided sjxrngy 
lead acts as anode (negative electrode) and a grid coated with red-brown PbO, 
acts as cathode (positive electrode). These electrodes are kept in alternate 
positions and are separated from each other by insulating material like thin 
wooden or fibre glass sheets. These are suspended in dil. H,SO^ which is 38% 
by mass or has density of 1.30 g. cnr^. H^SO, acts as electrolyte. The cell is 
represented as: 

Pb(i), PbSO,(i) I H,SO,(38%) 1 PbO,(5), Pb 
Anode Cathode 

(Negative electrode) (Positive electrode) 

Lead shown at cathode is not involved in cell reaction but only serves 
the purpose of an electrical contact. 

Reactions taking place on the two electrodes during discharge of the 
battery (i.e. when current is drawn from the battery) are: 
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Oxidation on Pb anode: Pb(i) (Pb = 0) is oxidised to PbSO/s) (Pb = +2) 

Pb(5)- )?h^*{aq) + 2e- 

?b^\aq) + SO^~ {aq) -»PbSO, (j) 

Pb(5)+ SO\~ {aq) _> PbSO^(5) + 2e- 
(Pb = 0) (Pb = +2) 

Reduction on PbO^ cathode: PbO,(5) (Pb = +4) is reduced to PbSO (5) 
(Pb = +2) ■ “ 

PbO,(5) + A\\\aq) + le- -> Pb'X"'?) + 2H,0 

_ Pb-‘(Q^/) + SO^ (aq) -> PbSO^(5) 

PbO,(5) + AW(aq) + SO^' (aq) + le' _ , PbSO/s) + 2 H 2 O 

(Pb = +4) (Pb = +2) 

Cell reaction is obtained by adding oxidation and reduction reactions 
(given above) taking place on anode and cathode respectively. Thus; 

Cell reaction: Pb(.5) + PbO,(.v) + AW(aq) + 2 SO^' (aq) -> 2PbSO/5) 


+ 2HjO 


or Pb(5) + PbO,(.v) + 2H^SO,(fl,?) —2PbSO/5) + 2Hp 

Cell reaction shows that when lead storage battery is discharged, H,SO 
is consumed. 


Recharging of the discharged battery/cell. Oxidation and reduction 
reactions taking place on anode and cathode respectively show that: 

(/■) Solid PbSO^ (white) is formed on both the electrodes, this solid 
PbSO_, gets deposited on both the electrodes; 

(ii) Due to the formation of H^O on cathode, the concentration of 
H,SO^ decreases and hence the acid becomes dilute. As a result, 
the density of the acid decreases to about 1.1 g.cm“^. 

When both the above things happen, the battery cannot produce elec¬ 
tricity, i.e. the cell ceases to work. Under these conditions we say that the cell 
is dead or has discharged. Thus the cell needs recharging. In order to recharge 
the discharged storage cell, direct current (dc) is passed through the discharged 
storage cell by connecting it with a dc source. The positive electrode (i.e. 
anode) of the storage cell is connected with the positive terminal of dc source 
and negative electrode (i.e. cathode) of the storage cell is connected with the 
negative terminal of dc Source. On passing the direct current through the 
discharged storage cell the following reactions take place on the two electrodes. 

Oxidation on positive electrode (anode). PbSO^(5) (Pb = +2) is oxidised 
toPbOj(5)(Pb = -i-4). - 

PbSO,(5) + 2Hp > PbOj(s) + 4H"(a9)+ SOl'(aq) +2e- 

(Pb = +2) (Pb = +4) 

Reduction on negative electrode (cathode). PbSO^(j) (Pb = -^2) is re¬ 
duced to Pb(s) (Pb = 0) 
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PbS0,(i) + 2e- > Pb(5)+ SOl~ (aq) 

(Pb = +2) (Pb = 0) 

Cell reaction is obtained by adding the above two half-reactions. Thus; 


Cell reaction: 2PbSO^(s) + 2HjO + Energy 


During recharging ^ 

of the acid discharged 
storage battery 


Pb(5) + PbO^f^) + AWlaq) + 2 SO 


2 - 

4 


or 2PbSO,(5) 2H,0 + Energy Pb(5) + PbO (i) 

storage battery + 2 H 2 SO^(a( 7 ) 

Cell reaction shows that PbSO^(s) is converted back into Pb(s) and PbOj(5). 
These materials again act as anode and cathode respectively. 

It may be noted that during discharging process the concentration of 
HjSO^ decreases while in charging process the concentration of H^SO^ in¬ 
creases. It may also be noted that when the storage battery is used to start the 
engine of automobiles (i.e. when the battery is being discharged), it acts as a 
voltaic cell and hence produces electric energy. On the other hand when the 
discharged battery is recharged, the battery acts as an electrolytic fell. Thus 
this cell has the ability to work both ways, to receive electrical energy and also 
to supply it. 

2. Nickel-cadmium (Nicad) cell. 

This cell is also called nickel-cadmium accumulator. This cell is also 
rechargeable. It consists of Cd anode and metal grid containing NiOj as cathode. 
These electrodes are immersed in KOH solution which act as electrolyte. 
Reactions taking place on the electrodes are: 

At anode: Cd(i) 20li-{.aq) .y Cd(0H),(5) + le' 

At catho de: NiQ^( 5 ) + 2H,O(0 + 2e- Reduction_^ Ni(OH),(.s) + 20H-(ag) 

Cell reaction: Cd(5) + NiOj(s) + 2HjO(/)- > Cd(OH)j(j) -t- Ni(0H)2(j) 

Since no gaseous products are formed during discharging and recharg¬ 
ing, this cell can be sealed. This cell has votage equal to 1.4 V. It has longer life 
than lead storage cell. The cell is expensive and hence is used in high cost 
equipments. The cell is becoming more and more popular these days and is 
being used in electronic watches and calculators. 

Fuel Cells 

The combustion of fuels like H^, CO, CH^ etc. is also a redox reaction. 
When this redox reaction (i.e. combustion of fuels) takes place, chemical energy 
is produced. The chemical energy produced in this manner can directly be 
converted into electrical energy in fuel cells. Thus fuel cells are the cells in 
which chemical energy nroduced by the combustion of fuels like Hj, CO, CH^, 
CjHg (propane), CHjOlTetc. is directly converted into electrical energy. 

Fuel + Oxygen —> Oxidation products + Electrical energy 

Characteristics (or advantages) of fuel cells. 

(0 Fuel cells donot cause pollution. The reactions taking place in 
fuel cells donot produce harmful or objectionable products. Hence 
these cells donot cause pollution. 



Electrode Potentials and Their Applications 


783 


(«) Fuel cells have high efficiency. The efficiency of fuel cells is 
approximately 70-75% which is much higher than that of conven¬ 
tional methods of converting chemical energy of a fuel into 
electncal energy. Conventional methods have efficiency approxi-' 
mately equal to 40%. ^ 


Thermodynamic efficiency (ti) of cell is given by; 

^ _ Electrical free energy produced (AG) AG 

Heat of combustion (AH) AH 

-nFE -229 kJ 


(Hi) Fuel cells are continuous source of energy. Unlike conventional 
cells, energy can be obtained from the fuel cell continuously so 
long as the supply of fuel is maintained. 

Examples of fuel cells: 

These are given given below: 


1 . Hydrogen-oxygen (H^O,) fuel ceU. This cell consists of porous carbon 
electrodes which contain suitable catalysts (e.g.Pt, Pd etc.) incorported in 
mem. Concentrated NaOH or KOH solution is placed between the electrodes. 
This solution acts as electrolyte. and gases are bubbled in KOH/NaOH 
. solution through the porous carbon electrodes. 

Electrode reactions are: 

Oxidation of H/gJ to Hp(l) on anode-. 

2HjO(g) + 40H-(a9) _ > 4HjO(/) + 4^, E^^ = 0.83 V 

(H = 0) {H = 41) 

Reduction of 0/g) to OHfaq) on cathode-. 

02 (g)+ 2Hp(/) +4c- ■■ Reduction ^ 40H-(a^), =040V 

(0 = 0 ) (0 = _ 2 ) 

Cell reaction-. 2H^(g) + ©^(g)-> 2H20(/), 

(H = 0) (0 = 0) (H = +l,0 = -2) 

e.m.f or = 0.83 V + 0.40 V = 1.23 V 

n s , theoretical value of £« „ is equal to 1.23 V. the actual value is 

0.8 to 1.0 V. The only product that is obtained in this cell is water. Usually a 
large nbmber of hydrogen-oxygen fuel cells are connected together in series to 
make a battery which is called fuel cell battery or simply fuel battery. 

Applications of (H/O^) fuel ceU: H^/O^ cell is used as auxiliaiy energy 
source in space vehicles (e.g. Apollo space craft), submarines ordther military 
vehicles. The weight of fuel battery sufficient for 15 days in space is 
approximately 250 kg. This may be compared to several tones that have been 
required for an engine generator set. The product of combustion viz. H O was 
used for drinking by astronauts. ^ 

2. Propane-oxygen (C,H^O,) fuel cell: Half-reactions and cell reaction 


are: 
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Oxidation on anode: - 6Hp(/) — 3CO,te) 

Reduction o n cathode: 50,(g)+20H\aq) + 20er—^ 10H,O(0 

'Cdh^r,: C^H.ig) + 50,(g) —> 3C0,{g) + 4Hp(0 ^ 

3. Methyl alcohol-oxygen (CH^OH/O,) fuel ceU: Half-reactions and 

'^""oZtion on anode: CH,OH(/). H^Of/) CO,(g). 6H>.) - 6. 
Reduction on cathode: \ OXg) + 6Wiaq) + 6e- Wp{l) 


Cell reaction: CHpH(/) + - 0,(g) CO^g) + 2Hp{r) 

Important Questions 

Oiipstion 1 What is the role of ZnCIjin a dry cell? . r 

Tnltr. On cathode of the dry cell, NH^fe) is produced by the action of 
OH-(a9) ' 0 "son ) ions. 

NHjCg) produced in the above reaction combines with ZnCl/s) to torm 

fZn(NHJ:Clj]- (g) + ZnCL(5)^[Zn(NH,)PjJ 

If NH (g) is not corfsumed by forming [Zn(NH,),Cl,]. this gas produces 

pressure which cracks the seal of the dry cell. 

^ nu<>«tion 2 Which type of cells are rechargeable. 

Answer Those cells fre rechargeable in which the product fomed dur- 

decomposed to give the original substances. 

Question 3. What is the electrolyte used in diy cell. 

Answer. Electrolyte used in a dry cell is a paste containign NH.Cl, ZnCl,, 

Wl,a ,Ite re<..on ,ha, a lead slarage balleo' can be re- 
PbSO*s7r/epo°“edLtaSlcS 

5.' Why a dry cell becomes dead afier a long lime even if il ha, 

no' ^ ^ „„ dead, even it it has not been This ^ 

becant ofthe fact Itat NH.Cl paste is acidic in natate and hence Zn.contain 

Answer Since the overall redox reaction taking place in the mercury cell 

does not involve any ion whose concentration may change, this cell gives 
constant value of its voltage throughout its life time. 
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